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1.1 

Introduction 


Practically in every general chemistry text- 
book, one can find a table presenting 
the Standard (Reduction) Potentials in 
aqueous solution at 25 °C, sometimes in 
two parts, indicating the reaction condi- 
tion: acidic solution and basic solution. 
In most cases, there is another table ti- 
tled Standard Chemical Thermodynamic 
Properties (or Selected Thermodynamic 
Values). The former table is referred to in 
a chapter devoted to Electrochemistry (or 
Oxidation - Reduction Reactions), while a 
reference to the latter one can be found 
in a chapter dealing with Chemical Ther- 
modynamics (or Chemical Equilibria). It 
is seldom indicated that the two types 
of tables contain redundant information 
since the standard potential values of a cell 
reaction ( E ^) can be calculated from the 
standard molar free (Gibbs) energy change 
(A G®) for the same reaction with a simple 
relationship 


E 


-e- _ 

cell 


— A 


nF 



( 1 ) 


where n is the charge number of the cell re- 
action, which is the stoichiometric number 
equal to the number of electrons trans- 
ferred in the cell reaction as formulated, 


F is the Faraday constant, K is the equi- 
librium constant of the reaction, R is the 
gas constant, and T is the thermodynamic 
temperature. However, is not the 

standard potential of the electrode reac- 
tion (or sometimes called half-cell reaction), 
which is tabulated in the tables mentioned. 
It is the standard potential of the reaction 
in a chemical cell which is equal to the 
standard potential of an electrode reaction 
(abbreviated as standard electrode poten- 
tial), E'®', when the reaction involves the 
oxidation of molecular hydrogen to sol- 
vated protons 

jH 2 (g) >H+(aq) + e- (2) 

The notation H + (aq) represents the 
hydrated proton in aqueous solution 
without specifying the hydration sphere. 
It means that the species being oxidized is 
always the H 2 molecule and E ^ is always 
related to a reduction. This is the reason 
why we speak of reduction potentials. In 
the opposite case, the numerical value 
of E ^ would be the same but the sign 
would differ. It should be mentioned that 
in old books, for example, in Latimer’s 
book [1], the other sign convention was 
used; however, the International Union 
of Pure and Applied Chemistry (IUPAC) 
has introduced the unambiguous and 
authoritative usage in 1974 [2, 3]. 



4 


1 Standard Potentials 


Although the standard potentials, at least 
in aqueous solutions, are always related to 
reaction (2), that is, the standard hydro- 
gen electrode (SHE) (see Ch. 18.3), it does 
not mean that other reference systems 
cannot be used or AG" 6 " of any electro- 
chemically accessible reaction cannot be 
determined by measuring cell potential, 
£cell> when both electrodes are at equi- 
librium. The cell as a whole is not at 
equilibrium (for if the cell reaction reaches 
its equilibrium then ii ce j2 = AG ce u = 0); 
however, no current flows through the ex- 
ternal circuit, with all local charge-transfer 
equilibria across phase boundaries (except 
at electrolyte -electrolyte junctions) and lo- 
cal chemical equilibria within phases being 
established. 

One may think that AG" 6 " and T" 6 " val- 
ues in the tables cited are determined 
by calorimetry and electrochemical mea- 
surements, respectively. It is not so; the 
way of tabulations mentioned serves prac- 
tical purposes only. Several “thermody- 
namic” quantities (AG 6 ! A// 6 , AS 6 " etc.) 
have been determined electrochemically, 
especially when these measurements were 
easier or were more reliable. On the other 
hand, is" 6 " values displayed in the tables 
mentioned have been determined mostly 
by calorimetric measurements since in 
many cases - owing to kinetic reasons, too 
slow or too violent reactions - it has been 
impossible to collect these data by using 
the measurement of the electric potential 
difference of a cell at suitable conditions. 
Quotation marks have been used in writ- 
ing “thermodynamic”, as is 6 " is per se also 
a thermodynamic quantity. 

In some nonaqueous solvents, it is nec- 
essary to use a standard reaction other 
than the oxidation of molecular hydro- 
gen. At present, there is no general 
choice of a standard reaction (refer- 
ence electrode). Although in some cases 


the traditional reference electrodes (e.g. 
saturated calomel, SCE, or silver/silver 
chloride) can also be used in organic sol- 
vents, much effort has been taken to find 
reliable reference reactions. The system 
has to meet the following criteria: 

1. The reaction should be a one-electron 
transfer. 

2. The reduced form should be a neu- 
tral molecule, and the oxidized form 
a cation. 

3. The two components should have large 
sizes and spherical structures, that 
is, the AG so i vat i on should be low and 
practically independent from the nature 
of the solvent (the free energy of ion 
transfer from one solution to the other 
is small). 

4. Equilibrium at the electrode must be 
established rapidly. 

5. The standard potential must not be too 
high so that solvents are not oxidized. 

6. The system must not change structure 
upon electron transfer. 

The ferrocene/ferrocenium reference 
redox system at platinum fulfills 
these requirements fairly well [4-6]. 
Another system which has been 
recommended is bis (biphenyl) chromium 
(0)/bis(biphenyl)chromium (+1) (BCr + 
/BCr) [5, 7]. Several other systems have 
been suggested, and used sporadically, 
such as cobaltocene/cobaltocenium, 
tris(2,2 , -bipyridine) iron (I)/tris(2,2 / - 
bipyridine) iron (0), Rb + /Rb(Hg), and 
so on. 

Ag/AgCl04 or AgNC>3 dissolved in 
the nonaqueous solvent is also fre- 
quently used. It yields stable potentials in 
many solvents (e.g. in CH3CN); however, 
in some cases its application is limited by 
a chemical reaction with the solvent. 

The tables compiled usually contain E 
values for simple inorganic reactions in 
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aqueous solutions mostly involving metals 
and their ions, oxides and salts, as well as 
some other important elements (H, N, O, 
S, and halogens). In special books (series), 
one can find E values for more compli- 
cated reactions, for example, with the par- 
ticipation of metal complexes, and organic 
compounds [8-13]. The last authoritative 
reference work (on the standard potential 
in aqueous solutions) [13] - which has re- 
placed the classic book of Latimer in this 
role - appeared in 1985. 

Many values of AG" 6 ", A//" 6 ", AS" 6 ", and 
E ^ found in these sources are based 
on rather old reports. The thermody- 
namic data have been continuously re- 
newed by the US National Institute for 
Standards and Technology (NIST, earlier 
NBS = National Bureau of Standards and 
Technology) and its reports supply reliable 
data, which are widely used by the scien- 
tific community [14]. The numerical values 
of the quantities have also been changed 
because of the variation of the standard 
states and constants. Therefore, it is not 
surprising that E 6 " values are somewhat 
different depending on the year of publi- 
cation of the books. Despite the - usually 
slight - difference in the data and their 
uncertainty, E " 9 " values are very useful for 
predicting the course of any redox reac- 
tions including electrode processes. In the 
next subchapter, a short survey of the ther- 
modynamic basis of the standard, formal, 
and equilibrium potentials, as well as the 
experimental access of these data, is given. 

1.2 

Thermodynamic Basis of the Standard, 
Formal, and Equilibrium Potentials 

In the tables of standard potentials, 
usually the equation of electrode (half-cell) 


reactions are displayed, for example, 

Mn0 4 _ (aq) + 8H + (aq) + 5e“ > 

Mn 2+ (aq) + 4H 2 0 E^ = 1.51V (3) 

or just an abbreviated form is used: 
E * (Mn0 4 -/Mn 2 +) = 1.51 V. The total 
chemical (cell) reaction formulated by 
neutral chemical species is 

2KMn0 4 (aq) + 3H 2 S0 4 (aq) + 5H 2 (g) 

= 2MnS0 4 (aq) + K 2 S0 4 (aq) + 8H 2 0 

(4a) 

or considering charged reacting and prod- 
uct species is 

2Mn0 4 “(aq) + 5H 2 (g) + 6H+ * 

2Mn 2+ (aq) + 8H 2 0 (4b) 

The peculiarity of the cell reaction is 
that the oxidation and the reduction pro- 
cesses are separated in space and occur 
as heterogeneous reactions involving a 
charge-transfer step at the anode and 
the cathode, respectively, while electrons 
move through the external circuit, that 
is, electric current flows until the reac- 
tion reaches its equilibrium. In galvanic 
cells, the electric current (I) is used for 
energy production. Technically it is pos- 
sible to measure the electric potential 
difference (E) between the electrodes or 
more exactly between the same metal- 
lic terminals attached to the electrodes 
even at the 1 = 0 condition (or by using 
a voltmeter of high resistance at / ~ 0). 
If the exchange current density (j Q ) of 
both charge-transfer reactions is high, each 
electrode is at equilibrium, despite the 
fact that a small current flows. There is 
no equilibrium at electrolyte -electrolyte 
junctions; however, in many cases this 
junction potential can be diminished to 
a small value (<1 mV). From this condi- 
tion, it follows that the accuracy of the 
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determination of E ^ values is limited 
to ca 0.1-1 mV, depending on the sys- 
tem studied. However, the experimental 
error of the calorimetric determination 
of AG -0 ", A Z/ 0 ) and A 5"°" in many cases 
is not much smaller. Especially, the rel- 
ative error in AS 1 * is high and the 
calculation of low temperature values is 
sometimes problematic. The thermody- 
namic quantities are usually given with 
an accuracy of 0.1-0.001%. For instance, 
AG 0 " = —477.2 kj moU 1 can be found 
for the formation of MnC> 4 ~ ions [12]. It 
should be taken into consideration that 
0.1 kj mol -1 is equivalent to 1 mV. In fact, 
the problem is not the possible accuracy 
of the measurement of heat (temperature) 
or voltage since pV or gj can be measured 
accurately. 

There are several theoretical and practi- 
cal difficulties regarding the determination 
of the exact values of the standard poten- 
tial, which will be pointed out below. 

1 . 2.1 

The Problem of the Initial and Final States 

The free energy functions are defined by 
explicit equations in which the variables 
are functions of the state of the system. 
The change of a state function depends 
only on the initial and final states. It 
follows that the change of the Gibbs free 
energy (AG) at fixed temperature and 
pressure gives the limiting value of the 
electrical work that could be obtained 
from chemical transformations. AG is 
the same for either the reversible or 
the explosively spontaneous path (e.g. 
H 2 + CI 2 reaction); however, the amount 
of (electrical) work is different. Under 
reversible conditions 

(5) 


Equation (5) shows the fundamental re- 
lationship between Gibbs free energy 
change of the chemical reaction and the 
cell potential under reversible conditions 
(potential of the electrochemical cell reac- 
tion) . 

The calculation of AG from the caloric 
data is straightforward, independent of the 
path, that is, whether the reaction takes 
place in a single step or through a series of 
steps by using Hess’s law and Nernst heat 
theorem [15-17]. Furthermore, we can 
calculate AG for the reaction of interest 
from the combination of other reactions 
involved for which the thermodynamic 
data are known. However, both the 
initial and final states in many cases 
are hypothetical. Even in the case of 
measurements executed very carefully and 
accurately, there might be problems in 
defining the states of the compounds, 
or even metals (!) that take part in the 
reaction. 

This is the situation not only for 
reactions in which many components 
are involved and the product distribution 
strongly depends on the ratio of the 
participants (e.g. in reaction (3), at lower 
acidity the product is not Mn 2+ (MnS 04 ) 
but MnC> 2 ; at higher acidity and KMnC >4 
concentration the oxidation of H 2 O to 
O 2 also occurs) but also for reactions 
which seem to be relatively simple. For 
instance, Ru 3+ in aqueous solutions exists 
in the form Ru(H 20 ) 6 3+ ; however, in 
the presence of HC1, the whole series 
of complex ions, [Ru m Cl„(H 20 ) 6 _„] 3_ ” 
has been identified in aqueous solutions, 
and polymerization, hydrolysis, as well as 
formation of mixed valence compounds 
occur during reduction to Ru 2+ [18-21]. 

Another example is the widely used 
PbC> 2 (s, cr)|PbS 04 (s, cr) reversible elec- 
trode, where s is for solid and cr is 


AG = —nFE ce 11 
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for crystalline. Cells containing this elec- 
trode can be used for the measurements 
of electromotive force (£mf ~ £ , ce n) °f 
high accuracy; however, the usual prepa- 
ration methods yield a two-phase mixture 
of tetragonal and orthorhombic Pb 02 (cr), 
with the tetragonal form predominat- 
ing [22]. This causes a variation in the E * 
values determined in different laborato- 
ries with 1 mV or more. An interesting 
problem has been addressed recently. In 
the last 20 years, new scanning probe tech- 
niques have been developed. With the help 
of the electrochemical scanning tunneling 
microscopy (ESTM), it is possible to han- 
dle metal clusters. It was found that for 
clusters containing n < 20 Ag atoms, the 
E ^ value determined was less by almost 
2 V than that obtained for the bulk metal. 
In fact, this is not surprising since ther- 
modynamic laws are valid only for high 
numbers of atoms, and the small clusters 
do not show the properties of a bulk metal, 
for example, there is no delocalization, and 
the band formation needs a large number 
of atoms. The effect was explained by the 
greater surface energy of small clusters 
compared to that of the bulk metal [23, 24]. 

1 . 2.2 

Standard States and Activities 


For ideal multicomponent systems, a sim- 
ple linear relationship exists between the 
chemical potential (p i) and the logarithm 
of the mole fraction of solvent and solute, 
respectively. 



the components, x\ is the mole fraction 
of component i, and pf is the hypotheti- 


cal standard state of unit mole fraction of 
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species i. Equation (6) is strictly valid only 
in the limit of infinite dilution in the case of 
solutions. In order to describe the behav- 
ior over the entire range of composition 
as a dimensionless quantity, the activity 
function (a;) has been introduced. The ac- 
tivity can be expressed on different scales 
depending on the choice of the composi- 
tion variable (mole fraction, molality, etc.) 
Mostly, the molality (moles of solute/1 kg 
solvent, mi = «i/r so i vent in mol kg -1 ) and 
the amount of concentration or, shortly, 
concentration (moles of solute /volume of 
solution, Ci = «i/V in molm -3 or mol 
dm -3 ) are used by electrochemists. The 
usage of molality is more correct because 
in this case, the possible volume change 
causes no problem; however, in the major- 
ity of the experiments in liquid phase there 
is no volume change, and c; is certainly 
more popular than m\. 

The deviation from the ideal behavior is 
described conveniently by a function called 
activity coefficient (}/;) 

a\ = Y\,m>n\lmf or a\ = Y\, c Ci/cf (7) 

For the gases (it is of importance for gas 
electrodes) 

a\ = fi/f* or a, = pj p ^ (8) 

where / is for the fugacity and p is for 
the pressure. Depending on the state of 
reference, the numerical value of ci[ will 
vary; however, its standard state should be 
chosen in such a way that p\ = pf~. 

1.2.3 

Electrolytes, Mean Activity 

Electrolytes contain ions in more or 
less solvated (hydrated) forms and sol- 
vent molecules; however, undissociated 
molecules or ion associations, and so on 
may also be present. The composition of 
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a solution containing one or more elec- 
trolytes can be described defining the mole 
ratio or any other concentration of each 
ionic species. Most of the formulae have a 
close resemblance to those of the nonelec- 
trolytes. There is, however, one important 
difference, namely, the concentrations of 
all the ionic species are not independent 
because the solution as a whole is elec- 
trically neutral. The electrical neutrality of 
the solution can be written as 

Y ZWi = 0 or Yj £iCi = 0 (9) 

i 

where zt is the charge number of ionic 
species i, which is a positive integer for 
cations and negative for anions. In fact, zi is 
the ratio of the charge carried by ion i to the 
charge carried by the proton. No solution 
of a strong (fully dissociated) electrolyte is 
even approximately ideal even at highest 
dilution at which accurate measurements 
can be made; the infinitely dilute solution 
constitutes an idealized limiting case. The 
activity of the ionic species i can be given as 

fli.c = YixCi/c^ or aim = 

( 10 ) 

However, only the mean activity (a±) 
or mean activity coefficient (y±) of an 
electrolyte can be determined by mea- 
surements, since in all processes, the 
electroneutral condition prevails. Note that 


the indefiniteness of the individual activ- 
ity coefficient is in connection with the 
impossibility of the determination of the 
single electrode potential. 

Mean activity coefficient of electrolyte B 
in solution is given by 


a± = exp 


(Mb -mb) 
vRT 


(ID 


where m b is the chemical potential of the 
solute B in a solution containing B and 
other species, and is the chemical 
potential of B in its standard state (see 
Table 1). A mole of the solute is defined in 
a way that it contains a group of ions of two 
kinds carrying an equal number of positive 
and negative charges - B = K^A^Z, and 
v = v + + V-, Sc; Vj = 0. It follows that 

a± = rig'' = {a v +a v S) 1 l v ( 12 ) 

and 

Y± = (Y+Y-) 1/v (13) 

1.2.4 

Electrochemical Potential, Calvani Potential 
Difference 


The chemical potential of an ionic species 
depends on the electrical state of the phase 
(P), that is, 


Mf = Mi^ - ZiFq> p (14) 


Tab. 1 Standard states of mixtures 


Solvent in solution The reference state is the pure solvent at the same temperature 

(^solvent = 1) At infinite dilution y S0 | V ent 1 

Solute i in solution The reference state is a hypothetical state atx, = 1 or 

m = 1 mol kg -1 or c = 1 mol dm~ 3 solution, that is, a state 
that has the activity that such a solution would have if it 
obeyed the limiting law. It is set by extrapolation of Henry’s 
law on the given basis. The temperature and pressure are the 
same as those of the solution under consideration. 
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where fi\^ is the electrochemical potential 
of ion i in phase f, and <p& is the inner 
potential of phase f. 

It should be emphasized that the 
decomposition of Ai into a chemical (m) 
and an electrical (ci Ftp) component is 
arbitrary from strict thermodynamic point 
of view. 

The general condition of equilibrium of 
a species i between phases a and ft is 

Af = Af (15) 

The electrical potential difference (Gal- 
vani potential difference) 


can be measured only when the two phases 
have identical composition, for example, 
between two terminal copper wires (Cu, 
Cu’) attached to the electrodes. 


the temperature function of the heat ca- 
pacities (C p = (3///9T) p = T (35 , /3T)p). 
However, the magnitude of T AS is often 
small, compared to that of AG and AH, 
and the relative error in A S determined 
in this way can be large. On the other 
hand, if accurate measurements of E mf 
are made over a range of temperatures, the 
temperature coefficient of £ ce u provides 
a more accurate value of AS. (dE ce [\dT) 
values are determined under conditions 
when the temperature of the whole cell is 
varied, that is, both electrodes are at the 
same temperature (isothermal cell). It is 
possible to keep the reference electrode at 
room temperature; however, in this case, 
the Seebeck effect (electromotive force in 
a thermocouple) appears. It is another ex- 
ample that thermodynamically - without 
further assumptions, simplifications, and 
conventions - only the whole cell (cell re- 
action) can be treated and interpreted. 


~ Cu' - Cu 
<pCu _ ^Cu' = ffe !fe_ 


= E t 


cell : 


£mf 


1 . 2.6 

The Dependence of the Potential of Cell 
(27) Reaction on the Composition 


where e is for the electron. 

1.2.5 

Calculation of E^ from Calorimetric Data 
and AC®, AH'®, AS® - from Electrochemical 
Measurements 


By combining Eq. (1) with the Gibbs- 
Helmholtz relation we obtain 


A = 


-nF 




(18) 


A 5"®= nF 


3 E 


cell 


dT 



(19) 

AH can be determined calorimetrically, 
so as to obtain the value of AS from 


If the stoichiometric equation of the cell 
reaction is 


EE< A i =0 < 20) 

a i 

where A; is for the components and a for 
the phases 


AG = EE« (21) 

a i 

At equilibrium between each contacting 
phases for the common constituents 

EE«=0 (22) 

a i 

If we consider a cell without liquid 
junction - which in fact is nonexistent, 
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through the effect of the liquid junction 
potential can be made negligible - 

AG = EE = -«^£cell (23) 

a i 

It follows that (for the sake of simplicity, 
the indication of phases further on is 
neglected) 

1 „ RT 

£cell = -Eviln a\ 

n r n b 

RT 

= E f e H -Svilnai (24) 

n F 


If the reference electrode is the SHE 



(25) 


It has been mentioned that E° ^ = E ^ 
when the reference system is the oxida- 
tion of molecular hydrogen to solvated 
(hydrated) protons. The standard elec- 
trode potential of the hydrogen electrode 
is chosen as 0 V. Thermodynamically it 
means that not only the standard free 
energy of formation of hydrogen (/x^) 
is zero - which is a rule in thermody- 
namics (see Table 2) - but also that of 
the solvated hydrogen ion /x^ + = 0!. (The 
old standard values of were cal- 
culated using p^= 1 atm = 101325 Pa. 
The new ones are related to 10 5 Pa (1 
bar). It causes a difference in the po- 
tential of the SHE of + 0.169 mV, that 

Tab. 2 Standard states of pure substances 


is, this value has to be subtracted from 
the £” 6 ' values given previously in dif- 
ferent tables. Since the large majority of 
the ZT 6 " values have an uncertainty of at 
least 1 mV, this correction can be ne- 
glected.) When all components are in their 
standard states («; = 1 and p () = 1 bar) 
£ ce j[ = = E^. However, a; is not 

accessible by any electrochemical mea- 
surements, and only the mean activity can 
be determined. The cell represented by the 
cell diagram 

Cu(s) | Pt(s) | H 2 (g) | HCl(aq) | AgCl(s) | Ag(s) 

|Cu(s) (26) 

p = 1 bar c = 1 mol dm -3 

is usually considered a cell without liquid 
junction. It is not entirely true, since the 
electrolyte is saturated with hydrogen and 
AgCl near the Pt and Ag|AgCl electrodes, 
respectively. In order to avoid the direct 
reaction between AgCl and H 2 , a long 
path is applied between the electrodes, or 
the HC1 solution is divided into two parts 
separated by a diaphragm. 

In this case, the cell reaction is as follows 

AgCl + iH 2 < » Ag + Cl“ + H+ 

(27) 

From Eq. (24) 

„ RT , 

2^ cell — ^Ag/AgCl _ y (28) 


Solid Pure solid in most stable form at p"®" = 1 bar (100 kPa) and the specified 

temperature (T) (usually T = 298.1 5 K) the standard free energy of 
formation for any element is zero. 

Liquid Pure liquid in most stable form at p^ = 1 bar and T. 

Gas Pure gas at unit fugacity; for ideal gas, fugacity is unity at p'°~ = 1 bar and 

T (f = p for ideal gas). 


The activity of a pure solid or pure liquid at p'®~ = 


1 bar is equal to 1 at any temperature. 
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where a H +a Q - = a\ = (y±c H ci/ c ^) 2 = 
(K±«hci/»*^) 2 

1.2.7 

Determination of the Standard Electrode 
Potential (E" 9 ) from Electrochemical 
Measurements 

Considering Eq. (28) we may write 

RT A A 

^cell + 2 — In m HC1 / m = £ Ag/AgC1 

RT , 

~2— lny± (29) 

F 

The value of the standard potential 
can be determined by measuring £ ce u at 
various HC1 concentrations and then by 
extrapolation to /mhcI — ► 0, where y± —*■ 
1 , E ^ can be obtained. 

In dilute electrolytes, where the Debye- 
Huckel limiting law prevails, 

lgK± = Cl (30) 

where A is a constant. 

Taking into account Eq. (30), we may 
rewrite Eq. (29) in the form 

RT A A 

£cell + 2 — In /«HCl / m = ^Ag/AgCl 

RT 

+ 2 —AJm H a ( 31 ) 

In this way, a more accurate ex- 
trapolation to m?hc1 0 can be made 

RT 

from the £ ce u + 2 In /mhci/ ot ^ versus 

F 

^V m HCl Plot. 

1 . 2.8 

Determination of E^from Thermodynamic 
Data 

With the help of the calorimetric method, 
AG fr , A Z/ 9 ) and AS'' 9 " can be determined 
for a given reaction, which is formulated 
in such a way that the participating species 


are electrically neutral compounds and not 
ions in solution. From other techniques 
(e.g. mass spectrometry), the formation of 
an ion in gaseous state can be obtained. 
However, in the latter case the solvation 
(hydration) energy of the individual ions 
present in the solution is inaccessible, 
since only the heat of hydration of an 
electrolyte can be measured. 

For a simple metal, dissolu- 
tion/deposition 

M+(aq) + lH 2 2 » M(s) + H+(aq) 

(32) 

In accordance with Eq. (25), the forma- 
tion of the chemical potential of the hy- 
drated ion, M + (aq), can be determined as 

£ cdl = E *~ (33) 

since = 0. However, /x^j + cannot be 
considered as the standard chemical poten- 
tial of M + ion. It may be called the standard 
chemical potential of formation of this ion, 
since ju is related to the formation of the 
hydrated hydrogen ion, and was taken 
as zero, arbitrarily. When we want to cal- 
culate Z? 9 " from thermodynamic data, it is 
necessary to set up equilibrium between 
the ions and the substance whose standard 
values are known. This is most often the 
solubility equilibrium. 

M v+ A v _(s) < > v + M + (aq) + v_A“(aq) 

(34) 

For the equilibrium of a solid electrolyte 
and its saturated solution, one can write 


Mma(s) = vju± = MMA(aq) (35) 


K s = exp 


^M A ( S > ~ £ - V ~^A 

RT 


V+ V_ 

a M “A 

(«V 


(36) 



12 


7 Standard Potentials 
The solubility product is 

*sp = CmX (37) 


and therefore, 


K* 


K, 


(c 9 ) 


SP Yl 


(38) 


The standard Gibbs energy of reaction 
(34) is 

AG^ = -RTlnK s (39) 


and the entropy change can be obtained by 
the temperature dependence of K s . 


1.2.9 

The Formal Potential (£° ) 

Beside and E 9 , the so-called for- 

mal potentials, £° ell and E° , are fre- 
quently used. The purpose of defining 
formal potentials is to have a “condi- 
tional constant’’ that takes into account the 
activity coefficients and side reaction coef- 
ficients (chemical equilibria of the redox 
species), since in many cases, it is impos- 
sible to calculate the resulting deviations 
because neither are the thermodynamic 
equilibrium constants known, nor is it 
possible to calculate the activity coeffi- 
cients. Therefore, the potential of the cell 
reaction and the potential of the elec- 
trode reaction are expressed in terms of 
concentrations 

„/ RT 

£ cen = £ c °ell c -^Sv i ln^ (40) 
ceu,L nF c ^ 

fj RT Ci 

E = E° C -—Tv iln^f (41) 

n F c 

where 

£ c°ell,c = E ctll - ln ki (42) 

„/ a RT 

E° c = E 9 - — Si-ilnpi (43) 

nF 


when SHE is the reference electrode 
(n H + = (pn 2 / P 9 ) = !)• Equation (41) is 
the well-known Nernst equation 


,, RT , ncl™ 
E° + In — 7t~t 

c nF -c 


(44) 


where tt is for the multiplication of the 
concentrations of the oxidized (ox) and 
reduced (red) forms, respectively. The 
Nernst equation provides the relation- 
ship between the equilibrium electrode 
potential and the composition of the elec- 
trochemically active species. Note that the 
Nernst equation can be used only at equi- 
librium conditions. The formal potential is 
sometimes called as conditional potential 
indicating that it relates to specific condi- 
tions (e.g. solution composition), which 
usually deviate from the standard con- 
ditions. In this way, the complex or 
acid-base equilibria are also considered, 
since the total concentrations of oxidized 
and reduced species considered can be de- 
termined, for example, by potentiometric 
titration; however, without a knowledge of 
the actual compositions of the complexes 
(see our example inSect 1.2.1.). In the case 
of potentiometric titration, the effect of the 
change of activity coefficients of the elec- 
trochemically active components can be 
diminished by applying inert electrolyte 
in high concentration (almost constant 
ionic strength). If the solution equilibria 
are known from other sources, it is rel- 
atively easy to include their parameters 
into the respective equations related to 
E° . The most common equilibria are the 
acid-base and the complex equilibria. In 
acid media, a general equation for the pro- 
ton transfer accompanying the electron 
transfer is 


Ox + ne + m H + 5: 


E 


o’ 

c 


and 


± H m Red (m_n)+ 
(45) 
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H,„Red (m “" )+ < » H m _iRed (m_n_1)+ 

+ H+ K a i (46) 

H m _ 1 Rfid (m -"- 1)+ 

H„, _ 2 Red (m _ 2)+ + H+ £ a2 

(47) 

and so on. For m = n = 2 
E = E°' 

+ RT In ( C ° x 1 + ^ a1 ° H+ + fl H+ \ 

nF \ c red £ a i K - a 2 J 

(48) 

The complex equilibria can be treated 
in a similar manner; however, one should 
not forget that each stability constant (Kj) 
of a metal complex depends on the pH and 
ionic strength. 

The simplest and most frequent case is 
when metal ions (M z+ ) can be reduced to 
the metal, which means that all the ligands 
(£ p_ ) will be liberated, that is, 


ML (z-™)+(aq) + ze~ = M(s) + vL p “(aq) 

(49) 

In this case, the equilibrium potential is 
as follows: 


E = 


E 


o' 

c,ML/M 


RT , cml 

In— — 

zF c, y 


(50) 


where cml and cl are the concentrations of 
the complex and the ligand, respectively, 
and £° M l/m is the formal potential of 
reaction (49). Under certain conditions 
(cm+ <5C cl), the stability constant (. K ) of 
the complex and v can be estimated from 
the equilibrium potential E versus In cl 
plot by using the following equation: 


E = E 0 ' In A' —Inc, 1 ’ (51) 

c zF zF L 

Amalgam formation shifts the equilib- 
rium potential of a metal (polarographic 


half-wave potential, £’ 1 / 2 ) into the direc- 
tion of higher potentials owing to the 
free energy of the amalgam formation 
(AG ama l). 


E =E 


o' 

c 


f AG ara al\ 

V nF ) 


+ 



In (c M +/c M ) (52) 


£ 1/2 = E°’ 


/ AG ara al \ 

V »F ) 


+ 



In cm (sat) 


(53) 


where cm (sat) is the saturation concen- 
tration of the metal in the mercury. It 
is assumed that ang is not altered, and 
D n .,i = D ox , where D ie< j and D ox are the 
respective diffusion coefficients. 

In principle, £° can be determined 
by the widely used electroanalytical tech- 
niques (e.g. polarography, cyclic voltam- 
metry [25]). The combination of the tech- 
niques is also useful. It has been 
demonstrated recently where potentiom- 
etry, coulometry, and spectrophotometry 
have been applied [26], The case of the 
cyclic voltammetry is examined below. 


1 . 2.10 

The Determination of E° by Cyclic 
Voltammetry 

Cyclic voltammetry has perhaps become 
the most popular electroanalytical, elec- 
trochemical technique [23, 27], and many 
reports have appeared in which £° val- 
ues were determined in this way. How- 
ever, reliable formal potentials can be 
determined only for electrochemically re- 
versible systems [28]. For any reversible 
redox system - provided that the electrode 
applied is perfectly inert, that is, there are 
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no chemical side reactions, no oxide for- 
mation etc. - the diagnostic criteria are as 
follows: 

1. the peak currents are equal, 

/pa = /pc (54) 

I p is proportional to the square root of 
the scan rate. 

2. the difference of the peak potential, 

RT 57 

£pa — £pc — 2.218 — — 

nF n 

mV at 298 K (55) 

and the peak potentials are independent of 
the scan rate v, 


A special case is when the electrochem- 
ically active components are attached to 
the metal or carbon (electrode) surface 
in the form of mono- or multilayers, 
for example, oxides, hydroxides, insol- 
uble salts, metalloorganic compounds, 
transition-metal hexacyanides, clays, zeo- 
lites containing polyoxianions or cations, 
intercalative systems. The submonolayers 
of adatoms formed by underpotential de- 
position are neglected, since in this case, 
the peak potentials are determined by 
the substrate -adatom interactions (com- 
pound formation). From the ideal surface 
cyclic voltammetric responses, E° can also 
be calculated as 


3. 


\E p -E v/2 \ = 2.218^ (56) 

nF 


where £ p /2 is measured at half of the peak 
current, 7 p /2. 

Since 


n' 7? T * v ^ 

E vc = E° r - 1.1 In 

p c nF 2 nF 




1/2 


//red / 

(57) 


£ pa = E°' + 1.1 


n F 2 nF \ £> re( j ) 


(58) 

where D ox and £> re( j are the diffusion 
coefficient of the respective species, it 
follows 


E°' = 0.5(£ pa + Ep C ) (59) 


E°' = £ pa = £ pc (60) 


Other diagnostic criteria for the ideal 
surface responses are as follows: 


/pa — /pc 

n 2 F 2 

/ D = ATv 

p ART 


and 


A£p,i/2 = 3.53- 


t RT 

nF 


(61) 

(62) 

(63) 


where A£ p ,i /2 is the total width at half- 
height of either the cathodic or anodic 
wave, r is the apparent surface coverage of 
the electroactive species, A is the surface 
area, v is the scan rate, and 7 p is the 
respective peak current. 


It must be emphasized again that the 
mid-pealc potential is equal to E° for a 
simple, reversible redox reaction when 
neither any experimental artifact nor ki- 
netic effect (ohmic drop effect, capacitive 
current, adsorption side reactions, etc.) 
occurs, and macroscopic inlaid disc elec- 
trodes are used, that is, the thickness of the 
diffusion layer is much higher than that of 
the diameter of the electrode. 


If L » (2 Dt) 1/2 (64) 

where L is the layer (film) thickness, D is 
the charge transport diffusion coefficient, 
and t is the timescale of the experiment; 
instead of a surface response, a regular dif- 
fusional behavior develops, and therefore 
Eqs (57-59) can be applied. 

The interactions within the surface layer 
can also affect the surface response; 
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however, even so, E°' can be derived 
in many cases, since only AEp i /2 will 
change. 

Nevertheless, the mid-peak potentials 
determined by cyclic voltammetry and 
other characteristic potentials obtained 
by different electroanalytical techniques 
(such as pulse, alternating current, or 
square wave voltammetries) supply valu- 
able information on the behavior of the 
redox systems. In fact, for the major- 
ity of redox reactions, especially for the 
novel systems, we have only these values. 
(The cyclic voltammetry almost entirely re- 
placed the polarography which has been 
used for six decades from 1920. How- 
ever, the abundant data, especially the 
half-wave potentials, £ 1 / 2 , are still very 
useful sources for providing informa- 
tion on the redox properties of different 
systems.) 
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Over the last 20-30 years not too much 
effort has been made concerning the 
determination of standard potentials. It 
is mostly due to the funding policy 
all over the world, which directs the 
sources to new and fashionable research 
and practically neglects support for the 
quest for accurate fundamental data. A 
notable recent exception is the work 
described in Ref. 1, in which the stan- 
dard potential of the cell Zn(Hg) x (two 
phase) | ZnSC >4 (aq) | PbSC >4 (s) | Pb(Hg) v (two 
phase) has been determined. Besides the 
measurements of electromotive force, de- 
terminations of the solubility, solubility 
products, osmotic coefficients, water activ- 
ities, and mean activity coefficients have 
been carried out and compared with the 
previous data. The detailed analysis reveals 
that the uncertainties in some funda- 
mental data such as the mean activity 
coefficient of ZnS0 4 , the solubility prod- 
uct of Hg 2 S0 4 , or even the dissociation 
constant of HS0 4 _ can cause uncertain- 
ties in the values as high as 3-4 mV. 
The author recommends this comprehen- 
sive treatise to anybody who wants to go 
deeply into the correct determination of 
values. 

There are only a few groups that 
deal with the study of the thermody- 
namics of the electrochemical cell. Be- 
sides Ref. 1, it is appropriate to mention 


Refs 2, 3, where the medium effects 
on M v Hgi_ A |MCl or MCl 2 |AgCl|Ag cells 
(M = Rb, Cs, Sr, Ba) were investigated, 
and Ref. 4, in which the influence of 
the activity of the supporting electrolyte 
on the formal potentials of ferrice- 
nium/ferrocene and decamethylferrice- 
nium/decamethylferrocene systems were 
studied with the help of the following cell: 

Ag|AgCl0 4 or TBAC10 4 (CH 3 CN) or 
(H20)|poly[Ru(vbpy)3(Cl0 4 )„]|Pt, where 
vbpy is 4-methyl-4' -vinyl-2, 2'-bipyridine 
and TBA is tetra-«-butylammonium ion. 

This chapter gives a selected compilation 
of the standard and other characteristic 
(formal, half-wave) potentials, as well as 
a compilation of the constant of solu- 
bility and/or complex equilibria. Mostly, 
data obtained by electrochemical mea- 
surements are given. In the cases when 
reliable equilibrium potential values can- 
not be determined, the calculated values 
(calcd) for the most important reactions are 
presented. The data have been taken exten- 
sively from previous compilations [5-13] 
where the original reports can be found, 
as well as from handbooks [13-16], but 
only new research papers are cited. The 
constant of solubility and complex equilib- 
ria were taken from Refs 6-11, 13, 17-21. 
The oxidation states (OSs), ionization ener- 
gies (IEs) (first, second, etc.), and electron 
affinities (EAs) of the elements and the 
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hydration enthalpy of some ions ( A//hydr) 
calculated on the basis of A//j ly( j r (Cs + ) = 
A#hydr (I - ) are also given. With the sym- 
bol of elements, the atomic number (lower 
index) and the mean relative atomic mass 
(upper index), the values that correspond 
either to the current best knowledge (IU- 
PAC 2005) of the elements in natural 
terrestrial sources or to the mass number 
of the nuclide with the longest half-life, are 
also indicated. The electrode reactions and 
equilibria are organized according to the 
positions of the elements in the periodic 
table, starting from hydrogen and group 
1 to group 18, including lanthanides and 
actinides [22, 23]. 


2.1 

Group 1 Elements 

Hydrogen ( 100 ^H, \H), OS: +1, 0, -1; 
IE: 1312 lcj mol -1 ; EA: -72.77 kj mol- 1 . 
A#hydr = — 1090 kj mol -1 . 

H + /V 2 H 2 couple 

H+(aq) + e - > |H 2 (g) 

E^= 0.000 V 

The standard potential of the hydrogen 
electrode is taken as zero at all tempera- 
tures by convention [24, 25]. H does not 
refer to isotopically pure hydrogen JH 
but to a mixture of |H, and 2 H (deu- 
terium, 2 014 D) at the levels of natural 
abundance (99.985% of }H and 0.015% 
of 2 H). H 2 molecules possess nuclear spin 
isomers (ortho and para forms) that have 
significantly different physical and chem- 
ical properties. At ambient temperature, 
the equilibrium mixture is 3 : 1 for \ H 2 
(ortho to para) and 2 : 1 for 2 H 2 . The 
para form becomes predominant below 
200 K. 


Taking into account the ionization 
constant of water (K w = « H +a OH -) at 
298.15 K, the equilibrium potentials can 
be calculated with the help of the Nernst 
equation at different pH values. Since 
K w = 1.008 x 10 -14 at ph 2 = 1 bar. 

^h+/H 2 = —0-414 V(pH 7) (1) 

£ h+/H 2 = -°- 828 V(pH 14) (2) 

At pH > 0, the Hammett acidity func- 
tion (H 0 ) [26, 27] can be used to estimate 
£ h+/H 2 : 

RT , RT 

E = T" ™ fl H + = — ET 
F F 

RT 

In y±c H + = - — H 0 (3) 

F 

The other strategy to determine the 
dependence of the equilibrium potential 
of any redox reaction on the hydrogen 
ion activity is the use of relative hydrogen 
electrode (RHE); that is, a hydrogen 
electrode immersed in the same solution. 
If the peak potential does not shift as a 
function of pH, it means that the hydrogen 
ion activity is involved in the same way 
as that characteristic of the hydrogen 
electrode (simple e - , H + reaction). From 
the magnitude of the shift of £ p values, a 
conclusion can be drawn for the number 
of hydrogen ions accompanying the redox 
transformations of the species (e.g. 2e - , 
H+; e - , 2H+). 

The equilibrium potential can be mea- 
sured by using inert metals (£ m+/m > 
£’ h +/h 2 ) and the exchange current den- 
sity (j 0 ) for reaction H + + e - < > jH 2 , 

which is higher than 10 -4 A cm -2 . Be- 
sides Pt, Ir, Os, Pd, Rh, and Ru may be 
used. Because of the dissociative adsorp- 
tion of H 2 molecules at these metals, no 
overpotential is needed to cover the rather 
high (431 lcj mol -1 ) H— H bond energy. 
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On the other hand, the metal-hydrogen 
atom bond energy is not too high; there- 
fore, it does not hinder the desorption 
process. 

In aqueous solution, the potential win- 
dow of stability of water is 1.23 V when 
pu 2 = p 0l . However, at many electrodes, 
the hydrogen and oxygen evolution are ki- 
netically hindered; therefore, it is possible 
to achieve a higher cell potential. Typical 
examples are Hg and Pb, in which log 
(y'o/Acm -2 ) = —11.9 and —12.6, respec- 
tively. 

D+/V 2 D 2 couple 

Since the properties (e.g. dissoci- 
ation energy, solvation enthalpy) of 
2 H(D) substantially differ from those of 
}H, it is expected that the equilibrium 
potential under the same conditions will 
be different. The estimated value for the 
reaction is given as follows: 

D+(aq) + e“ > jD 2 (g) 

E^ = -0.013 V (calcd) 

7 2 H 2 /H~ couple 

jH 2 (g) + e“ » H-(aq) 

= -2.25 V (calcd) 

Solubility of H 2 in 100 g water at 1 bar 
and 20 °C is 1.75 x 10 -4 g. 

Lithium ( 6 94 |Li), OS: +1, 0; IE: 
520.2 kj mol” 1 . A H hydl = -515 kj mol- 1 . 

Li + (aq) + e“ > Li(s) 

£* = —(3.04 ± 0.005)V 

Li+(aq) + e- + (Hg) * Li(Hg) 

E\/2 = -2.34 V 

Lithium intercalation in graphite 
(1 mol dm -3 LiAsF6, ethylenecarbonate: 


dimethylcarbonate 1 : 3) [28] 

LiC 7 2 + Li + + e~ ^ 2LiC 3 6 

£°' = 0.218 V versus Li/Li+ 

4LiC 2 7 + 5Li + + 5e“ > 9LiCi 2 

£°' = 0.128 V 

LiCi 2 + Li + + e~ ^ 2LiC6 

E°' = 0.086 V 

Solubility equilibrium: 

Li 2 C0 3 * 2Li+ + C0 3 2- 

K sp = 3.1 x 10 _1 

Sodium ( 229 ^Na), OS: +1, 0; IE: 

495.8 kj mol -1 . A /L^ydr = —405 kj mol -1 . 

Na + (aq) + e“ > Na(s) 

E^= — 2.714(±0.001) V 

Na+(aq) + e“ + (Hg) > Na(Hg) 

E 1/2 = -2.10 V 

Solubility equilibrium: 

NaHC0 3 » Na+ + HC0 3 “ 

A: sp = 1.2 x 10“ 3 

Potassium ( 39 0 ^K), OS: +1, 0; IE: 

418.8 kj mol- 1 . A H hydl = -321 kj mol -1 . 

K+(aq) + e“ > K(s) 

E^= -(2.924 ±0.001)V 

K+ + e“ + (Hg) > K(Hg) 

Ei /2 = -2.13 V 
Solubility equilibria: 

KC10 4 > K+ + C10 4 “ 

A: sp = 8.9 x 10“ 3 

K 2 PtCl 6 > 2K+ + PtCle 2- 

K sp = 1.4 x 10“ 6 
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Rubidium ( 854 ^Rb), OS: +1, 0; IE: 
403 kj mol -1 . A//hydr = —296 kj mol -1 . 

Rb + (aq) + e - > Rb(s) 

E^= - (2.924 ± 0.001 )V 

Rb+(aq) + e - + (Hg) > Rb(Hg) 

E 1/2 = -2.12 V 

Solubility equilibrium: 

RbCl0 4 > Rb+ + Cl0 4 - 

K s p = 3.8 x 10 -3 

Cesium ( 132 - 993 Cs), OS: +1, 0; IE: 
375.7 kj mol -1 . A H hydv = -263 kj mol -1 . 

Cs + (aq) + e - Cs(s) 

E^= -(2.923 ±0.001)V 

Cs+(aq) + e - + (Hg) > Cs(Hg) 

E 1/2 = -2.09 V 

Solubility equilibrium: 

CsCl0 4 ^ Cs + + C10 4 - 

K s p = 3.2 x 10 -3 

Francium ( 223 g 2 Fr) 

No data are available 

2.2 

Group 2 Elements 

Beryllium ( 9012 4 Be), OS: +2, (+1), 

0; IE: 899, 1757.1 kj mol -1 . A H hjdl = 
—4038 kj mol -1 . 

Be 2+ (aq) + 2e - Be(s) 

E^ = —1.97 V (calcd) 

Be 2+ (aq) + 2e - + (Hg) > Be(Hg) 

E 1/2 ~ -1.8 V 


Solubility equilibrium: 

Be(OH) 2 > Be 2+ + 20H - 

K sp = 2.7 x 10 -1 ° 

Magnesium ( 24 - 39 2 Mg), OS: +2, (+1), 
0; IE: 737.7, 1450.7 kj mol -1 . A H hjdl = 
— 1922 kj mol -1 . 

Mg 2+ (aq) + 2e - Mg(s) 

E^= -2.356 V (calcd) 

Mg(OH) 2 (s) + 2e - > 

Mg(s) + 20H - (aq) 

E^= -2.687 V (calcd) 

Mg 2+ (aq) + e - > Mg + (aq) 

E*= -2.657 V (calcd) 

Mg(OH) 2 (s) + 2H 2 0 + 4e - > 

MgH 2 (aq)+40H - (aq) 

E* = -1.663 V (calcd) 

Mg 2 +(aq) + 2e - + (Hg) > Mg(Hg) 

£i /2 ~ -2.53 V 

Solubility equilibria: 

Mg(OH) 2 (s) > Mg 2+ + 20H - 

K s p = 1.5 x 10 -11 

MgNH 4 P0 4 > Mg 2+ + NH 4 P0 4 2- 

K sp = 2.5 x 10 -12 

MgC 2 0 4 » Mg 2+ + C 2 0 4 2- 

K sp = 8.6 x 10 -5 

MgF 2 » Mg 2+ + 2F - 

K sp = 6.4 x 10 -9 

Calcium ( 40028 Ca), OS: (+4), +2, 
(+1), 0, -2; IE: 589.8, 1145.4 kj mol -1 . 
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A H hydr = -1616 kj mol -1 . 

Ca 2+ (aq) + 2e - » Ca(s) 

E^= —(2.84 ± 0.01)V 

Ca(OH) 2 (s) + 2e - > 

Ca(s) + 20H - (aq) 

E*= -3.026 V 

Ca 2+ (aq) + 2e - + (Hg) > Ca(Hg) 

E° = -(2.000 ± 0.003) V 
(Ei /2 = -1.974 V) 

Solubility equilibria: 

Ca(OH) 2 » Ca 2+ + 20H - 

K sp = 7.9 x 10 -6 

CaC0 3 > Ca 2+ + C0 3 2- 

K sp = 3.8 x 10 -9 

CaC2C>4 • H 2 O * 

Ca 2+ + C2O4 2- + H 2 0 
K s p = 2.3 x 10 -9 

CaSC>4 • 2H2O > 

Ca 2+ + SO4 2- + 2H 2 0 
K s p = 2.4 x 10 -5 

CaCr04 Ca 2+ + CrC>4 2- 

K sp = 7.1 x 10 -4 

Ca(H 2 P0 4 ) 2 > Ca 2+ + 2H 2 P0 4 - 

K sp = 1.0 x 10 -3 

Ca 3 P0 4 > 3Ca 2+ + 2P0 4 3- 

K sp = 1.0 x 10 -25 

CaF 2 > Ca 2+ + 2F - 

K sp = 3.9 x 10 -11 

Strontium ( 87 | 2 Sr), OS: +2, 0; IE: 549.5, 
1064.2 kj mol -1 . 

Sr 2+ (aq) + 2e - 


E^= —(2.89 ± 0.01)V 

Sr(OH) 2 (s) + 2e - * 

Sr(s) + 20H - (aq) 

E^= -2.99 V 

Sr 2+ (aq) + 2e - + (Hg) > Sr(Hg) 

E° = -1.901 V 

Solubility equilibria: 

Sr(OH) 2 • 8H 2 0 > 

Sr 2+ + 20H - + 8H 2 0 
K s p = 3.2 x 10 -4 

SrC0 3 » Sr 2+ + C0 3 2- 

K s p = 9.4 x 10 -1 ° 

SrCr04 > Sr 2+ + Cr04 2- 

A'gp = 3.6 x 10 -5 

SrS0 4 » Sr 2+ + S0 4 2- 

^p = 2.8 x 10 -7 

Barium ( 137 322 Ba), OS: +2, 0; 

IE: 503, 965.2 kj mol -1 . AH hydr = 

— 1339 kj mol -1 . 

Ba 2+ (aq) + 2e - ^ Ba(s) 

£” e ‘ = —(2.92 ± 0.01)V 

Ba(OH) 2 (s) + 2e - * Ba(s) + 20H - (aq) 

E^= -2.99 V 

Ba 2+ (aq) + 2e - + (Hg) > Ba(Hg) 

E° = -1.717 V 
(£1/2 = -1.694 V) 

Solubility equilibria: 

BaS0 4 > Ba 2+ + SO4 2- 

K s p = 1.1 x 10 -1 ° 

Ba(OH) 2 • 8H 2 0 > 

Ba 2+ + 20H - +8H2O 
K s p = 5 x 10 -3 


■> Sr(s) 
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BaC0 3 » Ba 2+ + C0 3 2- 

K sp = 8.1 x 10 -9 

BaCr 04 * Ba 2+ + Q-O 4 2- 

K sp = 2.0 x 10 -10 

BaF 2 > Ba 2+ + 2F - 

K s p = 1.7 x 10 -6 

Radium ( 2260234 Ra), OS: +2, 0; IE: 509.3, 
979 kj mol -1 . 

Ra 2 + (aq) + 2e - ^ Ra(s) 

£*= -2.916 V (calcd) 

Ra 2 + (aq) + 2e - + (Hg) > Ra(Hg) 

£ 1/2 ~ -1.85 V 

Solubility equilibrium: 

RaS0 4 > Ra 2+ + S0 4 2- 

K s p = 4.2 x 10 -15 

2.3 

Group 3 Elements 

Scandium ( 44 ' 933 Sc), OS: +3, 0; IE: 631, 
4258 (I + 11 + III) kj mol -1 . 

Sc 3 + (aq) + 3e - » Sc(s) 

E^= -2.03 V 

Sc 3 + (aq) + 3e - + (Hg) > Sc(Hg) 

E\/2 = -1.51V 

Sc(OH) 3 (s) + 3e - » Sc(s) + 30H - (aq) 

E*= -2.60V 

Solubility and complex equilibria: 

Sc(OH ) 3 » Sc 3+ + 30H - 

^=4x 10 -31 

Sc 3 + (aq) + F - (aq) > ScF 2 + (aq) 


K = 1.2 x 10 ; 

ScF 2 + (aq) + F - (aq) ^ ScF 2 + (aq) 

K = 6.5 x 10 5 

ScF 2 + (aq) + F - (aq) ^ ScF 3 (aq) 

K = 3.0 x 10 4 

ScF 3 (aq) + F - (aq) > ScF 4 - (aq) 

K = 7 x 10 2 

Yttrium ( 88938 Y), OS: +3, 0; IE: 617, 3760 
(I + 11 + III) kj mol -1 . 

Y 3 + (aq) + 3e - > Y(s) 

E^ = -2.37 V (calcd) 

Y 3 +(aq) + 3e - + (Hg) » Y(Hg) 

E\/2 ~ -1.6 V 

Solubility equilibrium: 

Y(OH) 3 (s) > Y 3+ (aq) + 30H - (aq) 

K sp = 3.2 x 10 -25 

Lanthanum ( 138 - 993 La), OS: +3, 0; IE: 
538, 3457 (I + II + III) kj mol -1 . A H hydl 
(La 3+ ) = -3235 kj mol -1 . 

La 3 + (aq) + 3e - > La(s) 

E* = -2.38 V 

La 3 + (aq) + 3e - + (Hg) > La(Hg) 

E\/2 = -1.76 V 

Solubility equilibrium: 

La(OH ) 3 » La 3+ + 30H - 

^sp = 2x 10 -22 

Cerium ( 14011 ®Ce), OS: +4, +3, 

0; IE: 534, 1047, 1940 kj mol -1 . 

A// hydr (Ce 3+ ) = -3370 kj mol -1 . 
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Acidic solutions 

Ce 4+ (aq) + e“ » Ce 3+ (aq) 

E^= 1.72 V 

(1 mol dm -3 HCIO4) 

Ce 3+ (aq) + 3e“ > Ce(s) 

E^= -2.34 V 

Ce 3+ (aq) + 3e“ > Ce(s) 

E° = —3.065 V versus Ag|AgCl 
(.r = 10 -3 )KCl— LiCl eutectic 
melt, 700 °C [29] 

Ce 3+ (aq) + 3e“ + (Hg) > Ce(Hg) 

E\/2 = -1.73 V 
Basic solutions 

Ce02(s) + e _ + 2H2O > 

Ce(OH) 3 + OH“(aq) 

£* = -0.7 V 

Ce(OH) 3 + 3e“ * Ce(s) + 30H“(aq) 

E^ = -2.78 V 
Solubility equilibria: 

Ce0 2 (s) + 2H 2 0 > 

Ce 4+ (aq) + 40H~(aq) 

K sp = lx 10“ 63 

Ce(OH) 3 » Ce 3+ + 30H“ 

K sp = 7.9 x 10“ 23 

Ce 2 (C 2 04)3 > 2Ce 3+ + 3C 2 0 4 2 “ 

K s p = 2.5 x 10 -29 

Praseodymium ( 140 ' 9 5gPr), OS: +4, 

+3, 0; IE: 522, 1018, 2090 kj mol -1 . 

A//hydr(Pr 3+ ) = -3413 kj mol” 1 . 

Pr 4+ (aq) + e“ > Pr 3+ (aq) 

E* = 3.2 V(calcd) 


Pr 3+ (aq) + 3e > Pr(s) 

E*= -2.35 V 

Pr 3+ (aq) + 3e“ + (Hg) > Pr(Hg) 

£1/2 = -1.71V 

Pr 3+ (aq) + 3e“ + (Cd) A . » Pr(Cd) t 

£° = 0.561 V versus 
Pr (III) /Pr coexisting two 
phases: Pr Cd n and Cd, LiCl— KCl 
melt 673 °C [30] 

Pr 3+ (aq) + 3e“ + (Bi) v > Pr(Bi) v 

E° = 0.741 V versus 

Pr (III) /Pr coexisting two phases: 

PrBi and PrBi 2 , 673 °C [30] 

Neodymium ( 144 'j-()Nd), OS: +4, +3, 
+2, 0; IE: 530, 1034, 2128 kj mol -1 . 
A// h y dr (Nd 3+ ) = -3442 kj mol -1 . 

Nd 4+ (aq) + e“ > Nd 3+ (aq) 

E^= 4.9 V (calcd) 

Nd 3+ (aq) + e“ » Nd 2+ (aq) 

E^ = -2.6 V (calcd) 

Nd 3+ (aq) + 3e“ > Nd(s) 

E* = -2.32 V 

Nd 3+ (aq) + 3e“ + (Hg) > Nd(Hg) 

E 1/2 = -1.68 V 

Solubility equilibrium: 

Nd 2 (C 2 0 4 )3 * 2Nd 3+ + 3C 2 0 4 2 “ 

K s p = 5.9 x 10“ 29 

Promethium (^ 144 ' 91 gjPm), OS: +3, 
0; IE: 536, 1052, 2140 kj mol -1 . 
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A//hydr(Pm 3+ ) = -3478 kj mol -1 . 

Pm 3+ (aq) + 3e - > Pm(s) 

E*= -2.29 V 

Samarium ( 150 g 2 Sm), OS: +3, +2, 0; IE: 
542, 1068, 2285 kj mol” 1 . A// hydr (Sm 3+ ) 
= —3515 kj mol -1 . 

Sm 3+ (aq) + e - » Sm 2+ (aq) 

E*= -1.55 V 
(£1/2 = -1.44 V) 

Sm 3+ (aq) + 3e - > Sm(s) 

E^= -2.30 V 

Sm 3+ (aq) + 3e - + (Hg) » Sm(Hg) 

E 1/2 = -1.73 V 

Europium ( 151 ' 9 ® 4 Eu), OS: +3, +2, 0; IE: 
547, 1085, 2425 kj mol -1 . A// hydr (Eu 3+ ) 
= —3547 kj mol -1 . 

Eu 3+ (aq) + e - > Eu 2+ (aq) 

E^= -0.35 V 
(E x , 2 = -0.39 V) 

EuC 1 6 3- + e - * Eu 2+ + 6C1 - 

E° = —0.971 V versus Ag|AgCl 
(. x = 9.4 x 10 -3 )NaCl— KC1 melt [31] 

Eu 3+ (aq) + 3e - > Eu(s) 

E*= -2.99 V 

Eu 3+ (aq) + 3e - + (Hg) > Eu(Hg) 

Ex/2 = -2.23 V 

Gadolinium ( 157 '^Gd), OS: +3, 0; IE: 
595, 1172, 1999 kj mol -1 . A/Z hydr (Gd 3+ ) 
= —3571 kj mol -1 . 

Gd 3+ (aq) + 3e - > Gd(s) 


£*= -2.28 V 

Gd 3+ (aq) + 3e - + (Hg) > Gd(Hg) 

Ex, 2 = -1.68 V 

Terbium ( 158 - 925 Tb), OS: +4, +3, 0; IE: 
569, 1112, 2122 kj mol -1 . Atf hydr (Tb 3+ ) 
= —3605 kj mol -1 . 

Tb 4+ (aq) + e - » Tb 3+ (aq) 

E*= 3.1 V(calcd) 

Tb 3+ (aq) + 3e - » Tb(s) 

E^= -2.31 V 

Tb 3+ (aq) + 3e - + (Hg) > Tb(Hg) 

Ex/2 = -1.65 V 

Dysprosium ( 162 '66°E>y), OS: +4, +3, 
+2, 0; IE: 567, 1126, 2230 kj mol -1 . 
A// hydr (Dy 3+ ) = -3637 kj mol -1 . 

Dy 4+ (aq) + e - » Dy 3+ (aq) 

E^ = 5.4 V (calcd) 

Dy 3+ (aq) + e - > Dy 2+ (aq) 

E+ = -2.5 V 

Dy 3+ (aq) + 3e - > Dy(s) 

Z?" 6 " = -2.29 V 

Holmium ( 164 ' 930 Ho), OS: +3, 0; IE: 574, 
1139, 2221 kj mol -1 . A// hydr (Ho 3+ ) = 
—3667 kj mol -1 . 

Ho 3+ (aq) + 3e - > Ho(s) 

E* = -2.33 V 

Ho 3+ (aq) + 3e - + (Hg) > Ho(Hg) 

Ex/2 = -1.61V 

Erbium ( 167239 Er), OS: +3, 0; IE: 581, 
1151, 2207 kj mol -1 . Atf hydr (Er 3+ ) = 

—3691 kj mol -1 . 
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Er 3+ (aq) + 3e » Er(s) 

E*= -2.32 V 

Er 3+ (aq) + 3e“ + (Hg) > Er(Hg) 

E\/2 = -1.60 V 

Thulium ( 168934 Tm), OS: +3, +2, 0; IE: 
589, 1163, 2305 kj mol” 1 . A// hydr (Tm 3+ ) 
= —3717 kj mol -1 . 

Tm 3+ (aq) + e - > Tm 2+ (aq) 

E^= -2.3 V 

Tm 3+ (aq) + 3e - > Tm(s) 

E^= -2.32 V 

Tm 3+ (aq) + 3e - + (Hg) ^ Tm(Hg) 

E V 2 = -1.57 V 

Ytterbium ( 17394 Yb), OS: +3, +2, 0; IE: 
603, 1175, 2408 kj mol -1 . Atf hydr (Yb 3+ ) 
= -3739 kj mol -1 . 

Yb 3+ (aq) + e - > Yb 2+ (aq) 

E^= -1.05 V 
(£i /2 = -1.13 V) 

Yb 3+ (aq) + 3e - » Yb(s) 

E* = -2.22 V 

Yb 3+ (aq) + 3e - + (Hg) > Yb(Hg) 

E 1/2 = -1.73 V 

Lutetium ( 174 ^ 7 Lu), OS: +3, 0; IE: 513, 
1341, 2054 kj mol -1 . A// hydr (Lu 3 +) = 

— 3760 kj mol -1 . 

Lu 3+ (aq) + 3e - Lu(s) 

E^= -2.30 V 

Lu 3+ (aq) + 3e - + (Hg) 

Ey 2 = -1.54 V 


Actinium ( [227 0271 Ac), OS: +3, 0; IE: 4284 
(I + II + III) kj mol -1 [32], 

The IE of all the actinides are estimated 
values based on the dependence of E^ on 
IE [32], 

Ac 3+ (aq) + 3e - ^ Ac(s) 

E^= -2.15 V 

Solubility equilibrium: 

Ac(OH ) 3 » Ac 3+ + 30H - 

K s p = 1.26 x 10 -21 

Thorium ( 232 0381 Th), OS: +4, (+3), 0; 
IE: 3628 (I + II + III) kj mol -1 . 

Th 4+ (aq) + 4e - * Th(s) 

E* = -2.56 V 

Th 4+ (aq) + e - > Th 3+ (aq) 

E^= -3.8 V 

Solubility equilibrium: 

Th(OH) 4 > Th 4+ + 40H - 

K sp = 2.5 x 10 -49 

Protactinium ( 231 03 g 8 Pa), OS: +5, +4, 
+3, 0; IE: 568 kj mol -1 

PaOOH 2+ (aq) + e - + 3H+ 

> Pa 4+ (aq) + 2H 2 0 

£*= -0.1 V 

Pa 4+ (aq) + 4e - > Pa(s) 

E*= -1.46 V 

Pa 4+ (aq) + e - > Pa 3+ (aq) 

E* = -1.4 V 

Uranium ( 238 0289 U), OS: +6, +5, +4, 
+3, 0; IE: 5023 (I + II + III) kj mol -1 . 


* Lu(Hg) 
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U0 2 2+ (aq) + e“ * U0 2 +(aq) 

E^= 0.16 V 

U0 2 +(aq) + e“ + 4H+ > 

U 4+ (aq) + 2H 2 0 
E^= 0.38 V 

U 4+ (aq) + e“ > U 3+ (aq) 

£' e '= -0.52 V 

U 3+ (aq) + 3e“ > U(s) 

E*= -1.66 V 

E° = —1.283 V versus Ag|AgCl 
(1 wt % - AgCl) (LiCl-KCl 
eutectic salt, 450 °C) [33] 

Solubility equilibrium: 

U(OH) 3 > U 3+ + 30H“ 

K sp = 6.31 x 10“ 23 

Neptunium ([ 237 048 ^]qp) ; OS: +7, +6, 
+5, +4, +3, 0; IE: 4853 (I + II + III) 
kj mol^ 1 . 

Np0 3 +(aq) + e“ + 2H+ > 

Np0 2 2+ (aq) + H 2 0 
E* = 2.04 V 

Np0 2 2 +(aq) + e“ * Np0 2 +(aq) 

E*= 1.24 V 

Np0 2 +(aq) + e“ + 4H+ > 

Np 4+ (aq) + 2H 2 0 
£‘ e '= 0.66 V 

Np 4+ (aq) + e“ > Np 3+ (aq) 

E*= 0.18 V 
Np 3+ (aq) + 3e“ - 


E° = —1.484 V versus Ag | AgCl 
(LiCl-KCl eutectic salt, 450 °C) [33] 

Solubility equilibrium: 

Np(OH) 3 > Np 3+ + 30H“ 

K s p = 3.99 x 10 -23 

Plutonium ([ 2440642 ]p u ) ; OS: +7, +6, +5, 
+4, +3, 0; IE: 4531 (I + II + III) kj mol -1 . 

Pu0 2 2+ (aq) + e“ » Pu0 2 + (aq) 

E^= 1.02 V 

Pu0 2 + (aq) + e _ + 4H + > 

Pu 4+ (aq) + 2H 2 0 
E*= 1.04 V 

Pu 4+ (aq) + e~ > Pu 3+ (aq) 

E^= 1.01 V 

Pu 3+ (aq) + 3e“ ^ Pu(s) 

E*= -2.0 V 

E° = —1.593 V versus Ag|AgCl 
(LiCl-KCl eutectic salt, 450 °C) [33] 
or £°' = -1.571 V [34] 

Pu 05 3- + H 2 0 + e“ > 

Pu0 4 2- + 20H“(aq) 

E°' = 0.95 V (1 mol dm -3 NaOH) 
Solubility equilibrium: 

Pu(OH) 3 > Pu 3+ + 30H“ 

^ sp = 2.5 x 10 -23 

Americium (' 24! '°^Am), OS: +6, +5, +4, 
+3, +2, 0; IE: 4405 (I + II + III) kj mol -1 . 

Am0 2 2+ (aq) + e“ ^ Am0 2 + (aq) 

E^= 1.6 V 


E^= -1.79 V 


■> Np(s) 
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Am02 + (aq) + e + 4H + » 

Am 4+ (aq) + 2H 2 0 
E*= 0.82 V 

Am 4+ (aq) + e“ > Am 3+ (aq) 

= 2.62 V (calcd) 

Am 4+ (aq) + 4e“ > Am(s) 

E^ = -0.9 V 

Am 3+ (aq) + 3e“ > Am(s) 

= -2.07 V 

Am 24 + 2e“ > Am(s) 

E° = —1.642 V versus Ag|AgCl 
(LiCl-KCl eutectic salt, 450 °C) [33] 

Curium (^ ^Cm), OS: (+4), +3, 0; IE: 
4424 (I + II + III) kj mol -1 . 

Cm 4+ (aq) + e“ > Cm 3+ (aq) 

E^ = 3.1 V (calcd) 

Cm 3+ (aq) + 3e“ > Cm(s) 

E 44 = -2.06 V (calcd) 

Berkelium ( [247 g 21 Bk), OS: (+4), +3, 0; 
IE: 4513 (I + 11 + III) kj mol- 1 . 

Bk 4+ (aq) + e“ > Bk 3+ (aq) 

£- 0 -= 1.67 V 

£°' = 1.54 V (1 M HC10 4 ), 

1.37 V (1 M H 2 S0 4 ) 

B1c 3+ (aq) + 3e“ » Bk(s) 

E* = -2.0 V (calcd) 

Californium (^ 251 ' 0 gg Cf), OS: (+4), +3, 
+2, 0; IE: 4646 (I + II + III) kj mol -1 . 


E^= 3.2 V (calcd) 

Cf 3+ (aq) + e“ > Cf 2+ (aq) 

E^ = -1.6 V 

Cf 3+ (aq) + 3e“ > Cf(s) 

E* = -1.91V 

Cf 2+ (aq) + 2e“ > Cf(s) 

E^= -2.1V 

Einsteinium (^ 252 '°gg Es), OS: (+4), +3, 
+2, 0; IE: 4531 (I + II + III) kj mol -1 . 

Es 4+ (aq) + e“ > Es 3+ (aq) 

E^ = 4.5 V (calcd) 

Es 3+ (aq) + 3e“ > Es(s) 

E* = -1.98 V 

Es 3+ (aq) + e~ * Es 2+ (aq) 

E*= -1.5 V 

Fermium (^ joo Em), OS: (+4), +3, 0; 
IE: 4598 (I + II + III) kj mol- 1 . 

Fm 4+ (aq) + e“ > Fm 3+ (aq) 

E^= 5.2 V (calcd) 

Fm 3+ (aq) + 3e _ > Fm(s) 

E*= -2.07 V 

Fm 3+ (aq) + e“ > Fm 2+ (aq) 

E^= -1.15 V 

Fm 2+ (aq) + 2e“ > Fm(s) 

E^ = -2.37 V 

Mendelevium (^'^Md), OS: +3, +2, 
0; IE: 4973 (I + II + III) kj mol -1 . 

Md 3+ (aq) + 3e“ » Md(s) 


Cf 4+ (aq) + e 


■> Cf 3+ (aq) 


E^= -1.74 V 
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Md 3+ (aq) + e“ » Md 2+ (aq) 

E' e '= -0.15 V 

Nobelium ( [258 ^No), OS: +3, +2, 0; IE: 
5526 (I + 11 + III) lcj mol -1 . 

No 3+ (aq) + 3e“ * No(s) 

E* = -1.26 V 

No 3+ (aq) + e“ » No 2+ (aq) 

E* = 1.4 V 

No 2+ (aq) + 2e~ > No(s) 

E^= -2.5 V 

Lawrencium (I 262 !^] Lr), OS: +3, 0; IE: 
4479 (I + 11 + III) kj mol -1 . 

Lr 3+ (aq) + 3e“ > Lr(s) 

E^= -2.1 V(calcd) 

2.4 

Group 4 Elements 

Titanium ( 47 - 8 gTi), OS: +4, +3, +2, (+1), 
0; IE: 658 kj mol” 1 . 

Acidic solutions 

Ti0 2+ (aq) + e“ + 2H+ » Ti 3+ (aq) 

E* = 0.1 V(calcd) 

2Ti0 2 (s) + 2e“ + 2H+ » 

Ti 2 0 3 (s) + H 2 0 

(both oxides are unhydrated) 

E* = -0.556 V (calcd) 

Ti 3+ (aq) + e“ » Ti 2+ (aq) 

E^= —2.3 V (calcd) or 
E* = -0.37 V (calcd) 

Ti 3+ (aq) + 3e“ > Ti(s) 


E^= -1.209 V (calcd) 

Ti 2+ (aq) + 2e“ > Ti(s) 

E^= -1.628 V (calcd) 

Ti(s) + e“ + H+ » TiH(s) 

E* = -0.65 V (calcd) 

Ti(s) + 2e“ + 2H+ > TiH 2 (s) 

E^ = -0.45 V (calcd) 

TiF6 2 ~(aq) + 4e“ » Ti(s) + 6F“(aq) 

E 0 = -1.19 V (calcd) 

TiF 4 (s) + 4e“ > Ti(s) + 4F“(aq) 

E* = -0.89 V (calcd) 

[Ti (i? - C 5 H 5 ) 2 ] 2+ (Cr) 2 aq) + e“ > 

[Ti( ? ? - C 5 H 5 ) 2 ] + Cr(aq) + CHfaq) 

E°' = -0.44 V£°' = -0.63 V 
versus Ag + /Ag (DMF, 

0.1 M TEAP) 

Basic solution 

2Ti0 2 (s) + 2e“ + H 2 0 > 

Ti 2 0 3 (s) + 20H“(aq) 

E*= -1.38 V (calcd) 

Standard potentials are calculated val- 
ues. The electrochemical measurements 
have supplied contradictory values. This 
is mainly due to the formation of ox- 
ides and hydride films on the Ti surface, 
which causes it to behave as a noble 
metal. Titanium dissolves rapidly only 
in HF. 

Zirconium (^-^Zr), OS: +4, +3, +2, 
+1,0; IE: 661 kj mol -1 . 

Zr 4+ (aq) + 4e“ > Zr(s) 

E^ = -1.55 V (calcd) 



Zr0 2 (s) + 4e“ + 4H+ * 

Zr(s) + 2H 2 0 

E' q -= -1.45 V(calcd) 

Solubility equilibrium: 

Zr(OH) 4 » Zr 4+ + 40H“ 

K sv ~ 1 X 10“ 56 

Hafnium ( 17849 Hf), OS: +4, +3, +2, +1, 
0; IE: 681 kj mol” 1 . 

H^+faq) + 4e“ » Hf(s) 

£- 0 '= —1.7 V (calcd) 

Hf0 2 (s) + 4e“ + 4H+ > 

Hf(s) + 2H 2 0 

E*= -1.57 V (calcd) 

The experimental determination of 
E ^ values is hindered by the forma- 
tion of surface oxides and polymeric 
species with oxo and hydroxo bridges 
in the solution. Hydrolysis practically al- 
ways takes place even in strongly acidic 
media. 

Rutherfordium ( 261 |q 4 Rf) 

No data are available. 

2.5 

Group 5 Elements 

Vanadium ( 50 ' 941 V), OS: +5, +4, +3, +2, 
0; IE: 650 kj mol- 1 . 

V0 2 +(aq) + e“ + 2H+ » 

V0 2+ (aq) + H 2 0 

E*= 1.0 V 

H 2 Vi 0 O 28 4 ^(aq) + 10e“ + 24H+ » 

10VOOH+(aq) + 8H 2 O 
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E^= 0.723 V 

V 2 0 5 (s) + 2e“ + 6H+ » 

2V0 2+ (aq) + 3H 2 0 
E^= 0.958 V 

V0 2+ (aq) + 2H+ + e“ > 

V0 3+ (aq) + H 2 0 
£*= 0.337 V 

V 4 0 9 2 -(aq) + 4e~ + 6H+ > 

2V 2 0 3 (s) + 3H 2 0 
£" e "= 0.536 V 

V 3+ (aq) + e“ » V 2+ (aq) 

E^ = -0.255 V 

V 2+ (aq) + 2e“ > V(s) 

E^= -1.13 V 

V 5+ (aq) + e“ V 4+ (aq) 

E°' = 1.02 V (1 M HC1) 

E°’ = 1.02 V (1 M HC10 4 ) 

E°' = 1.0 V(1 M H 2 S0 4 ) 

V 4+ (aq) + e~ » V 3+ (aq) 

E°' = 0.36V (1 M H 2 S0 4 ) 

V 3+ (aq) + e~ > V 2+ (aq) 

E°' = -0.267V (1 M HCl) 

[V (?7 — C 6 H 5 ) 2 ] 2+ (Cl0 4 -) 2 (aq) 

+ e" > [V(i? - C 6 H 5 ) 2 ] + Cr(aq) 

+ Cl - (aq) 

E°' = -0.32V (0.1 M HC10 4 ) 

ai-[As 2 VWi 7 0 62 ] 7 - + e“ > 

a 1 -[As 2 VW 17 0 62 ] 8 - 
E° = 0.575 V versus 
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SCE (saturated calomel electrode) 
SCE (pH 7) [35] 

ai-[PVW 17 0 62 ] 7 “ + e" > 

ai -[Pvw 17 o 62 f- 
E° = 0.506 V versus 
SCE (pH 7) [35] 

l,2,3-[As 2 Mo 2 VWi 5 0 62 f“ + e - > 

1,2,3-[As 2 Mo 2 VWi 5 0 62 ] 8 “ 

E° = 0.489V versus 
SCE (pH 7) [35] 

a 2 -[H 4 PVWi 7 0 62 ] 8 - + e - > 

a 2 -[H 4 PVWi 7 0 62 ] 9 - 
E° = —0.291V versus 
SCE (pH 7) [35] 

E° values of several other Dawson- 
type V-substituted polyoxometalates can be 
found in Ref. 35 and the citations therein. 

Selected equilibria: 

V 2 0 5 (s) + 2H+ » 2V0 2 + + H 2 0 

K = 3.42 x 10 -2 

10VO 2 + + 8H 2 0 » 

H 2 Vi 0 O 28 4 “ + 14H+ 

K = 1.8 x 10 -7 

V0 2 2+ + H 2 0 > VOOH+ + H+ 

K = 4.4 x 10 -6 

V 2 0 3 (s) + 6H+ > 2V 3+ + 3H 2 0 

K = 1.56 x 10 13 

V 3+ + H 2 0 » VOH 2+ + H+ 

K = 1.17 x 10 -3 

VO(s) + 2H+ » V 2+ + H 2 0 

10 


Uncertainties concerning the nature of 
the hydrolyzed and associated species call 
forth uncertainties in E^ values. 

Niobium ( 929 “Nb), OS: (+7), +5, +4, 
+3, +2, (+1), 0, ( -1); IE: 664 kj mol -1 . 

Nb 2 0 5 (s) + 10e _ + 10H+ » 

2Nb(s) + 5H 2 0 

E^= -0.65 V (calcd) 

Nb0(S0 4 ) 2 “ + 2e“ + 2H+ > 

Nb 3+ (aq) + H 2 0 + 2S 0 4 2_ (aq) 
F 6 -- -0.1 V 

Nb 3+ (aq) + 3e“ > Nb(s) 

E*= -1.1 V (calcd) 

Niobium is always covered with an oxide 
layer. In aqueous solutions only some 
niobium compounds are soluble, mostly 
in the form niobate anions, for example, 
[H T Nb 6 0 19 ] (8 “' :) -. 

Tantalum ( 180 ' 9 7 8 Ta), OS: +5, +4, +3, 0; 
IE: 761 kj mol -1 . 

Ta 2 0 5 + 10e - + 10H+ » 

2Ta(s) + 5H 2 0 

E°' = -0.81 V (pH 1) 

TaF 7 2- (aq) + 5e - > Ta(s) + 7F - (aq) 

E°' = -0.45 V 

Dubnium (^ 262 j^Db) 

No data are available. 


2.6 

Croup 6 Elements 

Chromium ( 5L99 4 Cr), OS: +6, +3, +2, 0; 
IE: 652 kj mol -1 . 


K = 3 x 10 


HCrQ 4 - (aq) + 3e - +7H 



Cr 3+ (aq) + 4H 2 0 
E^= 1.38 V (calcd) 

Cr 2 0 7 2 “(aq) + 6e“ + 14H+ > 

2Cr 3+ (aq) + 7H 2 0 
E^= 1.36 V 

Cr 3+ (aq) + e“ > Cr 2+ (aq) 

E^= -0.424 V 

Cr 3+ (aq) + 3e“ > Cr(s) 

E* = -0.74 V 

Cr 2+ (aq) + 2e“ ^ Cr(s) 

E^ = -0.9 V 

Cr0 4 2 “(aq) + 3e“ + 4H 2 0 > 

Cr(OH) 3 (s) 

E^ = -0.11 V 

Cr(CN) 6 3- + e“ > Cr(CN) 6 4 - 

E°' = -1.143 V(IMKCN) 

[CrO?-C 6 H 6 ) 2 ]+(aq) + e- * 

[Cr(ij - C 6 H 6 ) 2 ](aq) 

E°' = -0.97 V (pH 2-12) 

E°' = -0.93 V 
(0.1 MTEAP, CH 3 CN) 

Data for chromium amino carboxylate 
complexes can be found in Ref. 36. 

Solubility and complex equilibria: 

Cr(OH) 3 » Cr 3+ + 30H“ 

^ = lx lO” 30 

Cr(H 2 0) 6 3+ > 

[Cr(H 2 0) 5 0H] 2+ + H+ 

K = 1.6 x 10“ 4 
Cr(H 2 0) 6 3+ + Cl“ > 
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[Cr(H 2 0) 5 Cl] 2+ + H 2 0 
K = 0.1 

Molybdenum (^ ^Mo), OS: +6, +5, +4, 

+3, +2, 0; IE: 685 kj mol -1 . 

Acidic solutions 

2H 2 Mo0 4 (aq) + 2e“ + 4H+ > 

Mo 2 0 4 2+ (aq) + 4H 2 0 
E*= 0.50 V (calcd) 

H 2 Mo0 4 (aq) + 6e“ + 6H+ » 

Mo(s) + 4H 2 0 

E^= 0.114 V (calcd) 

[Mo0 2 Cl 4 ] 2_ (aq) + 2e“ + 4H+ * 

[Mo(H 2 0)Cl 4 ](aq) 

E°' = 0.15 V (1 M HCl) 

[MoOCl 5 ] 2_ (aq) + 2e“ + 2H+ * 

[Mo(H 2 0)Cl 5 ] 2 -(aq) 

E°' = -0.38 V (1 M HCl) 

Mo(CN) 8 3_ (aq) + e“ > 

Mo(CN) 8 4 ~(aq) 

E°' = 0.725 V (pH 7) 

Basic solutions 

Mo0 4 2- (aq) + 2e _ + 2H 2 0 

Mo0 2 (s) + 40H“(aq) 

E^= -0.78 V (calcd) 

Mo0 2 (s) + 4e _ + 2H 2 0 > 

Mo(s) + 40H“(aq) 

E^= -0.98 V (calcd) 

In solution Mo(VI) exists in the form 
of colorless Mo0 4 2_ anion at pH > 6. 
Acid hydrolysis results in the formation of 
polyanions, for example, [Mog0 2 6] 4_ (pH 
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> 1) or [Mo 3 6 Oi 12 ] 8 -, [H 2 Mo 2 0 6 ] 2+ (pH 

> 1). In the presence of other oxanions 
heteropolyanions are formed, for example, 
[SiMoi 2 C>4o] 4- , H 3 [PMoi 2 O 40 ]. 

Tungsten ( 183 ^ 4 W), OS: +6, +5, +4, +3, 
+2, +1, 0; IE: 770 kj mol- 1 . 

Acidic solutions 

W0 3 (s) + 6e“ + 6H+ * 

W(s) + 3H 2 0 

-0.09 V 

W0 2 Cl 3 “(aq) + e“ + 2H+ + 2C1“ 

> WOCl 5 2 “(aq) + H 2 0 

E°' = 0.36 V (12 M HC1) 

2WOCl 5 2 “(aq) + 4e“ + 4H+ > 

W 2 Cl 9 3 “(aq) + H 2 0 + cr 
£°' = -0.05V (12 M HC1) 

W(CN) 8 3_ (aq) + e~ > 

W(CN) 8 4 -(aq) 

E°' = 0.457 V 

CoWi 2 0 4 o 6_ (aq) + 2e“ + 2H+ 

> H 2 CoWi 2 O 40 6 “(aq) 

£°' = -0.046 V (1 M H 2 S0 4 ) 

PWi 2 O 40 3_ (aq) + e" > 

PWi 2 O 40 4 ^(aq) 

£°' = -0.218 V (1 M H 2 S0 4 ) 

Basic solutions 

W(OH) 4 (CN) 4 3 -(aq) + e“ » 

W(OH) 4 (CN) 4 4 -(aq) 

£°' = -0.74 V (pH 13.7) 
W0 4 2 ~(aq) + 6e“ + 4H 2 0 > 


E^= -1.074 V(calcd) 

Seahorgium ( 2b6 '\^ Sg) 

No data are available. 

2.7 

Croup 7 Elements 

Manganese ( 549 2 |Mn), OS: +7, +6, +5, 

+4, +3, +2, +1, 0, -1; IE: 717 kj mol -1 . 
Acidic solutions 

Mn0 4 “(aq) + e“ » Mn0 4 2_ (aq) 

E^= 0.56 V 

Mn0 4 “(aq) + 5e“ + 8H + > 

Mn 2+ (aq) +4H 2 0 
E^= 1.51 V(calcd) 

Mn0 4 2 “(aq) + e~ > Mn0 4 3_ (aq) 

E^ ~ 0.27 V 

Mn0 2 (s) + 2e“ + 4H+ > 

Mn 2+ (aq) +2H 2 0 
E*= 1.23 V(calcd) 

Mn 3+ (aq) + e“ > Mn 2+ (aq) 

F 0 -- 1.5 V(calcd) 

Mn 2+ (aq) + 2e“ > Mn(s) 

E* = -1.18 V(calcd) 

[Mn(CN) 6 ] 3_ (aq) + e~ > 

[Mn(CN) 6 ] 4 -(aq) 

E^ = -0.24 V 
Basic solutions 

Mn0 4 ~(aq) + 5e“ + 4H 2 0 > 

Mn(0H) 2 (s) + 60H“(aq) 

E^ = 1.34 V (calcd) 


W(s) + 80H“(aq) 
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M 11 O 4 (aq) + 3e + 2 H 2 O > 

Mn0 2 (s) +40H“(aq) 

E * = 0.06 V (calcd) 

y-Mn0 2 (s) + e“ + H 2 0 > 

a-MnO(OH)(s) + OH“(aq) 

E* = 0.3 V (calcd) 

Mn(OH) 2 (s) + 2e~ > 

Mn(s) + 20H“(aq) 

E^ = -1.56 V (calcd) 

The determination of equilibrium (stan- 
dard) potentials is rather problematic for 
several reasons; for instance, hydroly- 
sis and disproportionation reactions, the 
existence of a large number of struc- 
tural forms (e.g. a-, /3-, y-, 5-Mn0 2 ), 
strong dependence on pH and ionic ex- 
change processes, and the instability of 
the species in contact with water (e.g. Mn- 
metal-hydrogen evolution, Mn0 4 _ oxy- 
gen evolution; however, these processes 
are rather slow). 

Solubility equilibria: 

Mn(OH ) 2 » Mn 2+ + 20H“ 

K sp = 4 x 10 “ 14 

MnS » Mn 2+ + S 2 “ 

K sp = 5.6 x 10 “ 16 

MnC0 3 » Mn 2+ + C0 3 2- 

K sp = 5.1 x 10 “ 10 

Technetium (^ 7 J ^Tc), OS: +7, + 6 , +5, 
+4, +2, +1, 0, (-1); IE: 702 kj mol” 1 . 

Acidic solutions 

Tc0 4 “(aq) + 3e“ + 4H+ » 

Tc0 2 (s) + 2H 2 0 
E^ = 0.738 V 


Tc0 4 “(aq) + 7e“ + 8H+ > 

Tc(s) + 4H 2 0 

E*= 0.472 V (calcd) 

Tc 2+ (aq) + 2e“ > Tc(s) 

E* = 0.40 V (calcd) 

Basic solutions 

Tc(OH)(s) + e“ + H+ > 

Tc(s) + H 2 0 
E^= 0.031 V 

Tc(OH) 2 (s) + 2e“ + 2H+ * 

Tc(s) + 2H 2 0 
E^ = 0.072 V 

Tc(OH) 3 (s) + 3e“ + 3H+ > 

Tc(s) + 3H 2 0 
E^= 0.185 V 

Tc(OH) 4 (s) + 4e“ + 4H+ » 

Tc(s) + 4H 2 0 
E* = 0.294 V 

Rhenium ( 1862 ° 2 Re), OS: +7, +6, +5, 
+4, +3, +2, +1, 0, -1; IE: 760 kj mol” 1 . 

Acidic solutions 

Re0 4 “(aq) + 7e“ + 8H+ * 

Re(s) + 4H 2 0 
E^= 0.34 V 

Re0 4 “(aq) + 3e“ + 4H + ^ 

Re0 2 (s) + 2H 2 0 
E^ = 0.51 V 

Re0 4 “(aq) + e _ + 2H + ^ 

Re0 3 (s) + H 2 0 
£" e "= 0.768 V 
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Re(s) + e > Re (aq) 

E^= -0.1 V(calcd) 

Basic solutions 

ReC>4~(aq) + 7e“ + 4H2O » 

Re(s) + 80H“(aq) 

E^= -0.604 V 

Re04~(aq) + e“ + H2O > 

Re0 3 (s)±20H - (aq) 

£" e -= -0.89 V 

2Re04 _ (aq) + 8e“ + 5H2O » 

Re 2 0 3 (s) + 10OH“(aq) 

E 44 = -0.808 V (calcd) 

Re20 3 (s) + 6e“ + 3H2O > 

Re(s)±60H - (aq) 

E*= -0.333 V (calcd) 

Bohrium (^yBh) 

No data are available. 

2.8 

Group 8 Elements 

Iron (26 845 Fe), OS: (+6), +3, +2, 0; IE: 

759 lcj mol -1 . 

Acidic solutions 

Fe 3+ (aq) + e - » Fe 2+ (aq) 

E*= 0.771 V 

Fe 3+ (aq) + 3e - > Fe(s) 

E 44 = -0.037 V (calcd) 

Fe 2+ (aq) + 2e - > Fe(s) 

E* = -0.44 ± 0.04 V 


Fe0 4 2- (aq) + 3e - + 8H+ » 

Fe 3+ (aq) + 4H 2 0 
E°' = 2.25 V [37] 

[Fe(CN) 6 ] 3- (aq) + e - > 

[Fe(CN) 6 ] 4- (aq) 

£*= 0.3610 (±0.0005) V 
£ c °' = 0.69V(1MH 2 SO 4 ) 

[Fe(CN) 6 ] 4- (aq)±2e - * 

Fe(s) ±6CN - (aq) 

E^= -1.16 V 

[Fe(C 2 0 4 ) 3 ] 3+ (aq)±e- > 

[Fe(C 2 0 4 ) 3 ] 4 -(aq) 

E°' = 0.005 V 

(Na 2 C 2 0 4 , c < 0.2M) 

[Fe(C 2 0 4 ) 3 ] 3 -(aq)±e - > 

[Fe(C 2 0 4 )2] 2 “(aq)±C 2 04 2 -(aq) 

E°' = 0.035 V 

(Na 2 C 2 0 4 , c > 0.1M) 

[FeO)-C 5 H 5 ) 2 ]+(aq)±e- > 

ferricenium 

[Fe^-CsHshjfaq, slightly soluble) 
ferrocene 

E^= (0.400 ± 0.007)V 

[FeO ? -C 5 H 5 ) 2 ] + (s)±e- > 

[Fe^-CsHshjfsaturated) 

E°' = 0.637 V (1 M KCl, 

0.01 M NH4CI) 

E°' = 0.618 V(lMNaCl0 4 , 
0.01 M HCIO4) 

E°' = 0.605 V (1.01 M HCl) 



E° = 0.539 V versus 
SHE (HCONH 2 ) 

E°' = 0.19 V versus SHE (CH 3 CN) 
E° = 0.348 V versus 
SHE(aq) (CH 3 CN) 

The formal potential of the substituted 
ferrocenes can be found in Ref. 38. 

[Fe(phen) 3 ] 3+ (aq) + e~ » 

[Fe(phen) 3 ] 2+ (aq) 

(phen = 1,10 phenanthroline) 

£°' = 1.13 V 

[Fe(bpy) 3 ] 3+ (aq) + e“ ■> 

[Fe(bpy) 3 ] 2+ (aq) 

(bpy = 2, 2'-bipyridyl) 

E°' = 1.11 V 

Methemoglobin (Fe 3+ ) + e“ > 

Hemoglobin (Fe 2+ ) 

E°' = 0.152 V (pH 7), 

0.282 V [39] 

Methemoglobin + e _ > 

Hemoglobin 

E° = 0.281 V(Lumbrians 
terrestis) [39] 

Cytochrome A (Fe 3+ ) + e“ > 

Cytochrome A (Fe 2+ ) 

E°' = 0.29 V (pH 7) 

Cytochrome B (Fe 3+ ) + e“ > 

Cytochrome B (Fe 2+ ) 

E°' = 0.04 V (pH 7) 

Cytochrome C (Fe 3+ ) + e“ > 
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Cytochrome C (Fe 2+ ) 

E°' = 0.26 V (pH 7) 

[Fe 4 S 4 (SR) 4 ]“ + e“ > 

[Fe 4 S 4 (SRU] 2- (oxidized 
ferredoxin (Fe 3+ ))(reduced 
ferredoxin (Fe 2+ )) 

E° = —0.45 V [40] (depending 
on the source of the 
ferredoxins and the pH) 
[Fe2S2] 2 ~ferredoxin 

+ e“ » [Fe 2 S 2 ] 3 “ 

E°' = -0.81 V [41] 

(Formal potentials of metal hexacyano- 
ferrates can be found in Ch. 11) 

Basic solutions 

Fe0 4 2_ (aq) + 3e“ + 2H 2 0 > 

Fe02 _ (aq) + 40H“(aq) 

£" e '~ -0.55 V 

Fe02 _ (aq) + e“ + H 2 O > 

HFe0 2 “(aq) + OH“(aq) 

E * 0.69 V 

HFe02 - (aq) + 2e“ + H 2 O > 

Fe(s) + 30H“(aq) 

E * 0.8 V 

The aqua complexes of Fe 2+ and Fe 3+ , 
which are present in acid solutions, 
can hydrolyze to FeOH + , Fe(OH) 2+ , 
Fe(OH) 2 + , and other ions at higher pH 
values, and the respective hydroxides 
precipitate. Weak anion complexes such 
as FeSC> 4 , FeSC> 4 + , or FeCl 2+ can also be 
formed. 
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Solubility and complex equilibria: 


Fe(OH) 2 

> Fe 2+ + 20H" 

Asp 

= 4.8 x 10“ 16 

Fe(OH) 3 

> Fe 3+ + 30H" 

A S p 

= 3.8 x 10“ 38 

FeS 

> Fe 2+ + S 2 “ 

Asp 

= 3.7 x 10“ 19 

Fe 2 S3 — 

2Fe 3+ + 3S 2- 

Asp 

~ 1 x 10“ 88 

FeC 2 0 4 

» Fe 2+ + C 2 0 4 2 

Asp 

= 2.1 x 10“ 7 


Fe 4 [Fe(CN) 6 ] 3 > 

4Fe 3+ + 3[Fe(CN) 6 ] 4 ~ 

K sp = 3 x 10“ 41 

[Fe(CN) 6 ] 4 “ > Fe 2+ + 6CN“ 

K = 1.3 x 10“ 37 
[Fe(CN) 6 ] 4 - + H+ 

[HFe(CN) 6 ] 3 - 
K = 1.2 x 10“ 4 

[HFe(CN) 6 ] 3 - + H+ < > 

[H 2 Fe(CN) 6 ] 2 - 
K = 2.2 x 10“ 2 

Ruthenium (^ 107 Ru), OS: +8, +7, +6, 
+4, +3, +2, 0; IE: 711 kj mol -1 . 

Acidic solutions 

Ru0 4 (aq) + e“ > 

Ru0 4 _ (aq) 

E^= 0.99 V (calcd) 

Ru0 4 “(aq) + 3e“ + 4H + ^ 

Ru0 2 (s, hydr) + 2H 2 0 


E^= 1.533 V (calcd) 

Ru0 2 (s) + 4e“ + 4H + > Ru(s) 

E 44 = 0.68 V (calcd) 

Ru0 4 “(aq) + e~ ^ Ru0 2 2_ (aq) 

E^= 0.593 V (calcd) 

[Ru(H 2 0) 6 ] 3 +(aq) + e- > 

[Ru(H 2 0) 6 ] 2+ (aq) 

£°' = 0.249 V 
(p-toluenesulfonic acid) 

[Ru(H 2 0) 5 Cl] 2 +(aq) + e" > 

[Ru(H 2 0) 5 Cl]+(aq) 

E°' = 0.086 V 

[Ru(CN) 6 ] 3 -(aq) + e- > 

[Ru(CN) 6 ] 4 -(aq) 

E°' = (0.86 ± 0.05)V (KCl) 

[Ru(NH 3 ) 6 ] 3+ (aq) + e" > 

[Ru(NH 3 ) 6 ] 2 +(aq) 

E°' = (0.1±0.01)V(HC10 4 ) 

The formation of polymeric and mixed- 
valence complexes also occurs in aqueous 
solutions. 

Ruthenocenium + + e“ > 

Ruthenocene 

E° = 0.59 V versus Fc + /Fc 

Formal potentials of ruthenium metal- 
locenes can be found in Refs 42-44. 

[Ru(bpy) 3 ] 3+ + e~ > [Ru(bpy) 3 ] 2+ 

E°' = 1.32 V 

[Ru(bpy) 3 ] 2+ + e“ - 
E°' = -1.30 V 


> [Ru(bpy) 3 ]+ 
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[Ru(bpy) 3 ]+ + e » Ru(bpy) 3 

E° = —1.49 V versus SCE 

Ru(bpy) 3 + e“ > 

[Ru(bpy) 3 ] _ (bpy = 2, 2'-bipyridyl) 

E°' = -1.73 V (0.1 M 
TBAPF 4 , CH 3 CN) 

Formal potentials of dinuclear and 
hexanuclear Ru(II) bipyridine complexes 
(40 redox processes!) are given in Ref. 45. 

Osmium (^°' 23 Os), OS: +8, +7, +6, +5, 
+4, +3, +2, +1, 0; IE: 840 kj mol” 1 . 

Os0 4 (aq) + 8e“ + 8H + » 

Os(s) + 4H 2 0 

E * = 0.84 V (calcd) 

Os0 4 (s) + 4e“ + 4H+ > 

Os0 2 (s) + 2H 2 0 
E*= 1.005 V (calcd) 

E°' = 0.964 V 
pH = 3.5 - 6.5 

Os0 2 (s) + 4e“ + 4H+ > 

Os(s) + 2H 2 0 

E 44 = 0.687 V (calcd) 

[Os(Cl) 6 ] 2 -(aq) + e- > 

[Os(Cl) 6 ] 3 -(aq) 

E 44 = 0.85 V (calcd) 

[Os(CN) 6 ] 3 -(aq) + e- > 

[Os(CN) 6 ] 4 -(aq) 

E*= 0.634 V 

Os(bpy) 3 3+ (aq) + e“ > 

Os(bpy) 3 2+ (aq) 


E 34 = 0.885 V (calcd) 

Hassium (^jogHs) 

No data are available. 

2.9 

Croup 9 Elements 

Cobalt ( 3 y 933 Co), OS: (+4), +3, +2, (+1), 
0; IE: 758 kj mol -1 . 

Acidic and nonaqueous solutions 

Co0 2 (s) + e“ + 4H+ » 

Co 3+ (aq) + 2H 2 0 
£ 44 = 1.416 V 

[Co(H 2 0) 6 ] 3 +(aq) + e- > 

[Co(H 2 0) 6 ] 2 +(aq) 

£°' = 1.95 V (4 M HC10 4 ) 

Co 2+ (s) + 2e“ > Co(s) 

E*= -0.277 V (calcd) 

[Co(NH 3 ) 6 ] 3+ (aq) + e- > 

[Co(NH 3 ) 6 ] 2 +(aq) 

£°' = 0.058 V (7 M NH 3 , 

1 M NH 4 C1) 

[Co(C 2 0 4 ) 3 ] 3 “(aq) + e“ > 

[Co(C 2 0 4 ) 3 ] 4 -(aq) 

= 0.57 V (1 M KC1) 

[Co(C 2 H 5 ) 2 ]“(aq) + e“ * 

(cobaltocenium) 

[Co(C 2 H 5 ) 2 ] 2 -(aq) 

(cobaltocene) 

= -0.918 V 

E°' = -1.146 V (CH 3 CN) 

E°' = -0.79 V (HCONH 2 ) 



40 


2 Standard, Formal, and Other Characteristic Potentials of Selected Electrode Reactions 


Co(salen) + + e > Co(salen) 

E° ~ —0.45 V versus 

Fc+/Fc (DMF) 

E° ~ —0.37 V versus 

Ag+/Ag (CH 3 CN) 

Co-phthalocyanine (Co 11 Pc) 

+ e - » (Co'Pc) - 

E°' = -0.602 V (pH 13) [46] 

Co-hexadecafluorophthalocyanine 

(Co n Fi 6 Pc) + e“ ■> (Co 1 F i6 Pc) - 

E°' = -0.381 V [46] 

(Formal potential of other substituted 
Pc’s can also be found in Ref. 46.) 

Basic solutions 

Co0 2 (s) + e - + 2H 2 0 » 

Co(OH) 3 (s) + OH - (aq) 

E^= 0.7 V 

Co(OH) 3 (s) + e - > 

Co(OH) 2 (s) + OH - (aq) 

£" e -= 0.17 V 

Co(OH) 2 (s) + 2e - > 

Co(s) + 20H - (aq) 

E^= -0.733 V 

[Co(CO) 4 ] 2 (aq) + 2e - » 

2[Co(CO) 4 ]"(aq) 

E* = -0.4 V 

Solubility and complex equilibria: 

Co(OH) 2 * Co 2+ + 20H - 

K sp = 1.6 x 10 -18 
Co(OH) 3 > Co 3+ + 30H - 


K sp 

= 2.5 x 10 -43 

CoS(a) - 

> Co 2+ + S 2- 

K sp 

= 3.1 x 10 -23 

CoS(yS) - 

> Co 2+ + S 2- 

Ksp 

= 1.9 x 10 -27 

CoS (y) - 

> Co 2+ + S 2- 

K sp 

= 3 x 10 -26 

C0CO3 - 

— > Co 2+ + C0 3 2- 

Ksp 

= 1 x 10 -17 

Rhodium (“ 2 ' 905 Rh), OS: (+6), (+5), 

(+4), +3, +2, 

(+1), 0, (-1); IE: 720 kj 

mol -1 . 


2Rh0 2 (s) 

1 + 2e - + 2H+ > 

Rh 2 0 3 (s) + H 2 0 

E*-- 

= 1.73 V (calcd) 

Rh 2 0 3 (s) 

+ 6e - + 6H+ > 

2Rh(s) 

+ 3H 2 0 

E 

= 0.88 V (calcd) 

Rh 3+ (aq) 

+ 3e - > Rh(s) 

E*-- 

= 0.758 V (calcd) 


(HC10 4 , pH 5) 

[RhCl 6 ] 3- (aq) + 3e - * 

Rh(s) + 6C1 - (aq) 

£^=0.5 V (HC1) 

[Rh(CN) 6 ] 3 -(aq) + e - > 

[Rh(CN) 6 ] 4 (aq) 

E*= 0.9 V 

Indium ( 192n7 Ir), OS: (+6), (+5), +4, 
+3, (+2), +1, 0; IE: 880 kj mol -1 . 

Ir0 2 (s)+4e - +4H+ 


■» Ir(s) + 2H 2 0 



E°' = (0.935 ±0.005)V 

IrO(s) + 2e“ + 2H+ > Ir(s) + H 2 0 

E°' = (0.87 ± 0.02)V (1 M H 2 S0 4 ) 

[IrCl 6 ] 2 “(aq) + e“ > [IrCl 6 ] 3- (aq) 

E°' = 0.867 V (0.3 M HC1) 

[IrCl6] 3 “(aq) + 3e“ > 

Ir(s) + 6C1 - (aq) 

E * = 0.83 V (calcd) 

[Ir(H 2 0)Cl 5 ]-(aq) + e- > 

[Ir(H 2 0)Cl 5 ] 2 - 

E°' = 1.0 V (0.2 M HN0 3 ) 

[Ir(H 2 0)3Cl 3 ] + (aq) + e- > 

[Ir(H 2 0) 3 a 3 ](aq) 

E°' = 1.30 V (0.4 M HC10 4 ) 

[IrBr 6 ] 2 ~(aq) + e“ » [IrBr 6 ] 3— (aq) 

E°' = 0.883 V (1 M HC10 4 ) 

[Irl 6 ] 2- (aq) + e“ > [Irl 6 ] 3 ~(aq) 

E°' = 0.49 V (1 M KI) 

Formal potentials of Ir-phosphine com- 
plexes in nonaqueous solutions can be 
found in Refs 47-49. 

Meitnerium ([ 268 13 ^Mt) 

No data are available. 

2.10 

Group 10 Elements 

Nickel ( 58 ' 69 2 gNi), OS: (+6), +4, +3, +2, 0; 
IE: 757 kj mol- 1 . 

Acidic solutions 

Ni0 2 (s) + 2e“ + 4H+ > 

Ni 2+ (aq) + 2H 2 0 
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E^= 1.59 V (calcd) 

Ni 2+ (aq) + 2e“ > Ni(s) 

ZT 6 ' = -0.257 V 

NiS(a)(s) + 2e“ * 

2Ni(s) + S 2_ (aq) 

E^ = -0.814 V 

NiS (yS ) (s) + 2e“ > 

2Ni(s) + S 2_ (aq) 

E^= -0.96 V 

NiS(y)(s) + 2e“ > 

2Ni(s) + S 2_ (aq) 

E^= -1.07 V 

[Ni(NH 3 ) 6 ] 2+ (aq) + 2e“ > 

Ni(s) + 6NH 3 (aq) 

E^= -0.476 V 

Basic solutions 

Ni(OH) 4 (s) + e“ > 

Ni(OH) 3 (s) + OH“(aq) 

E* = 0.6 V (calcd) 

Ni(OH) 3 (s) + e~ > 

Ni(OH) 2 (s) + OH“(aq) 

E ^ = 0.48 V (calcd) 

Ni(OH) 2 (s) + 2e“ > 

Ni(s) + 20H“(aq) 

E*= -0.72 V 

NiO(OH) + e“ + H 2 0 » 

Ni(OH) 2 (s) + OH“(aq) 

E°' = 1.39 V (1 M NaOH) 
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Solubility and other equilibria: 


NiS(a) - 

» Ni 2+ + S 2 “ 

Ks P 

= 3 x 10 -21 

NiS(yS) - 

> Ni 2+ + S 2_ 

Ksp 

= 1 x 10 -26 

NiS(y) - 

> Ni 2+ + S 2_ 

Ks P 

= 2 x 10 -28 

Ni(OH) 2 

» Ni 2+ + 20H 

K h -- 

= 1.6 x 10“ 16 


[Ni(NH 3 ) 6 ] 2+ » 

Ni 2+ + 6NH 3 (aq) 
K = 1.8 x 10“ 9 


[Ni(CN) 4 ] 2+ > Ni 2+ + 4CN“ 

K = lx 10“ 22 

Palladium ( 106 { 2 Pd), OS: (+6), +4, (+3), 
+2, (+1), 0; IE: 804 kj mol” 1 . 

Pd0 2 (s) + 2e“ + 2H+ * 

PdO(s) + H 2 0 

E^= 1.263 V(calcd) 

= 1.47 V (measured) 

Pd0 2 (s) + 2e“ + 4H+ > 

Pd 2+ (aq) + 2H 2 0 

E^ = 1.194 V 

PdCl6 2 “(aq) + 2e“ > 

PdCl 4 2- (aq) + 2C1 - (aq) 

E^= 1.47 V(1 M HC1) 

PdBr6 2- (aq) + 2e“ > 

PdBr 4 2 ~(aq) + 2Br~(aq) 

E* = 0.99 V (1 M KBr) 

Pdl 6 2 -(aq) + 2e- > 


Pdl 4 2 “(aq) + 2r(aq) 

E* = 0.48 V (1 M KI) 

Pd 2+ (aq) + 2e“ > Pd(s) 

E^ = (0.915 ± 0.005)V(HC10 4 ) 

PdO(s) + 2e“ + 2H+ * 

Pd(s) + H 2 0 

£" e "= 0.917 V (calcd) 

E^= 0.79V (measured) 

PdCl 4 2- (aq) + 2e“ > 

Pd(s) + 4Cl _ (aq) 

E°' = 0.62V (1 M HC1) 

PdBr 4 2_ (aq) + 2e“ > 

Pd(s) + 4Br“(aq) 

= 0.49V (1 M KBr) 

Pdl 4 2 ~(aq) + 2e“ > 

Pd(s) + 41“ (aq) 

E°' = 0.18V (1 M KI) 

Palladium shows a great capacity for 
hydrogen absorption. This takes place with 
changes in the crystalline structure of 
the metal with the formation of Pd 2 H or 
Pd 4 H 2 hydrides. 

Platinum ( 195 028 Pt), OS: (+6), +4, (+3), 
+2, (+1), 0; IE: 870 kj mol" 1 . 

Pt0 2 (s) + 2e“ + 2H+ » PtO(s) 

E^ = 1.045 V (calcd) 

Pt0 2 (s) + 2e“ + 4H+ » 

Pt 2+ (aq) + 2H 2 0 
E * = 0.837 V (calcd) 

PtO(s) + 2e“ + 2H+ » Pt(s) + H 2 0 

E * = 0.98 V (calcd) 



2. 7 7 Group 7 7 Elements 


43 


Pt 2+ (aq) + 2e“ > Pt(s) 

1.188 V 

PtCl6 2_ (aq) + 4e“ > 

Pt(s) + 6C1 - (aq) 

E* = 0.744 V 

PtBr6 2_ (aq) + 4e“ > 

Pt(s) + 6Br“(aq) 

E^ = 0.657 V 

Ptl6 2_ (aq) + 4e“ » 

Pt(s) + 61“ (aq) 

E°' = 0.4 V (1 M Nal) 

PtCl6 2- (aq) + 2e~ >- 

PtCLi 2- (aq) + 2C1 _ (aq) 
E* = 0.726 V 

PtBr6 2_ (aq) + 2e~ > 

PtBr 4 2_ (aq) + 2Br“(aq) 
E^= 0.613 V 

Ptl6 2_ (aq) + 2e~ » 

Ptl 4 2_ (aq) + 2I~(aq) 

E* = 0.329 V 

PtCl 4 2- (aq) + 2e“ >- 

Pt(s) + 4Cl“(aq) 

£°' = 0.758 V 

PtBr 4 2 ~ (aq) + 2e~ > 

Pt(s) + 4Br“ (aq) 

E°’ = 0.698 V (3 M 
HC10 4 and HBr) 

Ptl 4 2- (aq) + 2e~ > 

Pt(s) + 41“ (aq) 


£°' = 0.4 V (0.5 M Nal) 

cts-Pt(NH 3 ) 2 Cl 4 (aq) + 2e~ >■ 

Pt(NH 3 ) 2 Cl 2 (aq) + 2Cr(aq) 

E°' = 0.669 V (1 M NaCl) 

(cisplatin, cancer chemotherapy agent) 
Solubility and complex equilibria: 

Pt(OH) 2 » Pt 2+ + 20H“ 

K s p ~ 10- 24 

Pt(OH) 3 > Pt 3+ + 30H“ 

K s p ~ 10“ 25 

Pts > Pt 2+ + s 2_ 

K s p ~ 10- 68 

Darmstadtium (^qDs) 

No data are available. 


2.11 

Croup 11 Elements 

Copper ( 63 54 gCu), OS: +2, +1, 0; IE: 745.3, 
1957.3, 3577.6 kj mol- 1 . 

Acidic solutions 

Cu 2+ (aq) + 2e“ > Cu(s) 

E^ = 0.340 V 

Cu 2+ (aq) + e“ » Cu + (s) 

E' e '= 0.159 V 

Cu + (aq) + e~ » Cu(s) 

E^= 0.520 V 

Cu 2+ (aq) + e“ + Cl“(aq) > CuCl(s) 

E^= 0.559 V 

CuCl(s) + e“ > Cu(s) + Cl“(aq) 

E^= 0.121 V 
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Cu 2+ (aq) + e + Br > CuBr(s) 

E^= 0.654 V 

CuBr(s) + e - » Cu(s) + Br - (aq) 

E* = 0.033 V 

Cu 2+ (aq) + e - + I - » Cul(s) 

E*= 0.861 V 

Cul(s) + e - » Cu(s) + I - (aq) 

E^= -0.182 V 

2CuS(s) + 2e - > Cu 2 S(s) + S 2- (aq) 

E* = -0.542 V 

Cu 2 S(s) + 2e - > 2Cu(s) + S 2- (aq) 

£- 0 -= -0.898 V 

Cu(NH 3 ) 2 + (aq) + e- > 

Cu(s) + 2NH 3 (aq) 

E^= -0.100 V 

Cu(NH 3 ) 4 2+ (aq) + e“ » 

Cu(NH 3 ) 2 +(aq) + 2NH 3 (aq) 

0.10 V 

Cu(CN) 2 - (aq) + e - » 

Cu(s) + 2CN - (aq) 

E*= -0.44 V 

Cu 2+ (aq) + e - + 2CN - (aq) 

> Cu(CN) 2 -(aq) 

E^= 1.12 V 

Basic solutions 

CuO(s) + 2e - + H 2 0 » 

Cu(s) + 20H - (aq) 

E^= -0.29 V 


Cu 2 0(s) + OH - (aq) 

E^= -0.22 V 

Cu 2 0(s) + 2e - + H 2 0 > 

2Cu(s) + 20H - (aq) 

E* = -0.365 V 

Solubility equilibria: 

CuCl > Cu+ + cr 

K s p = 1.9 x 10 -7 

CuBr > Cu + + Br - 

K s p = 5.9 x 10 -9 

Cul » Cu+ + I - 

K sp = 5.1 x 10 -12 

Cu 2 S > 2Cu+ + S 2- 

K s p = 1.6 x 10 -48 

CuS * Cu 2+ + S 2- 

K s p = 7.9 x 10 -37 

Cu 2 [Fe(CN) 6 ] > 

2Cu 2+ + [Fe(CN) 6 ] 4- 
K s p = 1.3 x 10 -16 

Cu(OH) 2 » Cu 2+ + 20H - 

A'gp = 1.6 x 10 -19 

Complex equilibria 

The information about the composition 
and stability of several Cu 2+ complexes 
with nitrogen-containing and polyhydrox- 
ylic ligands can be found in Refs 50-65. 

Silver ( 107 ' 8 ^Ag), OS: (+3), (+2), +1,0; 
IE: 731, 2072.6, 3359.4 kj mol -1 . 

Acidic solutions 

Ag+(aq) + e - * Ag(s) 




CuO(s) + e + H 2 O 


E^ = 0.7991 V 
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AgCl(s) + e - > Ag(s) + Cl - (aq) 

E^= 0.2223 V 

AgBr(s) + e - > Ag(s) + Br - (aq) 

E^= 0.0711 V 

Agl(s) + e - > Ag(s) + 1“ (aq) 

E^= -0.1522 V 

A g( CN ) 2 “( a q) + e “ — > 

Ag(s) + 2CN“(aq) 

E^= -0.31 V 

Ag(SCN) 2 -(aq) + e- > 

Ag(s) + 2SCN - (aq) 

E^= 0.304 V 

Ag 4 [Fe(CN) 6 ](s) + 4e- > 

4Ag(s) + [Fe(CN) 6 ] 4 -(aq) 

E^ = 0.1478 V 

Ag 3 P04(s) + 3e“ > 

3Ag(s) + P0 4 3 -(aq) 

E^= 0.4525V 

Ag(NH 3 ) 2 + (aq) + e - > 

Ag(s) + 2NH 3 (aq) 

E* = 0.373 V 

Ag 2 S04(s) + 2e“ > 

2Ag(s) + S0 4 2 -(aq) 

E^= 0.654 V 

AgCl0 4 (s) + e - > 

Ag(s) + Cl0 4 - (aq) 


Ag(S 2 0 8 ) 2 3 (aq) + e » 

Ag(s) + 2S 2 0 8 2 -(aq) 

E^= -0.01 V 

Ag 2 Cr04(s) + 2e~ > 

2Ag(s) + Cr0 4 2- (aq) 

E* = 0.4491 V 

Ag 2+ (aq) + e - > Ag+(s) 

E^ = 1.98 V 

Ag 2 0 3 (s) + 4e“ + 6H+ > 

2Ag+(aq) + 3H 2 0 
E^= 1.36 V 

AgO(s) + e“ + 2H+ > 

Ag+(aq) + H 2 0 
E^= 1.772 V 

Basic solutions 

Ag 2 0 3 (s) + 2e“ + H 2 0 > 

2AgO(s) + 20H - (aq) 

E*= 0.739 V 

2AgO(s) + 2e“ + H 2 0 > 

Ag 2 0(s) + 20H-(aq) 

E* = 0.604 V 

Ag 2 0(s) + 2e~ + H 2 0 > 

2Ag(s) + 20H - (aq) 

E^= 0.342 V 

Solubility equilibria: 

AgCl > Ag + + Cl - 

K sp = 1.77 x 10 -10 


E^ = 0.787 V 
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AgBr > Ag + + Br 

K sp = 5.0 x 10“ 13 

Agl > Ag + + 1“ 

K sp = 8.7 x 10“ 17 

Ag 2 S > 2Ag + + S 2 “ 

K sp = 1 x 10“ 5 ° 

Ag 2 SC>4 > 2Ag + + S0 4 2 “ 

K s p = 1.2 x 10“ 5 

Ag 2 C0 3 > 2Ag+ + C0 3 2 “ 

K sp = 8 x 10“ 12 

Ag 2 Cr0 4 ^ 2Ag + + Cr0 4 2 “ 

K sp = 2.7 x 10“ 12 

Ag 2 C 2 0 4 * 2Ag + + C 2 0 4 2 “ 

a: sp = i.i x io -11 

Ag 3 [Fe(CN) 6 ] > 

3Ag+ + [Fe(CN) 6 ] 3 “ 

K sp = 1 x IO” 20 

Ag 4 [Fe(CN) 6 ] > 

4Ag+ + [Fe(CN) 6 ] 4 - 
K sp = 8.6 x 10“ 45 

Gold ( 1% ' 9 “Au), OS: +3, (+2), +1, 0; IE: 

890, 1973.3, (2895) kj mol -1 . 

Au 3+ (aq) + 3e“ > Au(s) 

E^= 1.52 V 

E°' = 1.362 V (1 mol kg -1 H 2 S0 4 ) 

AuCl 4 “(aq) + 3e“ > 

Au(s) + 4Cl“(aq) 

E^= 1.002 V 


AuBr 4 (aq) + 3e 

Au(s) + 4Br“ (aq) 

E*= 0.854 V 

Aul 4 “(aq) + 3e“ > 

Au(s) + 41 “(aq) 

E*= 0.56 V 

[Au(SCN) 4 ]“(aq) + 3e“ > 

Au(s) + 4SCN“(aq) 

E^= 0.636 V 

[Au(NH 3 ) 4 ] 3+ (aq) + 3e“ > 

Au(s) + 4NH 3 (aq) 

E*= 0.325 V 

Au 3+ (aq) + 2e“ > Au + (aq) 

£*= 1.36 V 

AuCl 4 “(aq) + 2e“ ^ 

AuCl 2 “(aq) + 2Cl“(aq) 

E^= 0.926 V 

AuBr 4 “(aq) + 2e“ ^ 

AuBr 2 (aq) + 2Br“(aq) 

E^= 0.802 V 

Aul 4 “(aq) + 2e“ > 

Aul 2 “(aq) + 21“ (aq) 

E^= 0.55 V 

[Au(SCN) 4 ]“(aq) + 2e“ > 

Au(SCN) 2 “(aq) + 2SCN“(aq) 
E*= -0.623 V 

Au + (aq) + e“ > Au(s) 

E*= 1.83 V 

AuCl 2 “(aq) + e“ » 

Au(s) + 2Cl“(aq) 
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E^= 1.154 V 

AuBr 2 - (aq) + e - > 

Au(s) + 2Br - (aq) 

E* = 0.96 V 

Aul 2 _ (aq) + e - > 

Au(s) + 21“ (aq) 

E^ = 0.578 V 

[Au(SCN) 2 ] - (aq) + e - > 

Au(s) + 2SCN - (aq) 

E^= 0.662 V 

[Au(CN) 2 ]-(aq) + e- > 

Au(s) + 2CN - (aq) 

E°' = -0.595 V (0.5 M KCN) 

[Au(NH 3 ) 2 ] + (aq) + e - > 

Au(s) + 2NH 3 (aq) 

E°' = 0.563 V (10 M NH 4 N0 3 ) 
Solubility equilibria: 

AuCl » Au + + Cl - 

K sp = 2 x 10 -3 

AuBr > Au + + Br - 

K sp = 5 x 10 -17 

AuCl 3 * Au 3+ + 3C1 - 

K sp = 3.2 x 10 -25 

AuBr 3 » Au 3+ + 3Br - 

K s p = 1.6 x 10 -23 

AuI 3 > Au 3+ + 3I - 

^ = lx 10 -46 

Au(OH) 3 » Au 3+ + 30H - 

^ = lx 10 -53 


Rontgenium (^jRg) 

No data are available. 

2.12 

Croup 12 Elements 

Zinc ( 65 ' 4 3 qZii), OS: +2, (+1), 0; IE: 906.1, 
1733, 3831 kj mol -1 . 

Acidic solutions 

Zn 2+ (aq) + 2e - ■> Zn(s) 

E^ = -0.7626 V 

Zn 2+ (aq) + 2e - + (Hg) v > 

Zn(Hg) v (two phase) 

E* = — 0.76175 V [1] 

[Zn(NH 3 ) 4 ] 2+ (aq) + 2e - ■> 

Zn(s) + 4NH 3 (aq) 

E^ = -1.04 V 

[Zn(CN) 4 ] 2- (aq) + 2e - * 

Zn(s) + 4CN - (aq) 

E^= -1.34 V 

ZnS(s) + 2e - » Zn(s) + S 2- (aq) 

E^= -1.44 V 

Basic solutions 

Zn(OH) 4 2- (aq) + 2e - > 

Zn(s) + 40H - (aq) 

E' e '= -1.285 V (calcd) 

Zn(OH) 2 (s) + 2e - » 

Zn(s) + 20H - (aq) 

E*= -1.246 V 

ZnO(s) + 2e - + H 2 O >■ 

Zn(s) + 20H - (aq) 
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E^= -1.248 V 

Solubility and complex equilibria: 

Zn(OH) 2 > Zn 2+ + 20H“ 

K sp = 4.5 x 10 -17 

ZnS (sphalerite) » Zn 2+ + S 2 “ 

K s p = 2.2 x 10 -27 

ZnS(wurtzite) > Zn 2+ + S 2- 

K s p = 1.6 x 10“ 23 

ZnS (precipitated) > Zn 2+ + S 2_ 

K sp = 8.7 x 10“ 23 
ZnC0 3 » Zn 2+ + C0 3 2- 

^ S p = 2x 10- 10 

Cadmium ( 1124 ^gCd), OS: +2, 0; IE: 
876.5, 1631, 3644 kj mol” 1 . 

Acidic solutions 

Cd 2+ (aq) + 2e“ * Cd(s) 

E^= -0.4025 V 

Cd 2+ (aq) + 2e“ + (Hg) > Cd(Hg) 

E *= -0.3515 V 

CdS(s) + 2e“ > Cd(s) + S 2 ~(aq) 

E^ = -1.255 V 

CdSe(s) + 2e“ > Cd(s) + Se 2_ (aq) 

E^= -1.38 V 

CdTe(s) + 2e~ ^ Cd(s) + Te 2- (aq) 

E^= -1.62 V 

[Cd(NH 3 ) 4 ] 2+ (aq) + 2e“ > 

Cd(s) + 4NH 3 (aq) 

E^= -0.622 V 

[Cd(CN) 4 ] 2 ~(aq) + 2e- * 

Cd(s) + 4CN“(aq) 


E^= -0.943 V 

CdCl 4 2 “(aq) + 2e“ > 

Cd(s) + 4Cl — (aq) 

E* = -0.453 V 

CdBr 4 2_ (aq) + 2e“ > 

Cd(s) + 4Br~(aq) 

E^= -0.488 V 

Cdl 4 2 ~(aq) + 2e“ > 

Cd(s) + 4I~(aq) 

E*= -0.58 V 

Basic solutions 

Cd(OH) 2 (s) + 2e“ » 

Cd(s) + 20H“(aq) 

E^ = -0.824 V 

CdO(s) + 2e“ + H 2 0 » 

Cd(s) + 20H“(aq) 

E^ = -0.783 V 

Solubility and complex equilibria: 

CdS » Cd 2+ + S 2 “ 

K sp = 7 x 10“ 28 

Cd(OH) 2 > Cd 2+ + 20H“ 

K s p = 2.4 x 10“ 13 

CdC0 3 > Cd 2+ + C0 3 2 “ 

K s p = 2.5 x 10“ 14 

CdC 2 0 4 * Cd 2+ + C 2 0 4 2- 

K sp = 1.53 x 10“ 8 

Data for several Cd 2+ complexes can be 
found in Refs 65, 66. 

Mercury ( 200 ”Hg), OS: +2, +1, 0; IE: 
1007, 1809, 3300 kj mol” 1 . 
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Acidic solutions 

2Hg 2 +(aq) + 2e- > Hg 2 2 +(aq) 

E^= 0.911 V 

Hg 2+ (aq) + 2e“ > 2Hg(l) 

E^= 0.8535 V 

Hg 2 2 +(aq)+2e- > 2Hg(l) 

£" e "= 0.7960 V 

Hg 2 F 2 (s) + 2e“ > 

2Hg(l) + 2F-(aq) 

E^= 0.6562 V 

Hg 2 Cl 2 (s) + 2e- > 

2Hg(l) + 2Cl-(aq) 

E^= 0.26816 V 

Hg 2 Br 2 (s) + 2e“ > 

2Hg(l) + 2Br“(aq) 

E^= 0.1392 V 

Hg 2 I 2 (s) + 2e“ > 

2Hg + 21“ (aq) 

E^ = -0.0405 V 

HgO(s, red) + 2e“ + 2H+ * 

Hg(l) + H 2 0 
E^= 0.9256 V 

Hg 2 S0 4 (s) + 2e“ » 

2Hg(l) + S0 4 2 -(aq) 

E^ = 0.6136 V [1] 

HgS(s, red) + 2e“ + 2H+ > 

Hg(l) + H 2 S(aq) 

E^= -0.096 V 

HgS(s, black) + 2e“ + 2H+ » 

Hg(l) + H 2 S(aq) 


E^= -0.085 V 

3Hg 2 2+ (aq) + 6e“ + 4Ag(s) > 

2Ag 2 Hg 3 (s) (dental amalgam) 

E°' = -0.85 V 

Basic and nonaqueous solutions 

HgO(s, red) + 2e“ + H 2 0 > 

Hg(l) + 20H~(aq) 

E* = 0.0977 V 

[HgC 6 H 5 ]+cr + e- > 

[HgC 6 H 5 r+Cr(aq) 

E 1/2 = -0.123 V (0.2 M 
NH 4 OH-NH 4 Cl) 

Ex, 2 = -0.544 V (0.1 M 
TEAP, DMF) [38, 67] 

Solubility and other equilibria: 
H g 2 2+ ( a q) * 2Hg+(aq) 

^diss < 10 

Hg 2 +(aq) + Hg(l) > Hg 2 2 +(aq) 

K = 87.9 

Hg 2 F 2 > Hg 2 2 + + 2F-(aq) 

A'sp = 1.89 x 10“ 5 

Hg 2 Cl 2 > Hg 2 2+ + 2C1“ 

K s p = 1.49 x 10“ 18 

Hg 2 Br 2 > Hg 2 2 + + 2Br“ 

K s p = 6.41 x 10“ 23 

Hg 2 S > Hg 2 2 + + S 2 - 

^ sp = 1 x 10“ 47 

HgS > Hg 2+ + S 2 - 

K sp = 4 x IQ" 53 
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Hg 2 S0 4 > Hg 2 2+ + SO 4 2 - 

K sp = 4.7 x 10 “ 7 - 8.1 x 10 “ 7 

2.13 

Group 13 Elements 

Boron ( 10 ' 81 ,iB), OS: (+5), (+4), +3, (+2), 
(+1), 0; IE: 800.6, 2427.1, 3659.7 kj mol -1 . 
Acidic solutions 

B 3 + (aq) + 3e“ * B(s) 

E*= -0.89 V (calcd) 

(B(OH ) 3 or H 3 BO 3 + 3e“ 

+ 3H+ > B(s) + 3H 2 0) 

2H 3 B0 3 (aq) + 12e“ + 12H+ 

> B 2 H 6 (g) + 6H 2 0 

E*= -0.519 V (calcd) 

BF 4 - (aq) + 3e“ > B(s) + 4F“(aq) 

E*= -1.284 V 
B 4 0 7 2 “(aq) + 24e“ + 26H+ 

* 2B 2 H 6 (g) + 7H 2 0 

E* = -0.483 V (calcd) 

2B(s) + 6 e“ + 6 H+ > B 2 H 6 (g) 

E* = -0.15 V (calcd) 

Basic solutions 

B(OH) 4 -(aq) + 3e- > 

B(s) + 40H“(aq) 

E^= -1.811 V (calcd) 

B0 2 “(aq) + 8 e“ + 6H 2 0 > 

BH 4 “(aq) + 80H~(aq) 


E^= -1.241 V 
Nonaqueous solutions 

B 9 CI 9 + e > B 9 CI 9 2 

E°' = -0.064 V [ 68 ] 

B 9 CI 9 + e > B 9 CI 9 

E°' = 0.599 V 

BsCls + e _ ^ BsCls 2- 

£°' = 0.114 V 

BgClg + e~ ^ BsCls 

(0.1 MTBAPF 6 |CH 2 C1 2 , 
c = 6.3 x 10 -4 mol dm -3 ) 

E°' = 0.959 V 

[B 10 CI 10 ] + e“ > [B 10 CI 10 ] 

E°' = 1.73 V [69] 

[B 10 CI 10 ] + e~ > (BioClio) 2- 

E°' = 1.01 V 

(BioBrio) + e“ > [BioBrio]* 

E°' = 1.77 V 

[BioBrio]* + e“ > (BioBrio) 2- 

( 0.1 mol dm -3 TBAPFg -acetonitrile, 
c = (2-4) x 10 -3 mol dm -3 ) 

E°' = 1.14 V 

E° values for other complexes (e.g. 

B 6 X 6 2 “ (X = Cl, Br, I)) can be found in 

Ref. 70. 

Dissociation equilibria: 

B(0H) 3 (aq) + H 2 0 * 

B(OH) 4 -(aq) + H+ 

K = lx 10 -9 



3B(OH) 3 (aq) > 

B 3 0 3 (0H) 4 “(aq) + H+ + 2H 2 0 
K = 1.4 x 10 -7 
(at higher concentrations * 

polymerization > increasing acidity) 

Aluminum ( 26 - 98 J 3 Al), OS: +3, (+1), 0; 
IE: 557.5, 1816.7, 2744.8 kj mol” 1 . 

Acidic solutions 

Al 3+ (aq) + 3e“ > Al(s) 

£" 9 -= -1.676 V(calcd) 

Al + (aq) + e“ > Al(s) 

E*= 0.55 V 

Al 3+ (aq) + 2e“ + H+ > AlH 2+ (aq) 

E^= -0.62 V (calcd) 

AlF6 3_ (aq) + 3e“ ^ Al(s) + 6F~(aq) 

E^ = -2.067 V (calcd) 

Basic solutions 

Al(OH) 3 (s) + 3e“ » 

Al(s) + 30H“(aq) 

E^= -2.3 V 

Al(OH) 4 “(s) + 3e“ » 

Al(s) + 40H“(aq) 

E^= -2.31 V 

Al(OH) 4 '(aq) + 6e“ + 3H 2 0 > 

AlH 3 (aq) + 70H“(aq) 

E^ = -1.748 V 

Solubility and other equilibria: 

Al(OH) 3 » Al 3+ + 30H“ 

K sp = 2.2 x 10 -32 
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Al 3+ + H 2 0 » Al(OH) 2+ + H+ 

K = 1.4 x 10 -5 

Al 3+ + 40H“ > Al(OH) 4 “ 

K = 6.8 x 10" 33 

Al(OH) 3 + OH - » Al(OH) 4 “ 

K = 3.1 x 10 _1 

ai 3+ + h 2 o + so 4 2- > 

Al(OH)S0 4 + H+ 

K = 1.25 x 10“ 2 

A1F 2+ > Al 3+ + F“ 

K = 7.4 x 10“ 7 

A1F 6 3 “ > Al 3+ + 6F“ 

K = 1.44 x 10“ 2 ° 

Gallium ( 69J23 Ga), OS: +3, +2, (+1), 0; 

IE: 578.8, 1979.3, 2963 kj mol” 1 . 

Acidic solutions 

Ga 3+ (aq) + 3e“ > Ga(s) 

E^= -0.529 V (at 301 K) 

Ga 2+ (aq) + 2e“ ^ Ga(s) 

£-6- ~ _o. 45 V (calcd) 

Ga + (aq) + e“ ^ Ga(s) 

E* = -0.79 V (calcd) 

Ga 3+ (aq) + e“ » Ga 2+ (aq) 

E^- -0.67 V (calcd) 

Ga 2 0(s) + 2e“ + 2H+ > 

2Ga(s) + H 2 0 

E * = -0.4 V (calcd) 

Ga 2 0 3 (s) + 4e“ + 4H+ > 

Ga 2 0(s) + 2H 2 0 
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E^= -0.5 V(calcd) 

Basic solution 

H 2 GaC >3 + 3e + H 2 O * 

Ga(s) + 40H“(aq) 

= -1.22 V(calcd) 

(Depending on the pH value, Ga 3+ 
may also exist in the form of 
the following ions: Ga(OH) 2 + , GaO + , 
Ga0 2 “, H 2 Ga0 3 “, Ga(OH) 4 “, HGa0 3 2 “, 
Ga0 3 3 -, [Ga 2 . T (OH) 5A ] 5+ .) 

Solubility equilibrium: 

Ga(OH) 3 > Ga 3+ + 30H“ 

K sp = 5 x IO - 37 

Indium ( 114818 In), OS: +3, (+2), +1, 0; 
IE: 558.3, 1820.6, 2704 kj mol- 1 . 

In 3+ (aq) + 3e“ » In(s) 

E^= -0.338 V 

In + (aq) + e“ > In(s) 

E^= -0.126 V 

In 3+ (aq) + 2e“ ^ In + (aq) 

E^= -0.444 V 

InCl(s) + e“ ^ In(s) + Cl _ (aq) 

E* = —0.34 V (calcd) 

Thallium ( 204383 T1), OS: +3, (+2), +1; 
IE: 589.4, 1971, 2878 kj mol -1 . 

Acidic solutions 

Tl 3+ (aq) + 3e“ > Tl(s) 

£" e "= 0.73 V 
Tl 3+ (aq) + 2e“ - 
E* = 1.26 V 


T1C1 3 (s) + 2e“ » TlCl(s) + 2Cl“(aq) 

E*= 0.89 V 

Tl + (aq) + e“ > Tl(s) 

E* = -0.336 V 

TlCl(s) + e“ > Tl(s) + Cl - (aq) 

E^ = -0.56 V 

TlBr(s) + e“ > Tl(s) + Br“(aq) 

£*= -0.413 V 

Tll(s) + e“ > Tl(s) + 1“ (aq) 

E^= -0.15 V 

T1 2 S(s) + 2e“ * 2Tl(s) + S 2 “ 

E*= -0.94 V 

Basic solutions 

T1(OH) 3 (s) + 2e“ » 

Tl(OH) (s) + 20H“(aq) 

E^= -0.05 V 

Tl(OH)(s) + e“ > Tl(s) + OH“(aq) 

E*= -0.868 V 

Solubility equilibria: 

Tl(OH) 3 > Tl 3+ + 30H“ 

K sp ~ 1.5 x 10~ 44 

T1 2 S > 2T1+ + S 2 “ 

K sp = 1 x 10“ 24 

TlCl > T1+ + Cl“ 

K s p = 1.9 x 10“ 4 

> T1+ + Br“ 

K s p = 3.9 x 10“ 6 


■» Tl + (aq) 


TlBr 
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2.14 

Group 14 Elements 

Carbon ( 12010 £C), OS: +4, +2, 0, -2, 
(-4); IE: 1086.5, 2352.6, 4620.5, 6222.7 
lcj mol^ 1 . 

2C0 2 (g)+2e- + 2H+ > H 2 C 2 0 4 (aq) 

E*= -0.475 V 

C0 2 (g) + 2e“ + 2H+ > HCOOH(aq) 

E^= -0.199 V 

C0 2 (g) + 2e-+2H+ > CO(g) + H 2 0 

E* = -0.106 V 

C0 2 (g)+4e“+4H+ > C(s) + 2H 2 0 

E^= 0.206 V 

C0 2 (g) + 8e“ + 8H+ > 

CH 4 (g) + 2H 2 0 
E^= 0.169 V 

2H 2 C0 3 (aq) + 2e“ + 2H+ > 

H 2 C 2 0 4 (aq) + 2H 2 0 
E^= -0.391 V 

H 2 C0 3 (aq) + 4e“ + 4H+ > 

C(s) + 3H 2 0 
E^= 0.228 V 

2C0 3 2 “(aq) + 2e“ + 4H+ > 

C 2 0 4 2_ (aq) + 2H 2 0 
E^= 0.478 V 

C0 3 2 “(aq) + 4e“ + 6H+ > 

C(s) + 3H 2 0 
E* = 0.475 V 

HCOOH(aq) + 2e“ + 2H+ » 


HCHO(aq) + H 2 0 
E^ = 0.034 V 

HCOOH(aq) + 4e“ + 4H+ > 

CH 3 0H(aq) + H 2 0 
E^= 0.010 V 

HCOOH(aq) + 2e“ + 2H+ » 

C(s) + 2H 2 0 
E*= 0.523 V 

HCHO(aq) + 2e“ + 2H+ » 

CH 3 OH(aq) 

E^ = 0.232 V 

CO(g) + 2e“ + 2H+ > C(s) + H 2 0 

E*= 0.517 V 

C(s) + 4e“ + 4H+ > CH 4 (g) 

E*= 0.132 V 

(CN) 2 (g) + 2e“ + 2H+ » 2HCN(aq) 

E^= 0.375 V 

(CN) 2 (g) + 2e- > 2CN“(aq) 

E*= -0.176 V 

(SCN) 2 + 2e“ > 2SCN“(aq) 

£- 0 -= 0.77 V 

2HOCN(aq) + 2e“ + 2H+ > 

(CN) 2 (g) + 2H 2 0 
E* = -0.33 V 

HOCN(aq) + 2e“ + 2H+ > 

HCN(aq) + H 2 0 
E^= 0.02 V 


(The electrode reactions of these com- 
pounds are highly irreversible, therefore, 
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practically all E ^ values are calculated 
from caloric data. There is an irreversible 
adsorption (dissociative chemisorption) of 
C0 2 , CO, HCOOH, HCHO, and CH 3 OH 
on platinum electrodes.) 

C 6 H 4 0 2 (aq) + 2e~ + 2H+ » 

(quinone) 

C 6 H 4 (OH) 2 (aq) 

(hydroquinone) 

E* = 0.6994 V 

(There are several carbon compounds 
that exhibit reversible behavior. We refer to 
the quinone-hydroquinone system, which 
is used in pH-sensitive electrodes.) The 
solubility of C0 2 in 100 g water at 1 bar 
and 20 °C is 0.172 g. 

Silicon (2S.0855 S i) os; +4, (+2), 0, -4; 
IE: 786.3, 1576.5, 3228.3, 4354.4 kj mol -1 . 

Si0 2 (s, quartz) + 4e“ + 4H + > 

Si(s) + 2H 2 0 
E* = -0.909 V 

Si0 2 (s, cristobalite) + 4e _ + 4H + ^ 

Si(s) + 2H 2 0 
E* = -0.900 V 

Si0 2 (s, vitreous) + 4e“ + 4H + > 

Si(s) + 2H 2 0 
E^= -0.888 V 

H 4 Si0 4 (s) + 4e“ + 4H+ > 

Si(s) + 4H 2 0 
E^= -0.848 V 

H 3 Si0 4 ~ (s) + 4e“ + 5H+ » 

Si(s) + 4H 2 0 
E^= -0.712 V 


Si0 2 (s, glassy) + 2e + 2H + > 

SiO(g) + h 2 o 
E^= -0.976 V 

SiO(g) + 2e“ + 2H+ > Si(s) + H 2 0 

E^ = -0.808 V 

Si(s) + 4e“ + 4H+ » SiH 4 (g) 

E^= -0.143 V 

Si0 2 (s) + 8e“ +8H+ > 

SiH 4 (g) + 2H 2 0 
E^= -0.516 V 

H 4 Si0 4 (aq) + 8e” + 8H+ > 

SiH 4 (g) + 4H 2 0 
E^= -0.495 V 

The E^ values were calculated from 
thermodynamic data. There are a large 
number of different acids, especially of the 
polyacid type. The complex forms exist 
in equilibrium, which depends on the 
pH. There are several compounds with 
hydrogen, the general formula of which 
can be given as Si„H 2 „ +2 . 

Solubility equilibrium: 

H 2 Si0 3 > HSi0 3 “ + H+ 

K sp = lx 10- 10 

Germanium ( 76 ^Ge), OS: +4, +2, 0; IE: 
761.2, 1537, 3301.2, 4409.4 kj mol” 1 . 

Ge0 2 (s) + 4e“ + 4H+ » 

Ge(s) + 2H 2 0 

E ^ = —0.019 V (hexagonal form) 
E ^ = —0.058 V (tetragonal form) 

Ge 4+ (aq) + 4e“ > Ge(s) 

E^= 0.124 V 



Ge 4+ (aq) + 2e > Ge 2+ (aq) 

E^= 0.0 V 

H 2 Ge0 3 (aq) + 4e“ + 4H+ > 

Ge(s) + 3H 2 0 
E^= 0.012 V 

Ge0 2 (s, hex) + 2e“ + 2H + > 

GeO(s, brown, hydrous) + H 2 0 
E^= -0.132 V 

H 2 Ge0 3 (aq) + 2e“ + 2H+ » 

GeO(s, brown) + 2H 2 0 
E^= -0.72 V 

H 2 Ge0 3 (aq) + 2e“ + 4H+ > 

Ge 2+ (aq) + 3H 2 0 
E^= -0.223 V 

Ge 2+ (aq) + 2e~ > Ge(s) 

E^= 0.247 V 

GeO(s, brown) + 2e“ + 2H + > 

Ge(s) + H 2 0 
E^= 0.095 V 

Ge(s) + 4e~ + 4H+ » GeH 4 (g) 

E* = -0.42 V 

The E * values were calculated from 
thermodynamic data. In aqueous solu- 
tions, Ge 4+ exist in different forms, 
such as [GeO(OH) 3 ]“ and [Ge0 2 (0H) 2 ] 2- . 
Hydrides are of the type Ge„H 2 „ +2 
(1 < n < 9). 

Solubility equilibrium: 

Ge0 2 + H 2 0 > H+ + HGe0 3 “ 

K s p = 1.1 x 10 -10 

Tin ( 118 jJSn), OS: +4, +2, (+1), 0; IE: 
708.4, 1411.4, 2942.2, 3929.3 kj mol -1 . 
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Sn 4+ (aq) + 2e“ > Sn 2+ (aq) 

E^ = 0.15 V (estimated) 

E°' = 0.07 V (0.097 M HC1) 

£°' = 0.1325 V (2.023 M HCl) 

Sn0 2 (s, white) + 2e~ + 2H + > 

SnO(s, black) + H 2 0 
E 44 = 0.088 V (calcd) 

Sn0 2 (s) + 2e“ + H+ » HSn0 2 “(aq) 

E* = -0.35 V (calcd) 

Sn 4+ (aq) + 4e“ > Sn(s) 

E^ = -0.2 V (calcd) 

Sn(s) + 4e“ + 4H + > SnH 4 (aq) 

E*= -1.074 V (calcd) 

Sn 2+ (aq) + 2e“ > Sn(s) 

E^= -0.136 V (HCl) 

HSn0 2 “(aq) + 2e“ + 3H+ » 

Sn(s) + 2H 2 0 
E*= 0.333 V (calcd) 

SnO(s, black) + 2e“ + 2H + > 

Sn(s) + H 2 0 
E^= -0.104 V (calcd) 

SnS(s) + 2e“ ^ Sn(s) + S 2 ~(aq) 

E* = -0.94 V (calcd) 

(«-Butyl) 2 SnBr 2 + 2e“ > 

(«-butyl) 2 Sn + 2Br“ 

E^ = 0.24 V (methanol) [71] 

Sn 2+ (aq) + 2e~ + 3Ag(s) ^ 

Ag 3 Sn(s) (constituent of 
the dental amalgam) 
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E°' = -0.05 V 
Solubility equilibria: 

SnS » Sn 2+ + S 2 “ 

^ = lx 10- 20 

Sn(OH) 2 > Sn 2+ + 20H“ 

K sp = 5 x 10“ 26 

Sn(OH) 4 > Sn 4+ + 40H“ 

^ = lx 10“ 56 

Lead ( 207 82 Pb), OS: +4, +2, 0; IE: 715.4, 
1450, 3080.7, 4082.3 kj mol” 1 . 

Acidic solutions 

Pb 4+ (aq) + 2e“ * Pb 2+ (aq) 

E^= 1.69 V 

Pb 2+ (aq) + 2e“ > Pb(s) 

E^ = -0.125 V 

Pb(s) + 2e“ + 2H+ > PbH 2 (aq) 

E^= -1.507 V 

Pb0 2 (s) + 2e“ + 4H+ + S0 4 2 “(aq) 

> PbS0 4 (s) +2H 2 0 

E*= 1.698 V(a-Pb0 2 ) 

E^= 1.69 V (/J-Pb0 2 ) 

Pb0 3 2 “(aq) + 2e“ + 6H+ + S0 4 2 “ 

» PbS0 4 (s) + 3H 2 0 

E*= 2.34 V (calcd) 

Pb(OH) 2 (s) + 2e“ + 2H+ * 

Pb(s) + 2H 2 0 

E*= 0.277 V (calcd) 

PbS0 4 (s) + 2e“ * 

Pb(s) + S0 4 2 “(aq) 


E^= -0.35277 V[l] 

PbF 2 (s) + 2e“ » Pb(s) + 2F“(aq) 

E^= -0.344 V 

PbCl 2 (s) + 2e“ > Pb(s) + 2Cl“(aq) 

E^= -0.268 V 

PbBr 2 (s) + 2e“ > Pb(s) + 2Br“(aq) 

E^= -0.28 V 

Pbl 2 (s) + 2e“ * Pb(s) + 21“ (aq) 

E^= -0.365 V 

PbS(s) + 2e“ > Pb(s) + S 2 “(aq) 

£- 0 -= -0.93 V (calcd) 

Basic solutions 

Pb0 2 (s) + 2e“ + H 2 0 > 

PbO(s, red) + 20H“(aq) 

E 44 = 0.247 V (calcd) 

Pb0 3 2 “(aq) + e“ + 2H 2 0 > 

HPb0 2 (aq) + 30H“(aq) 

E^ = 0.33 V (calcd) 

HPb0 2 “(aq) + 2e“ + H 2 0 * 

Pb(s) + 30H“(aq) 

E^ = -0.502 V (calcd) 
Solubility equilibria: 

Pb(OH) 2 > Pb 2+ + 20H“ 

A: sp = 2.8 x 10“ 16 

PbS > Pb 2+ + S 2 “ 

K sp = 7 x 10“ 29 

PbS0 4 > Pb 2+ + S0 4 2 “ 

A: sp = 1.8 x 10“ 8 
PbF 2 > Pb 2+ + 2F“ 



A: sp = 3.7 x 10 -8 

PbCl 2 > Pb 2+ + 2C1“ 

A: sp = 1.7 x 10 -5 

PbBr 2 » Pb 2+ + 2Br - 

K sp = 5 x 10 -5 

Pbl 2 * Pb 2+ + 21“ 

A: sp = 8.7 x 10“ 9 

PbCr0 4 > Pb 2+ + Cr0 4 2- 

A: sp = 1.77 x 10“ 14 

Complex equilibria 

Recent data on several Pb 2+ complexes 
can be found in Refs 59, 64. 

2.15 

Group 15 Elements 

Nitrogen ( 140062 N), OS: +5, +4, +3, +2, 
+1, 0, -1/3, -1, -2, -3; IE: 1402, 2856, 
4577 kj mol -1 , 16920 (IV + V) kj mol -1 . 
Acidic solutions 

2N0 3 - (aq) + 2e - + 4H+ > 

N 2 0 4 (g) + 2H 2 0 
E* = 0.803 V (calcd) 

N0 3 - (aq) + e - + 2H+ » 

N0 2 (g) + H 2 0 

E^= 0.775 V (calcd) 

N0 3 - (aq) + 2e - + 3H+ > 

HN0 2 (aq) + H 2 0 
E^ = 0.94 V (calcd) 

E ° ' = 0.98 V (2-12 M HN0 3 ) 
N0 3 - (aq) + 2e - + 2H+ > 
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N0 2 - (aq) + H 2 0 
E^= 0.835 V (calcd) 

N0 3 - (aq) + 3e - + 4H+ > 

NO(g) + 2H 2 0 
£" e "= 0.96 V 

2N0 3 - (aq) + 8e - + 10H+ > 

N 2 0(g) + 5H 2 0 

E* = 1.116 V (calcd) 

2N0 3 - (aq) + 10e - + 12H+ » 

N 2 (g) + 6H 2 0 

£" e "= 1.246 V (calcd) 

N0 3 - (aq) + 8e - + 10H+ > 

NH 4 +(aq) + 3H 2 0 
E^= 0.875 V (calcd) 

N0 2 (g) + e - + H+ > HN0 2 

E* = 1.093 V (calcd) 

N0 2 (g) + 2e - +2H+ > 

NO(g) + H 2 0 

E* = 1.045 V (calcd) 

2N0 2 (g) + 6e - + 6H+ > 

N 2 0(g) + 3H 2 0 

E* = 1.229 V (calcd) 

2N0 2 (g) + 8e - + 8H+ * 

N 2 (g) + 4H 2 0 

£" e ‘= 1.363 V (calcd) 

HN0 2 (aq) + e - + H+ » 

NO(g) + H 2 0 
E^ = 0.996 V 

2HN0 2 (aq) + 4e - + 4H+ > 
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N 2 0(g) + 3H 2 0 

= 1.297 V(calcd) 

2HN0 2 (aq) + 6e“ + 6H+ » 

N 2 (g) + 4H 2 0 

E*= 1.454 V (calcd) 

HN0 2 (aq) + 6e“ + 7H+ > 

NH 4 + (aq) + 2H 2 0 
E^= 0.864 V (calcd) 

2NO(g) + 2e“ + 2H+ > 

N 2 0(g) + H 2 0 

E* = 1.59 V (calcd) 

2NO(g) + 4e“ + 4H+ > 

N 2 (g) + 2H 2 0 

E^= 1.678 V (calcd) 

N 2 0(g) + 8e“ + 10H+ > 

2NH 4 +(aq) + H 2 0 
E^= 0.647 V (calcd) 

N 2 (g) + 2e~ + 2H+ > 2HN 3 (g) 

E^ = -3.1 V (calcd) 

N 2 (g) + 6e“ + 8H+ » 2NH 4 +(aq) 

£" e "= 0.275 V (calcd) 

Basic solutions 

2N0 3 - (aq) + 2e“ + 2H 2 0 » 

N 2 0 4 (g)+40H-(aq) 

E* = -0.86 V (calcd) 

N0 3 “(aq) + 2e~ + H 2 0 > 

N0 2 -(g) + 20H-(aq) 

= 0.01 V (calcd) 

N0 2 “(aq) + e - + H 2 0 > 


N0(g) + 20H - (aq) 

E* = 0.46 V (calcd) 

2N0 2 ~(aq) + 4e“ + 3H 2 0 > 

N 2 0(g) + 60H-(aq) 

E^= 0.15 V (calcd) 

N 2 (g) + 4e“ + 4H 2 0 > 

N 2 H 4 (aq) + 40H“(aq) 

E* = -1.16 V (calcd) 

N 2 H 4 (aq) + 2e“ + 4H 2 0 > 

2NH 3 (aq) + 20H“(aq) 

E* = 0.1 V 

(Nitrogen fixation, that is, the con- 
version of N 2 to the nonzero OS, 
is thermodynamically possible; however, 
both the oxidation and the reduction of 
N 2 are kinetically hindered. Practically 
all of the electrode reactions of nitro- 
gen compounds are irreversible; there- 
fore, mostly, calculated E^ values are 
given.) 

Solubility of nitrogen in 100 g water at 1 
bar and 20 °C is 1.324 x 10 -3 g. 

Solubility of ammonia in 100 g water at 
1 bar and 20 °C is 54 g. 

Phosphorus ( 30 - 971 9p^ OS: +5, +4, +3, 
+2, +1, 0, -1/3, -1, -2, -3; IE: 
1402, 2856, 4577 kj mol -1 , 16920 (IV + V) 
kj mol -1 . 

Acidic solutions 

2HP0 4 2- (aq) + 2e - + 4H+ » 

H 2 P 2 0 6 2- (aq)+2H 2 0 
E^= -0.551 V 

2H 3 P0 4 (aq) + 2e - + 2H+ » 

H 4 P 2 0 6 (aq) + 2H 2 0 
E^ = -0.993 V 
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H 3 P0 4 (aq) + 2e“ + H+ > 

h 2 po 3 “ + h 2 o 

E^= -0.329 V 

H 3 P0 4 (aq) + 2e“ + 2H+ > 

h 3 po 3 + h 2 o 

E^= -0.276 V 

H 3 P0 4 (aq) + 5e” + 5H+ > 

P(s, white) + 4H 2 0 
E* = -0.411 V 

H 3 P0 4 (aq) + 5e” + 5H+ > 

P(s, red) + 4H 2 0 
E*= -0.358 V 

4H 3 P0 4 (aq) + 22e“ + 22H+ > 

P 4 H 2 (aq) + 16H 2 0 
E* = -0.406 V 

H 3 P0 4 (aq) + 8e“ + 8H+ » 

PH 3 (g) + 4H 2 0 
E^= -0.265 V 

H 4 P 2 0 6 (aq) + 2e“ > 

2H 2 P0 3 “(aq) 

E* = 0.34 V 

H 3 P0 3 (aq) + 2e“ + 2H+ » 

H 3 P0 2 (g) + H 2 0 
E^= -0.499 V 

H 3 P0 3 (aq) + 3e“ + 3H+ » 

P(s, white) + 3H 2 0 
E*= -0.502 V 

4H 3 P0 3 (aq) + 14e~ + 14H+ » 

P 4 H 2 (aq) + 12H 2 0 


E^= -0.48 V 

H 3 P0 3 (aq) + 6e“ + 6H+ > 

PH 3 (g) + 3H 2 0 
£* = -0.282 V 

H 3 P0 2 (aq) + e“ + H+ > 

P(s, white) + 2H 2 0 
E* = -0.508 V 

H 3 P0 2 (aq) + 4e“ + 4H+ > 

PH 3 (g) + 2H 2 0 
E* = -0.174 V 

4P(s, white) + 2e“ + 2H+ > P 4 H 2 (g) 

E^= -0.347 V 

2P(s, white)+4e“+4H+ > P 2 H 4 (g) 

E^= -0.1 V 

2P 4 H 2 (g) + 2e- + 2H+ > 2PH 3 (g) 

E+ = 0.006 V 

Basic solutions 

P0 4 3 “(aq) + 2e“ + 2H 2 0 » 

HP0 3 2 “(aq) + 30H~(aq) 

E* = -0.12 V 

HP0 3 2_ (aq) + 2e“ + 2H 2 0 » 

H 2 P0 2 -(aq) + 30H“(aq) 

E* = -1.57 V 

H 2 P0 2 - (aq) + e“ > 

P(s, white) + 20H~(aq) 

E^= -2.05 V 

P(s, white) + 3e“ + 3H 2 0 > 

PH 3 (g) + 30H-(aq) 

E* = -0.89 V 
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The majority of the E ^ values are 
calculated from thermodynamic values. 

Dissociation and solubility equilibria: 

H 3 PO 4 » H 2 P0 4 “ + H+ 

K = 7.5 x 10 -3 

H 2 P0 4 “ » HP0 4 2- + H+ 

K = 6.2 x 10 -8 

HP0 4 2- > P0 4 3- + H+ 

K = lx 10 -12 

H 3 PO 3 > H 2 P0 3 “ + H+ 

K = 1.6 x 10 -2 

H 2 P0 3 “ > HPO 3 - + H+ 

K = 2 x 10 -7 

HP 4 Oi 2 2 “ * P 4 0 12 3 “ + H+ 

K = 1.8 x 10 -3 

H 4 P 2 0 7 » H 3 p 2 0 7 “ + H+ 

K = 10 -1 

HP 2 0 7 3- > P 2 0 7 4- + H+ 

K = 2.4 x 10 -10 

H 3 P0 2 > H 2 P0 4 “ + H+ 

K = 8.5 x 10 -2 

Ag 3 P0 4 > 3Ag+ + P0 4 3- 

K s p = 1.8 x 10 -18 

Ca 3 (P0 4 ) 2 > 3Ca 2+ + 2P0 4 3- 

K sp = 1 x 10 -25 

CaHP0 4 » Ca 2+ + HP0 4 2- 

K s p = 5 x 10 -6 

PbHP0 4 > Pb 2+ + HP0 4 2- 

K s p = 4 x 10 -12 


Arsenic ( 7492 3 As), OS: +7, +5, +3, 
(+2), (+1), 0, (-1), -3; IE: 947, 1798, 
2736 kj mol -1 , 10880 (IV + V) kj mol -1 . 
Acidic solutions 

H 3 As0 4 (aq) + 2e - + 2H+ * 

HAs0 2 + 2H 2 0 
E*= 0.56 V 

As0 4 3 - (aq) + 5e - + 8 H+ > 

As(s, a) + 4H 2 0 
£-°-= 0.648 V 

HAs0 2 (aq) + 3e - + 3H+ > 

As(s, a) + 2H 2 0 
E*= 0.24 V 

AsS 2 - (aq) + 3e - > 

As(s, a) + 2S 2 - (aq) 

E^ = -0.75 V 

As(s, a) + 3e - + 3H+ > AsH 3 (g) 

E^= -0.225 V 

Basic solutions 

AsP0 4 3 - (aq) + 2e - + 2H 2 0 > 

AsP0 2 - (aq) + 40H - (aq) 

AE^= -0.67 V 

As0 2 - (aq) + 3e - + 2H 2 0 > 

As(s, a) + 40H - (aq) 

E^= -0.68 V 

As(s, a) + 3e - + 3H 2 0 > 

AsH 3 (g) + 30H - (aq) 

E*= -1.37 V 

Most of the E * values are calculated 
from thermodynamic data. 



Dissociation and solubility equilibria: 

H 3 As0 4 * H 2 As0 4 " + H+ 

K = 4.8 x 10 -3 

H 2 As0 4 - » HAs0 4 2- + H+ 

K = 1.7 x 10 -7 

HAs0 4 2- > As0 4 3- + H+ 

K = 3 x 10 -12 

Ag 3 As 03 > 3Ag + + As0 3 3- 

K sp = 4.5 x 10 -19 

Ag 3 As0 4 » 3Ag + + As0 4 3- 

K sp = 1 x 10“ 19 

Antimony ( 121 ' 7 33 Sb), OS: +5, +3, 0, 
-3; IE: 834, 1595, 2443 kj mol -1 , 9636 
(IV + V) kj mol -1 . 

Strong acid solutions 

Sb 2 0 5 (s) + 4e - + 6H+ » 

2SbO+(aq) + 3H 2 0 
E^= 0.605 V 

SbO + (aq) + 3e - + 2H+ > 

Sb(s) + H 2 0 
E* = 0.204 V 

SbCl 4 - + 3e - > 

Sb(s) + 4Cl - (aq) 

E°' = 0.17 V (3.5-7 M HC1) 

Acid and neutral solutions 

Sb 2 0 5 (s) + 2e - + 2H+ > 

Sb 2 0 4 (s) + H 2 0 
E^= 1.055 V (calcd) 

2Sb 2 0 4 (s) + 4e - + 4H+ > 

Sb 4 0 6 (s) + 2H 2 0 
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E^= 0.342 V (calcd) 

Sb 4 0 6 (s) + 12e - + 12H+ > 

Sb(s) + 6H 2 0 
E* = 0.15 V 

Sb(s) + 3e - + 3H+ » SbH 3 (g) 

E* = -0.51 V 

Sb 3 3- (aq) + 3e - Sb(s) + 3S 2- (aq) 

E* = -1.45 V 
Basic solutions 

Sb(OH) 6 - (aq) + 2e - > 

Sb(0H) 4 - (aq) + 20H - (aq) 

£*= -0.465 V 

Sb(OH) 4 - (aq) + 3e - > 

Sb(s) + 40H - (aq) 

E^= -0.639 V 

Sb(s) + 3e - + 3H 2 0 * 

SbH 3 (g) + 30H - (aq) 

E* = -1.338 V 
Solubility equilibria: 

Sb(OH) 3 > Sb 3+ + 30H - 

K s p = 4 x 10 -42 

Sb 2 S 3 > 2Sb 3+ + 3S 2- 

K sp = lx 10 -3 ° 

Bismuth ( 208 ' 98 Bi), OS: +5, +3, 0, -3; IE: 

703, 1610, 2466 kj mol -1 , 9776 (IV + V) 
kj mol -1 . 

Acidic solutions 

Bi 5+ (aq) + 2e - > Bi 3+ (aq) 

£°' = 2.0 V (0.5 M H+, 
ionic strength, I = 2 M) 
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Bi 3+ (aq) + 3e“ » Bi(s) 


= 0.3172 V 

HBi0 3 (aq) + 2e“ + 5H+ » 

Bi 3+ (aq) + 3H 2 0 
E° = 2.2 V versus 
Ag|AgCl, saturated KC1 [72] 

BiOCl(s) + 3e“ + 2H+ > 

Bi(s) + cr + h 2 o 
E*= 0.1697 V 

BiCl 2+ (aq) + 3e“ * 

Bi(s) + Cl _ (aq) 

E*= 0.271 V 

BiCl 2 + (aq) + 3e“ > 

Bi(s) + 2Cl _ (aq) 

E*= 0.249 V 

BiCl 4 “(aq) + 3e“ > 

Bi(s) + 4Cl _ (aq) 

E^= 0.199 V 

BiCl6 3_ (aq) + 3e“ > 

Bi(s) + 6Cl _ (aq) 

E*= 0.190 V 

Basic solutions 

BiOH 2+ (aq) + 3e“ > 

Bi(s) + OH“(aq) 

£" e "= 0.072 V (calcd) 

Bi 6 (OH) 12 6+ (aq) + 18e“ > 

6Bi(s) + 120H“(aq) 

E^= -0.234 V (calcd) 


Bi 9 (OH) 22 5+ (aq) + 27e“ > 

9Bi(s) + 220H“(aq) 

£” e "= -0.33 V (calcd) 

Bi 2 0 3 (s) + 6e + 3H 2 0 > 

2Bi(s) + 60H“(aq) 

E* = -0.452 V (calcd) 

Solubility equilibria: 

Bi(OH) 2 Cl > Bi 3+ + 20H“ + Cl“ 

K s p = 1.2 x 10“ 35 

Bi(OH) 3 > Bi 3+ + 30H“ 

A'sp = 4.3 x 10“ 31 

Bi 2 S 3 > 2Bi 3+ + 3S 2- 

K s p = 1.6 x 10“ 72 (calcd) 

Tellurium ( 127 52 Te), OS: +6, +4, 0, (— 1), 

2; IE: 869 kj mol -1 , 

Acidic solutions 

H 2 Te0 4 (aq) + 2e“ + 6H+ * 

Te 4+ (aq) +4H 2 0 
E 44 = 0.93 V (calcd) 

Te 4+ (aq) + 4e~ ^ Te(s) 

E^ = 0.57 V 

2Te(s) + 2e~ > Te 2 2_ (aq) 

E^ = -0.84 V 

Te 2 2_ (aq) + 2e“ + 2H+ * 

H 2 Te(aq) 

E*= -0.64 V 

H 2 Te0 4 + 2e“ + 2H+ > 

Te0 2 (s) + 2H 2 0 
E^= 1.0 V 
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2Te0 2 + 10e - + 8H+ » 

Te 2 2 “(aq) + 4H 2 0 
E^= 0.53 V 

Te(s) + 2e~ + 2H+ > H 2 Te(aq) 

E* = -0.74 V 

Te(s) + 2e~ + H+ > HTe“(aq) 

E* = -0.817 V 

Te0 2 (s) + 4e“ + 4H+ > 

Te(s) + 2H 2 0 

= 0.5213 V 

TeOOH+(aq) + 4e“ + 3H+ > 

Te(s) + 2H 2 0 
E*= 0.559 V 

H 2 Te0 3 (aq) + 4e“ + 4H+ * 

Te(s) + 3H 2 0 
E^= 0.589 V 

TeCl6 _ (aq) + 5e“ > 

Te(s) + 6Cl - (aq) 

E°' = 0.63 V (3 M HC1) 

TeFg(aq) + 6e - > 

Te(s) + 6F - (aq) 

E* = 0.755 V 

TeCU(aq) + 4e“ ^ 

Te(s) + 4Cl - (aq) 

E^= 0.745 V 
Basic solutions 

Te0 4 2- (aq) + 2e“ + H 2 0 > 

Te0 3 2- (aq) + 20H - (aq) 

E*= 0.07 V 

Te0 3 2- (aq) + 4e“ + 3H 2 0 > 


Te(s) + 60H - (aq) 

E^= -0.42 V 

Te(s) + 2e“ ^ Te 2- (aq) 

E^= -1.14 V 

Dissociation equilibria: 

H 2 Te » HTe - + H+ 

K = 2.3 x 10 -3 

HTe > Te 2+ + H+ 

K = lx 10 -11 

TeO(OH) 2 (s) » TeOOH+ + OH - 

K b = lx 10 -12 

Te0 2 (s) + H 2 0 » TeOOH+ + OH - 

K h = 8.9 x 10 -17 

H 2 Te0 4 > HTe0 4 - + H+ 

K = 2.1 x 10 -8 

HTe0 4 “ > Te0 4 2- + H+ 

K = 6.5 x 10 -12 

Solubility equilibrium: 

Te(OH) 4 > Te 4+ + 40H - 

K = 1 x 10 -11 

2.16 

Croup 16 Elements 

Oxygen ( 15 " 94 0), OS: (+2), 0, -2; IE: 

1313.5 kj mol -1 . 

Acidic solutions 

0 2 (g) + 4e - + 4H+ > 2H 2 0 

E^= 1.229 V 

0 2 (g) + 2e - + 2H + 

£" e "= 0.695 V 


* H 2 0 2 (aq) 
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0 2 (g) + e - + H+ » H0 2 (aq) 

E^= -0.125 V 

0 2 (g) + e - > 0 2 - (aq) 

= -0.284 V 

H0 2 (aq) + e“ + H+ > H 2 0 2 (aq) 

E^= 1.495 V 

H 2 0 2 (aq) + 2e - + 2H+ » 2H 2 0 

£* = 1.776 V 

H 2 0 2 (aq) + e - + H+ > OH + H 2 0 

£*=0.71 V 

OH + e - + H+ » H 2 0 

£* = 2.85 V (calcd) 

0 3 + 2e - + 2H+ > 0 2 (g) + H 2 0 

£* = 2.075 V (calcd) 

Basic solutions 

0 2 (aq)+4e - + 2H 2 0 » 40H - (aq) 

£*= 0.401 V 

0 2 (aq) + 2e - + H 2 0 ^ 

H0 2 - (aq) + 0H - (aq) 

£*= -0.076 V 

0 2 “(aq) + e - > 0 2 2- (aq) 

£*= -0.563 V 

0 2 - (aq) + e - + H 2 0 > 

H0 2 “ + OH - (aq) 

£*= 0.413 V 

H0 2 - (aq)+2e - + H 2 0 > 

30H - (aq) 

£*= 0.878 V 

H0 2 - (aq) + e - + H 2 0 > 

OH(aq) + 20H - (aq) 


£*= -0.245 V 

OH(aq) + e - > OH“(aq) 

£*= 2.02 V 

Proton affinities in gas phase: 

O 2- + H+ > OH - 

A h+ = -2860 kj mol -1 

OH - + H+ » H 2 0 

A h + = -1650 kj mol -1 

H 2 0 + H+ > H 3 0+ 

Ah+ = —695 kj mol -1 

Dissociation equilibria: 

H 2 0 < » H+ + OH - 

£w = 1-008 x 10 -14 

D 2 0 < » D+ + OH - 

£w = 1-95 x 10 -15 

T 2 0 < » T+ + OH - 

(T for Tritium, 3 H) 

£w = 6 x 10 -6 

H 2 0 2 » +H0 2 - + H+ 

K = 2.4 x 10 -12 

The solubility of oxygen in 100 g water 
at 1 bar and 20 °C is 4.42 x 10 -3 g. 

Sulfur ( 32 0 ^|S), OS: +6, (+5), +4, +2, 
(+1), 0, -2; IE: 999.3 kj mol -1 , EA: 200 
and —414 kj mol -1 . 

Acidic solutions 

S 2 08 2- (aq) + 2e - » 2S04 2- (aq) 

£*= 1.96 V 

2S0 4 2- (aq) + 2e - + 4H+ » 

S 2 0 6 2- (aq) + 2H 2 0 
E^= -0.25 V 
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S0 4 2 “(aq) + 2e“ + 4H+ > 

H 2 S0 3 (aq) + H 2 0 
= 0.16 V 

2H 2 S0 3 (aq) + 2e“ + H + > 

HS 2 0 4 “(aq) + 2H 2 0 
= -0.07 V 

4H 2 S0 3 (aq) + 6e“ + 4H+ » 

S 4 0 6 2 -(aq) + 6H 2 0 
E* = 0.507 V 

HS 2 0 4 “(aq) + 2e“ + H+ » 

S 2 0 3 2 -(aq) + H 2 0 
£*= 0.87 V 

S 2 0 3 2 “(aq) + 4e~ + 6H+ » 

S(s) + 3H 2 0 
£ 4 =0.6V 

S(s) + 2e“ + 2H+ » H 2 S(aq) 

E* = 0.144 V 

S 2 Cl 2 (g) + 2e~ » 2S(s) + 2C1 - (aq) 

£* = 1.19 V 

SF 4 (g) + 4e“ > S(s) + 4F“(aq) 

E^= 0.97 V 

(CH 3 ) 2 S0 2 (g) + 2e~ + 2H+ > 

(CH 3 ) 2 S0(g) + H 2 0 
E * = 0.238 V (calcd) 

(CH 3 ) 2 S0 2 (g) + 4e“ + 4H+ * 

(CH 3 ) 2 S(g) + 2H 2 0 
E + = 0.769 V (calcd) 


Basic solutions 

S0 4 2- (aq) + 2e _ + H 2 0 > 

S0 3 2_ (aq) + 20H“(aq) 

E^ = -0.94 V 

2S0 3 2_ (aq) + 4e“ + 3H 2 0 > 

S 2 0 3 2 “(aq) + 60H“(aq) 

E^= -0.58 V 

S 2 0 3 2_ (aq) + 4e _ + 3H 2 0 > 

2S(s) + 60H“(aq) 

E^= -0.74 V 

S(s) + 2e“ > S 2- (aq) 

E^= -0.45 V 

2S0 3 2 “(aq) + 2e“ + 2H 2 0 * 

S 2 0 4 2 “ +40H“(aq) 

E^= -1.13 V 

S 2 0 4 2 ~(aq) + 6e _ + 4H 2 0 > 

2S(s) + 80H“(aq) 

E^= -0.5 V 

S0 3 2 “(aq) + 4e“ + 3H 2 0 > 

S(s) + 60H“(aq) 

E^= -0.66 V 

The standard potentials of sul- 
fur compounds are mostly calcu- 
lated thermodynamically because the 
redox systems - except that of sul- 
fite -dithionite - are irreversible. In excess 
sulfide, sulfur dissolves in the form of 
poly sulfides. 

Dissociation equilibria: 


H 2 S > HS“ + H+ 

K = 9.1 x 10 -8 
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HS“ » S 2 “ + H+ 

Fe 2 S 3 — 

— ► 2Fe 3+ + 3S 2 “ 

K = 1.2 x 10 “ 12 

K sp 

~ 1 x 10 -88 (calcd) 

H 2 SO 3 » HS0 3 “ + H+ 

Hg 2 S- 

-> Hg 2 2+ + S 2 - 

K = 1.7 x 10 “ 2 

K sp 

= 1 x 10 -47 (calcd) 

HS0 3 “ > S0 3 2- + H+ 

HgS — 

-* Hg 2+ + S 2 “ 

K = 5 x 10 “ 6 

Ksp 

= 4 x 10 -53 (calcd) 

H 2 SO 4 > HS0 4 ~ + H+ 

Hg 2 S0 4 

■> Hg 2 2+ + S0 4 : 

K > 10 3 

4.7 : 

x 10 -7 < K sp < 8.1 

HS0 4 “ » S0 4 2- + H+ 

MgS — 

-» Mg 2+ + S 2_ 

K = 1.26 x 10 “ 2 [7] 

K = 1.02 x 10 -2 

Ksp 

NiS(a) - 

= 2 x 10“ 15 

> Ni 2+ + S 2_ 

- 1.08 x 10“ 2 [ 1 ] 

Ksp 

= 3 x 10 -21 

Solubility equilibria: 

PbS 

■> Pb 2+ + S 2 “ 

Ag 2 S > 2Ag+ + S 2 - 

Ksp 

= 1.1 x 10 -29 

K s p = 6 x 10 -51 (calcd) 

PtS 

> p t 2 + + s 2 “ 

Ag 2 S 3 > 2Ag 3 + + 3S 2 “ 

Ksp 

~ 1 x 10“ 68 

K sp = 4 x 10 - 29 

RaS 04 - 

> Ra 2+ + S0 4 2- 

Bi 2 S 3 » 2Bi 3+ + 3S 2- 

Ksp 

= 4.25 x 10 -11 

K sp = 1.6 x 10 “ 72 (calcd) 

Sb 2 S 3 - 

— » 2Sb 3+ + 3S 2- 

CdS » Cd 2+ + S 2 “ 

K sp 

= 1 x 10 “ 3 ° 

K sp = 7 X 10“ 28 

SnS 

■* Sn 2+ + S 2 “ 

CoS (a) > Co 2+ + S 2 “ 

Ksp 

= 1 x 10 -28 

K sp = 3.1 x 10“ 23 

US 

> Tl 2+ + S 2 “ 

Cu 2 S > 2Cu+ + S 2 “ 

Ksp 

= 1 x 10 -24 

K sp = 2x 10“ 47 

ZnS(a) - 

> Zn 2+ + S 2_ 

CuS > Cu 2+ + S 2 “ 

Ksp 

= 6.9 x 10 _2 ° 

a: sp = 3.5 x i0“ 38 

CaS 04 - 

— » Ca 2+ + S0 4 2- 

FeS > Fe 2+ + S 2 “ 

Ksp 

= 6.1 x 10 -5 

K sp = 3.7 x 10“ 19 

HgSQ 4 - 

» Hg 2+ + S0 4 2- 


10 -7 [ 1 ] 
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K s p = 6.1 x 10“ 7 

PbS0 4 > Pb 2+ + S0 4 2- 

K sp = 1.8 x 10 -8 

SrS0 4 * Sr 2+ + S0 4 2 “ 

A: sp = 2.8 x 10 -7 

Selenium ( 78 ^Se), OS: +6, +5, +4, +3, 
+2, 0, -2; IE: 940.7 kj mol” 1 . 

Acidic solutions 

Se0 4 2_ (aq) + 2e“ + 4H+ > 

H 2 Se0 3 (aq) + H 2 0 
E^= 1.1 V(calcd) 

H 2 Se0 3 (aq) + 4e“ + 4H+ > 

Se(s) + 3H 2 0 
E*= 0.74 V 

Se(s) + 2e“ + 2H+ » H 2 Se 

E^= -0.11 V 

Se 2 Cl 2 (1) + 2e“ * Se(s) + 2Cl“(aq) 

E*= 1.108 V 

SeF6 + 6e“ > Se(s) + 6F“(aq) 

E^= 1.109 V 

Basic solutions 

Se0 4 2 ~(aq) + 2e“ + H 2 0 > 

Se0 3 2_ (aq) + 20H~(aq) 

E^= 0.03 V(calcd) 

Se0 3 2_ (aq) + 4e“ + 3H 2 0 » 

Se(s) + 60H“(aq) 

E^= -0.36 V 
Se(s) + 2e“ > Se 2- (aq) 


Dissociation equilibria: 

HSe0 4 “ > Se0 4 2- + H+ 

K = 8.9 x 10“ 3 

H 2 Se0 3 2_ * HSe0 3 “ + H+ 

K = 2.7 x 10 -3 

HSe0 3 “ » Se0 3 2- + H+ 

K = 2.63 x 10“ 7 

H 2 Se > HSe“ + H+ 

K = 1.88 x 10“ 4 

HSe > Se 2_ + H+ 

K = lx 10“ 14 

Polonium ( [208 ' 98 8 2 jPo), OS: +6, +4, +2, 
0,-2; IE: 813 kj mol” 1 . 

Acidic solutions 

Po0 3 (s) + 2e“ + 2H+ » 

Po0 2 (s) + H 2 0 
E^ = 1.51 V 

Po0 3 (s) + 4e“ + 6H+ > 

Po 2+ (aq) + 3H 2 0 
E*= 1.3 V 

Po0 2 (s) + 2e“ + 4H+ > 

Po 2+ (aq) + 2H 2 0 
E^= 1.1 V 

Po 2+ (aq) + 2e~ ^ Po(s) 

E^ = 0.37 V 

Po0 2 (s) + 4e“ + 4H+ > 

Po(s) + 2H 2 0 
E* = 0.73 V 
Po(s) + 2e“ + 2H+ 
fi 44 - IV 


E^= 0.67 V 


* H 2 Po(g) 
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Basic solutions 

PoC> 3 (s) + 2e - » Po0 3 2- (aq) 

E^= 1.48 V 

Po 03 2 _ (aq) + 4e - + 3 H 2 O > 

Po(s) + 60H - (aq) 

E* = -0.5 V 

Po(s) + 2e - > Po 2- (aq) 

£' e "~ 1.4 V 

Po0 3 (s) + 6e - + 6H+ » 

Po(s) + 3H 2 0 
E^= 0.16 V 

Approximate E ^ values are obtained 
from the potentials of the deposi- 
tion of Po and Po0 2 . Because of the 
emanation of high-energy cr-particles, 
ozone, oxygen radicals, and peroxides are 
formed from water, which can oxidize 
Po 2+ ions. 


2.17 

Group 17 Elements 

Fluorine ( 18 "|F), OS: 0, -1; IE: 

1680 lcj mol -1 , EA: —332.6 kj mol -1 . 

F 2 (g) + 2e - > 2F - (aq) 

£"°"= 2.866 V (calcd) 

F 2 (g) + 2e - + H+ * HF 2 - (aq) 

£" e "= 2.979 V (calcd) 

F 2 (g) + 2e - + 2H+ > 2HF(aq) 

£" e '= 3.053 V (calcd) 

F 2 0(g) + 4e - + 2H+ > 

2F — (aq) + H 2 0 

£" e "= 2.153 V (calcd) 


Dissociation equilibrium: 

HF > F - + H+ 

K = 3.53 x 10 -4 

Solubility equilibria: 

BaF 2 > Ba 2+ + 2F - 

K s p = 1.7 x 10 -6 

CaF 2 » Ca 2+ + 2F - 

K s p = 3.9 x 10 -11 

MgF 2 » Mg 2+ + 2F - 

K s p = 1.7 x 10 -9 

PbF 2 » Pb 2+ + 2F - 

K s p = 3.2 x 10 -8 

Chlorine ( 35 - 4 ”Cl), OS: +7, +5, +3, 
+1, 0, -1; IE: 1255.7 kj mol -1 , EA: 
—348.7 lcj mol -1 . 

Acidic solutions 

Cl0 4 - (aq) + 2e - + 2H+ » 

Cl0 3 - (aq) + H 2 0 
E^ = 1.201V 

Cl0 3 - (aq) + 2e - + 3H+ > 

HCl0 2 (aq) + H 2 0 
E^= 1.181V 

HCl0 2 (aq) + 2e - + 2H+ > 

HClO(aq) + H 2 0 
E*= 1.701V 

2HClO(aq) + 2e - + 2H+ > 

Cl 2 (g) + 2H 2 0 
E* = 1.63 V 

Cl 2 (g) + 2e - > 2Cl - (aq) 

E^= 1.358 V 



Cl2(aq) + 2e > 2C1 (aq) 

E^= 1.396 V 

Cl0 4 - (aq) + 8e“ + 8H+ > 

Cr(aq) + 4H 2 0 
E* = 1.387 V 

2Cl0 4 “(aq) + 14e“ + 16H+ » 

Cl 2 (g) + 8H 2 0 
E^= 1.392 V 

2Cl0 3 “(aq) + 10e - + 12H+ » 

Cl 2 (g) + 6H 2 0 
E^= 1.468 V 

The E^ values for reactions including 
chlorine species with oxidation number 
of +1 or higher are calculated from 
thermodynamic data. 

Basic solutions 

Cl0 4 - (aq) + 2e“ + H 2 0 > 

ClO“(aq) + 20H“(aq) 

£- 0 -= 0.374 V 

ClC>3 - (aq) + 2e“ + H 2 0 > 

ClO“(aq) + 20H“(aq) 

E^ = 0.295 V 

Cl0 2 - (aq) + 2e“ + H 2 0 > 

ClO“(aq) + 20H“(aq) 

£' e '= 0.681 V 

2ClO“(aq) + 2e“ + 2H 2 0 » 

Cl 2 (g)+40H-(aq) 

E^= 0.421 V 

Cl 2 (g) + 2e“ > 2Cl - (aq) 

E^= 1.358 V 
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Cl03 _ (aq) + e - + H 2 0 ^ 

Cl0 2 (g) + 20H“(aq) 

E^= -0.481V 

Cl0 3 “(aq) + 6e“ + 3H 2 0 » 

Cl - (aq) + 60H“(aq) 

E^= 0.622 V 

Disproportionation equilibrium: 

Cl 2 (g) + 20H - > 

Cl~(aq) + ClO~(aq) + H 2 0 
K = 9.64 x 10 -1 

Dissociation equilibrium: 

HClO » CIO” + H+ 

K = 5.6 x 10 -8 

Solubility equilibria: 

AgCl > Ag + + Cl - 

K sv = 1.8 x 10 -10 

BiOCl > BiO+ + Cl - 

K sp = 7 x 10 -9 
cuci — > cu 2+ + cr 
K sp = 1.8 x 10 -7 

Hg 2 Cl 2 > Hg 2 2+ + 2C1 - 

^sp = 1.1 x 10 -18 

PbCl 2 > Pb 2+ + 2C1 - 

K sp = 1.7 x 10 -5 

T1C1 > T1+ + Cl - 

K s p = 1.9 x 10 -4 

RbCl0 4 > Rb + + Cl0 4 - 

K s p = 2.5 x 10 -3 
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KCIO4 » K+ + C10 4 ~ 

K sp = 1.07 x 10“ 2 

K 2 PtCl 6 » 2K+ + PtCl 6 2 “ 

K sp = 1.1 x 10“ 5 

K 2 PdCl 6 » 2K+ + PdCl 6 2- 

K sp = 5.9 x 10“ 6 

Bromine ( 7 "^Br), OS: +7, +5, +1, 0, 
-1; IE: -324.5 kj mol- 1 . 

Acidic solutions 

Br04~(aq) + 2e“ + 2H + > 

Br03 _ (aq) + H 2 0 
E^= 1.853 V 

Br03~(aq) + 4e“ + 5H + ^ 

HBrO(aq) + 2H 2 0 
E^ = 1.447 V 

2HBrO(aq) + 2e“ + 2H+ > 

Br 2 (1) + 2H 2 0 
E* = 1.604 V 

Br 2 (1) + 2e“ 2Br“(aq) 

E^= 1.0652 V 

Br 2 (aq) + 2e~ 2Br“(aq) 

E^= 1.0874 V 

2Br0 3 “(aq) + 10e“ + 12H+ > 

Br 2 (1) + 6H 2 0 
E^= 1.478 V 

HBrO(aq) + 2e“ + H+ » 

Br“(aq) + H 2 0 
E^= 1.341 V 

Basic solutions 


Br03 (aq) + 20H (aq) 

E^= 1.025 V 

Br03 _ (aq) + 4e“ + 2H 2 0 > 

BrO“(aq) + 40H“(aq) 

= 0.492 V 

2BrO“(aq) + 2e“ + 2H 2 0 ^ 

Br 2 (l) + 40H“(aq) 

E' q -= 0.455 V 

Br 2 (1) + 2e~ 2Br“(aq) 

E*= 1.0652 V 

Br03 _ (aq) + 6e“ + 3H 2 0 > 

Bi'-(aq) + 60H“(aq) 

E* = 0.584 V 

BrO~(aq) + 2e“ + H 2 0 ^ 

Br“(aq) + 20H“(aq) 

E* = 0.766 V 

The standard potentials of the reactions 
involving bromine species with oxidation 
number of +1 or higher are calculated 
from thermodynamic data. 
Disproportionation equilibrium: 

Br 2 (1) + 20H“ » 

Br“(aq) + BrO“(aq) + H 2 0 
K = 9.7 x 10 _1 

Dissociation equilibrium: 

HBrO » BrO“ + H+ 

K = 2.06 x 10“ 9 

Solubility equilibria: 

AgBr > Ag + + Br“ 

K sp = 6.3 x 10“ 3 


Br0 4 (aq) + 2e + H 2 0 



Ba(Br0 3 ) 2 » Ba 2+ + 2Br0 3 - 

K sp = 3.3 x 10 -5 

CuBr > Cu + + Br“ 

K s p = 5.3 x 10 -9 

Hg 2 Br 2 » Hg 2 2+ + 2Br- 

K s p = 4.6 x 10 -23 

PbBi ‘2 > Pb 2+ + 2Br - 

^ sp = 5x 10 -5 

Iodine ( 126 ' 9 ^I), OS: +7, +5, +3, 
+1, 0, -1; IE: 1008.7 kj mol -1 , EA: 
—295.3 kj mol -1 . 

Acidic solutions 

H 5 I0 6 (aq) + 2e - + H + > 

I0 3 - (aq) + 3H 2 0 
E^ = 1.6 V (calcd) 

I0 3 - (aq) + 4e - + 5H+ » 

HIO(aq) + 2H 2 0 
E^= 1.13 V 

2HIO(aq) + 2e - + 2H+ > 

I 2 (s) + 2H 2 0 
E^ = 1.44 V 

I 2 (s) + 2e - 2I - (aq) 

E* = 0.535 V 

2I0 3 - (aq) + 10e - + 12H+ > 

I 2 (s) + 6H 2 0 
E^= 1.2 V 

I 3 - (aq) + 2e - > 2I - (aq) 

E* = 0.536 V 

2ICl(aq) + 2e - > 

I 2 (s) + 2C1 - (aq) 
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E^= 1.2 V 

2ICl 2 (aq) + 4e - > 

I 2 (s) + 4Cl - (aq) 

E^ = 1.07 V 

ICl 3 (s) + 2e - > 

ICl(s) + 2Cl - (aq) 

E^= 1.312 V (calcd) 

2IBr 2 (aq) + 4e - » 

I 2 (s) + 4Br - (aq) 

E* = 0.874 V (calcd) 

2ICN(aq) + 2e - + 2H+ * 

I 2 (s) + 2HCN(aq) 

E* = 0.711 V 

Basic solutions 

H 3 I0 6 2- (aq) + 2e - > 

I0 3 - (aq) + 30H - (aq) 

E * = 0.65 V (calcd) 

I0 3 - (aq) + 4e - + 2 H 2 O ^ 

IO“(aq) + 40H - (aq) 

E^ — 0.15 V 

210“ (aq) + 2e - + 2H 2 0 > 

I 2 (s)+40H - (aq) 

E^ = 0.42 V 

I 2 (s) + 2e - > 2I - (aq) 

E^ = 0.535 V 

I0 3 - (aq) + 6e - + 3H 2 0 > 

I - (aq) + 60H - (aq) 

E^ — 0.26 V 
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IO“(aq) + 2e“ + 2H 2 0 > 

I“(aq) + 20H“(aq) 

E* = 0.48 V 

Dissociation equilibria: 

HI0 4 > I0 4 “ + H+ 

K = 2.3 x 10“ 2 

HI0 3 > I0 3 “ + H+ 

K = 1.7 x 10 _1 

HIO > ICT + H+ 

K = 2.29 x 10 -11 

H 5 I0 6 » H 4 I0 6 “ + H+ 

K = 5.1 x 10“ 4 

ici 2 “ — » ici + cr 

K = 6 x 10“ 3 

IBr 2 “ > IBr + Br“ 

K = 2.7 x 10“ 13 

I 2 Br“ > I 2 + Br“ 

K = 8.19 x 10“ 2 

2IBr > I 2 + Br 2 

K = 1.8 x 10“ 5 

Solubility equilibria: 

Agl > Ag + + 1“ 

K sp = 2.3 x 10“ 16 

Ca(I0 3 ) 2 » Ca 2+ + 2I0 3 “ 

K sp = 1.93 x 10“ 6 

Hg 2 I 2 > Hg 2 2 + + 21- 

£ sp = 3.7 x 10“ 29 

La(I0 3 ) 3 » La 3+ + 3I0 3 “ 

K s p = 5.97 x 10“ 10 


Pbl 2 > Pb 2+ + 21“ 

K s p = 8.7 x 10“ 9 

tii — > ti+ + r 

K s p = 5.8 x 10“ 8 

Astatine ( [209 ' 98 8 7 ^At), OS: +5, +3, +1, 
0, —1; IE: ca 926lcJmol“ 1 , EA: ca 
—270 kj mol -1 . 

Acidic solutions 

HAt0 3 (aq) + 4e“ + 4H+ > 

HAtO(aq) + 2H 2 0 
E^~ 1.4 V 

2HAtO(aq) + 2e“ + 2H+ > 

At 2 (s) + 2H 2 0 
£" e ‘~ 0.7 V 

At 2 (s) + 2e“ > 2At“(aq) 

E^~ 0.2 V 

Basic solutions 

At0 3 “(aq) + 4e“ + 2H 2 0 > 

At0“(aq) + 40H“(aq) 

£ 44 ~ 0.5 V 

AtO“(aq) + e“ + H 2 0 > 

At 2 (s) + 20H“(aq) 

E^^ 0 V 

At 2 (s) +2e“ > 2At“(aq) 

E^~ 0.2 V 

All the E ^ values are measured, 
but these are rather approximate val- 
ues since At is an unstable element 
and rather dilute solutions (c ~ 10 -11 
mol dm -3 ) are used to test the redox 
properties. 



2.18 

Croup 18 Elements 


Helium ( 40028 He), OS: 0; 
mol -1 . 

No data are available. 

Neon ( 20 ' 1792 Ne), OS: 0; 
mol -1 . 

No data are available. 

Argon ( 399 j|Ar), OS: 0; 
mol -1 . 

No data are available. 

Solubility of argon in 100 g water at 1 
bar and 20 °C is 5.99 x 10 -3 g. 

Krypton ( 83798 Kr), OS: +2, 0; IE: 
1351 lcj mol -1 . 

KrF 2 (s, dissolved in HF) > 

Kr 2+ + F 2 (g) + 2e - 

2KrF 2 (s) + 2H 2 0(1) » 

2Kr(g) + 0 2 (g) + 4HF (aq) 

(fast decomposition) 

Xenon ( 131293 Xe), OS: +6, +4, +2, 0; IE: 
1170 kj mol -1 . 

H 4 Xe0 6 (aq) + 2e - + 2H+ » 

Xe0 3 (aq) + 3H 2 0 
E^= 2.42 V 


IE: 2372 kj 
IE: 2080 kj 
IE: 1520 kj 
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E^ = 0.9 V 

Basic solutions 

HXe0 6 3- (aq) + 8e - + 5H 2 0 > 

Xe(g) + 110H - (aq) 

E^= 1.18 V 

HXe0 4 - (aq) + 6e - + 3H 2 0 > 

Xe(g) + 70H - (aq) 

E* = 1.24 V 

HXe0 6 3- (aq) + 2e - + 2H 2 0 * 

HXeO - (aq) +40H - (aq) 

E^= 0.99 V 

E^ values are calculated 
thermodynamically. 

2XeFe 2 (s) + 2H 2 0(1) > 

2Xe(g) + 0 2 + 4HF (aq) 

(decomposition, t \/2 = 7 h) 

Radon ( [222 01 8 7 6Rn), OS: +2, 0 IE: 1037 kj 
mol -1 . 

RnF 2 can be dissolved in anhydrous 
HF (Rn 2+ , RnF + , RnF 3 - ). In aqueous 
solutions, it reacts with water. 


H 4 XeQ 6 (aq) + 8e - + 8H+ > 2RnF 2 + 2H 2 0 > 2Rn(g) + 0 2 + 4HF 


Xe(g) + 6H 2 0 
E* = 2.18 V 

XeFe 2 (aq) + 2e - + 2H+ > 

Xe(g) + 2HF(aq) 

E^= 2.64 V 

XeFe 2 (aq) + e - > 

XeF(aq) + F - (aq) 


No electrochemical data are available. 
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3.1 

Introduction 

Since long, redox potentials of coordina- 
tion compounds have been correlated to 
many other features of these compounds, 
such as the highest occupied molecular 
orbital (HOMO) energy, the gas-phase ion- 
ization potential, the ligand field stabiliza- 
tion energy, the Hammett’s a and related 
constants, the energy of charge-transfer 
bands, infrared stretching frequencies, X- 
ray photoelectron spectroscopy binding en- 
ergies, and ligand structural parameters in 
macrocyclic ligand complexes [1-7]. These 
properties are often markedly dependent 
on the electronic/ structural features of the 
ligands and their binding metal centers, 
which suggests that it should be possible 
to define electrochemical parameters de- 
termined by the redox potential that could 
provide a measure of such ligand and metal 
site features. 

For the sake of simplicity, the search for 
additive effects has oriented most of the 
research, and ligand additivity has been 
clearly recognized in some cases for many 
years. Hence, for the series of closely 
related 18-electron octahedral complexes 
[Mn(CO) 6 _. T (CNR). T ]+ (x = 1-6) that un- 
dergo a single-electron reversible oxida- 
tion, the oxidation potential was shown to 
correlate linearly with the HOMO energy, a 


greater stability of the latter corresponding 
to a higher value of the former [8]. In the 
same year, for the first-row transition metal 
complexes of the type [M(CO)6- A L A ] y+ , the 
linear relationship (1) between the oxida- 
tion potential and the degree of carbonyl 
substitution ( x ) was proposed by Pickett 
and Pletcher [9]. 

a /d E e \ 

£ e = A + .r^ — J + 1.48 y (1) 

In this expression, y is the charge of the 
complex, A is a constant that depends 
upon the metal, the solvent, and the 
reference electrode, and (d£ e /cU')L can 
be considered as a measure of the L ligand 
effect, that is, the variation of the oxidation 
potential per each CO replacement by L. 
A separation between the ligand and the 
metal center effects is also evident. 

These observations, in spite of expected 
limitations in terms of generality, have 
revealed a fundamental role for the 
development, at a latter stage, of systematic 
approaches. 

The main ones are described in the 
following, that is, those based on the 
Pickett’s, Lever’s, and Bursten’s models. 
In the first one, the potentials have typi- 
cally been quoted relative to the saturated 
calomel electrode (SCE), whereas in the 
second one they have been referred to 
the normal hydrogen electrode (SHE). The 
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conversion of the former potentials (vs. 
SCE) into the latter (vs. SHE) is sim- 
ply achieved by adding 0.245 V. Moreover, 
the use of the ferricinium/ferrocene redox 
couple has also been frequently encoun- 
tered in the literature, and the potentials 
can be easily interconverted in the other 
scales by considering that for this redox 
couple, E 6 = 0.53, 0.55, or 0.42 V vs. SCE 
(in 0.2 M [NBu4][BF 4 ]/CH 2 Cl2, THF, or 
NCMe, respectively). 


3.2 

Redox Potential Parameterization 

3 . 2.1 

Pickett’s and Derived Models 

3 . 2 . 1 .1 The Ligand Parameter P|_ and 
Metal Center Parameters E s and /? 

Pickett et al. [10] observed experimentally 
a linear relationship between the oxidation 
potentials of the members of a series 
of closed-shell octahedral-type complexes 
[M S L] (with a variable L ligand binding 
the 16-electron M s metal site) and the 
oxidation potentials of the homologous 
complexes with the (Cr(CO)5) site, that 
is, [Cr(CO)5L]. Such a relationship can 
be expressed by Eq. 2 (considering the 
carbonyl ligand and a general ligand L) in 
which the slope /J, named the polarizability 
of the metal site, is a measure of the 
sensitivity of the redox orbital energy to 
a change in the ligand L. 

£?/ 2 [MsL] - £v 2 [m s (CO)] 

= p{E™ 2 [ Cr(CO) 5 L] 

- £ 1 °; 2 [Cr(CO) 6 ]} (2) 

The convenience of the definition of 
two other electrochemical parameters is 
evident from the analysis of this equation: 


(1) The oxidation potential of the 
carbonyl complex with the {M s } center, 
that is, Ey 2 [M s (CO)j, which has been 
considered [10] a measure of the electron 
richness (E s ) of the metal site (the higher 
this richness, the lower the oxidation po- 
tential of the complex should be) (Eq. 3) 
and (2) the shift of the oxidation potential 
resulting from the replacement of one car- 
bonyl ligand in [Cr(CO)g] by one L ligand, 
that is, the difference £“ 2 [Cr(CO) 5 L] — 
£y 2 [Cr(CO) 6 ] defined [10] as the electro- 
chemical ligand Pi parameter (Eq. 4). This 
parameter is identical to ( dE e /dx)i in 
Eq. (1), for M=Cr [9], and since it is a differ- 
ence of redox potentials, it is not dependent 
on the reference electrode, in contrast to 
E s . Equation (2) can then assume the form 
shown by Eq. (5) [10]. 

£ S {M S ) = E^ 2 [M s (CO)] (3) 

Pl(L) = £^ 2 [Cr(CO) 5 L] 

- £“[Cr(CO) 6 ] (4) 

^i°/ 2 [M s L] = E s + f}P L (5) 

The Pi parameter has been proposed 
[10] as a measure of the net electron- 
donor minus electron-acceptor ability of 
the ligand L: the higher this ability, the less 
stabilized will be the HOMO at [Cr(CO)sL] 
and thus, the lower its oxidation potential 
and the lower the Pi value. 

General behaviors are summarized in 
Table 1. For ligands such as carbon 
monoxide, isocyanides (CNR), carbynes, 
nitrosyl NO + and, although to a smaller 
extent, nitriles (NCR), which are not only 
a donors but also good tt acceptors, 
the net electron-donor ability is modest 
or poor and the Pi parameter has a 
high value. However, ligands that are not 
involved in n -bonding, such as ammonia 
(NH3) and pyridine, exhibit lower Pi 
values that, nevertheless, are usually not 
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Tab. 1 General relationship between the electrochemical P l ligand parameter 
and the electronic properties of the ligand (L) and its coordination M — L bond 


L (example) M—L bond Pl 


rr-donor and 7 r-acceptor (=CR, CO, 
CNR, NO+, NCR) 
rr-donor (NH 3 , pyridine) 

Very strong <r -donor and eventually also 
jr -donor (halide, C=CR _ , H - , N 3 - , 
NCNH - , OH*) 


TZ 


M < 

A L 

High 

0 



M < 

- L 

Intermediate 

0 



71 



M ^ZZ 

Z L 

Low 


a 


as low as those of ligands, typically halides, 
which are both a- and 7r -electron donors. 
The hydride, alkynyls (C=CR - ), hydrogen 
cyanamide (NCNH - ), and OH - , also have 
rather low Pi values mainly as a result of 
their strong a -electron donor character. 

Hence, the Pl ligand parameter reflects, 
in an overall way, the combined a- and 
tz -electronic properties of the coordination 
M—L bond. It is noteworthy to mention 
that it relates to the variation of the free- 
energy difference of the redox processes 
(consider the known expression A G° = 
—nFE 9 , in which n is the number 
of electrons transferred and F is the 
Faraday constant). It has analogies with 
the Hammett a p constant [11, 12] defined 
as \og(Kx/K\i), that is, log /Lx -log K n , 
in which Kx and Ku are the acidic 
constants of the p-substituted benzoic acid 
HOOCC 6 H 4 X -4 and of benzoic acid itself, 
respectively [13] (consider also the known 
relationship AG 6 = — RT \n K). 

The Pi parameter can be obtained in 
less direct (but often more convenient) 
ways than that corresponding to the 
immediate use of Eq. (4) (its definition 
expression) that requires the synthesis 
of the corresponding [Cr(CO)sL] complex 
(which in many cases may even be 
unknown) and the measuring of its 
oxidation potential. In fact, if one knows 


the oxidation potential of an 18-electron 
complex with ligand L coordinated to 
a metal center {M s } with known E s 
and f) parameters, the simple application 
of the general expression (5) allows the 
estimate of Pi for that ligand. If E s and 
/J are unknown for {M s }, they can be 
obtained by applying the same Eq. (5) 
to at least two known members of the 
series (with known oxidation potentials), 
that is, [M S L'] and [M S L"], provided L' 
and L" are ligands with known Pi values. 
Other indirect modes of getting Pi are 
discussed in the following, and by using 
one or another approach, Pi values have 
already been proposed for a considerable 
variety of ligands. The currently known 
values of ligand Pi and metal center 
E s and /J parameters are depicted in 
Tables 2-8 [10, 14-48], since extensive 
and updated lists had not yet been 
provided. However, an extensive list of 
Pi values for carbyne, carbene, vinylidene, 
allenylidene and alkynyl ligands has been 
presented recently by Pombeiro [38]. 

Predictions of the Pi parameter for 
some (hypothetical) unsaturated diatomic 
ligands (e.g. S0 2+ , NS + , PO + , CS, or CP - ) 
were also proposed [49] on the basis of 
linear correlations between experimentally 
determined Pi values and quantum- 
chemical MO indices for uncoordinated 
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Tab. 2 Values of the Pl ligand parameter for li 


L 


NO+ 

Carbynes (=CR) b 

C=NC(0)Ph c 

rj 2 -Vinyl 



CH 2 Ph 


PF 3 

Aminocarbyne (=CNH 2 +) 
CO 

P=C-Bu td 

N 2 

Isocyanides ( bent) e 


Vinylidenes (=C=CHR) b 
PF 2 NMe 2 



P(OPh) 3 

r] 2 -Allene (rj 2 -CH 2 =C=CHPh) tl 
Metallo-dinitriles (N=C~ X~ C=N~ ML„_i ) f 
Nitriles (N=CR) g 
Ferricinium isocyanides’' 

C=N — Fc + 

C=N-CH 2 Fc+ 

C=N—CH(Men)Fc + 

c=n-bf 3 - 

Metallo-cyanides (C=N~ ML„_i - )' 



PR 3 = PPh 3 

PPh 2 (CH 2 Ph) 

PMe 3 

Allenylidenes (=C=C=CR 2 ) k 
Isocyanides (linear ) 1 
C=N - R 
PPh 3 

Bithiophene-carbenes 


Compounds 



+1.40 10 

+0.24 to +0.21 14 

+0.20 15 

+0.22 17 

+0.14 16 

+0.09 17 

0 10 

-0.04 18 

-0.07 10 

-0.07 to -0.18 19-22 

0 to -0.6 14,38 

-0.16 16 

-0.16 10 


-0.18 10 

-0.21 17 

-0.18 to -0.40 23 

-0.23 to -0.58 10,24 

-0.22 25, 26 

-0.28 25, 26 

-0.28 25, 26 

-0.24 15 

-0.25 to -0.61 15,27 

-0.28 to -0.36 28 


-0.28 

28 

-0.30 

28 

-0.36 

28 

0 to —0.8 

29, 38 

-0.33 to -0.44 

19-21, 30 

-0.35 

10 

-0.38 to -0.62 

31 




Tab. 2 (continued) 


L 



Ph 

PMePh 2 

Protonated indole derivatives 


H 

PR 3 = PPh 3 

PPh 2 (CH 2 Ph) 

PMe 3 

PEt 3 

C=N — BPh 3 _m 
Cyanamides (N=C~ NR 2 ) n 
Oxocarbenes 0 
=C(OR)Y 

R = alkyl, Ph 

Y = 2-thienyl, 2-furyl, aryl 

Pyridine 

Tbiocarbenes° 

=C(SR)Y 

R = alkyl, Ph 

Y = 2-furyl 
Aminocarbenes 0 

=C(NRR')Y 

NRR' = NH 2 , NHCy, NMe 2 , NEt 2 , 
aziridin-1 -yl, azetidin-l-yl, 
pyrrol idi n-1 -yl, piperidin-l-yl 
Y = alkyl, Ph, 2-furyl, 2-thienyl 
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Pl/v 

References 

-0.38 

31 

-0.56 

31 

-0.62 

31 

-0.43 

32 


-0.43 

32 

4 to -0.62 

28 


-0.59 28 

-0.62 28 

-0.44 28 

-0.47 16 

-0.51 33 

-0.57 to -0.85 34-37 

-0.51 to -0.64 38 

-0.59 10 

-0.66 to -0.68 38 

-0.69 to -0.80 2,38 


(continued overleaf) 
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Tab. 2 ( continued ) 


L 


Pl/V References 


Ferrocenyl-oxocarbenes 0 

=C(OR)Y 

R = alkyl; Y = ferrocenyl 

NH 3 

CF 3 COO“ 


H 



PR 3 

pr 3 = pph 3 

PPh 2 (CH 2 Ph) 

PMe 3 

N=C - NC(NH 2 ) 2 ' ) 

N=CNHCN r 

NCS“ 

Ferroceny!-aminocarbenes° 

=C(pyrrolidin-l-yl)Y 
Indole derivatives 



PPh 2 (CH 2 Ph) 

PMe 3 

C=N“ S 

NCNCN“‘ 

NCCT 

r 

Br“ 

Cl“ 

NCNC(O) Ph _u 
NCNC(0)Et -1 ' 

NCNC(NH)NH 2 ' x 
Alkynyls ( — C=CR _ ) 
l-T 

n 3 - 

NCNH - *' 

S 2 P(OEt) 2 - 


-0.70 to -0.9 

38 

-0.77 

10 

-0.78 

10 

-0.79 to -0.87 

28 


-0.79 

28 

-0.82 

28 

-0.87 

28 

-0.86 

39 

-0.88 

39 

-0.88 

10 

-0.99 to -1.1 

38 

-0.92 to -1.0 

28 


-1.0 

28 

-0.92 

28 

-0.99 

28 

-1.00 

10 

-0.74 

15 

-1.14 

39 

-1.16 

10 

-1.15 

10 

-1.17 

10 

-1.19 

10 

-1.19 

40 

-1.19 

40 

-1.22 

39 

-0.9 to -1.7 

2, 29, 38, 41, 42 

-1.22 

10 

-1.26 

10 

-1.34 

37 

-1.34 

43 
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Tab. 2 ( continued ) 


L 

Pl/V 

References 

Oxycarbenes (anionic) 0 



|=C(Cr)Y}NMe 4 + 

-1.1 to -1.7 

38 

Y = 2-furyl, CH 2 SiMe 3 , 



4-methylthiazol 2-yl, ferrocenyl 



OH- 

-1.55 

10 


a Ordered generally from higher to lower values; for some particular groups, see Tables 3-8. 
b At the trans-{ReCI(dppe) 2 ] center. 
c Benzoylisocyanide at trans-{FeH(dppe) 2 j + . 
d Phosphaalkyne ()/‘ binding mode). 

e Values for bent isocyanides at electron-rich centers such as trans-{ReCI(dppe) 2 ) or 
trarrs-{TcH (d ppe) 2 } ■ 
f For particular values see Table 5. 

SFor particular values see Tables 4 and 5. 

^Oxidized ferrocenyl isocyanide ligands, with Fc + = Fep/^CsHs) ()j 5 -C 5 H 4 ) + , 

Men = (1 R,2S,5R)-2-isopropyl-5-methylcyclohexyl. 

'For particular values see Table 3. 
iPhosphonium functionalized isocyanides. 
k Atthe tra/is-{FeBr(depe) 2 J + center. 

'For linear isocyanides at an electron-poor metal center such as {Cr(CO)s}. 
m lsocyanotriphenylborate. 

"For particular values see Table 6 . 

°Pl_ values estimated from the data quoted in M.K. Lloyd, J.A. McCleverty, D.C. Orchard, et al., 
J. Chem. Soc. Dalton Trans., 1973, 1743. 

PPhosphoylide-aminocarbenes; their protonated forms (possibly at the /3-carbon of the carbene 
ring) have the following Pi values: —0.51 (PR 3 = PPfi 3 , PPh 2 (CH 2 Ph)), —0.60 (PR 3 = PMe 3 ) V. 
q Cyanoguanidine, at trans-{Re(CNMe)(dppe) 2 ] + . 
r Hydrogen dicyanamide, at trans-{Re(CNMe)(dppe) 2 ) + . 

s The values —1 .0 and —0.74 V have been estimated at the {Cr(CO)s} and trcms-{FeH(dppe) 2 l + 
centers, respectively. 

‘Dicyanamide. 

"Aroylcyanamide, at trans-jMo(NCN) (dppe) 2 j 2+ . 
v Acylcyanamide, at trans-{Mo(NCN) (dppe) 2 ] 2+ . 

x Monodeprotonated form of cyanoguanidine, at trans-|Re(CNMe) (dppe) 2 j + . 
1'Hydrogen-cyanamide, at trans-{Re(CNR)(dppe) 2 ) + (R = alkyl). 


diatomic molecules; the Pi parameter was 
then expressed as a linear function of 
the energies of the lowest unoccupied 
molecular orbital (LUMO) and HOMO 
of the free molecules, the former orbital 
behaving as the tc -electron-acceptor orbital 
in the coordination, and the latter being the 
electron-donor orbital to the metal. 

Nitrosyl (NO + ), the ligands (carbynes, 
r] 2 -v inyl and aminocarbynes) derived 


from the protonation of alkyne-derived 
species or isocyanides, respectively, 
and benzoylisocyanide are stronger 
net electron acceptors than carbonyl, 
exhibiting positive Pi values in the 
following order: NO + (+1.40 V) [10] > 
carbynes (CR) (+0.24 to +0.21 V) [14] 
> 2 -vinyl (// 2 -CH 2 CCH 2 Ph) (+0.22 V) 
[17] > C=NC(0)Ph (+0.20 V) [15] > 
aminocarbynes (CNH 2 + ) (+0.09 V) [17] 
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Tab. 3 Values of the Pl ligand parameter for metallo-cyanide 
C=N — ML„-i “ and other cyano-adduct ligands 3 



PJV 

References 

c=n-bf 3 - 

-0.24 

15 

C=N — NiCI 2 (PCy 3 ) _ 

-0.25 

27 

C=N— VCI 3 (thf) 2 - 

-0.42 

15 

C=N — BPh 3 _ 

-0.51 

33 

C=N — ReOCI 3 (/x-CN)FeH(dppe) 2 ~ 

-0.55 

27 

C=N — PdCI 2 (PPh 3 ) _ 

-0.61 

27 


3 At the trans-{FeH (dppe) 2 ) + center for which P|_(CN ) = 
-0.74 V [15], 


(Table 2). For these C-ligated ligands, their 
coordination bonds have a multiple-bond 
order. 

At the other extreme (Table 2) are 


the 

strongest 

net 

electron 

donors. 

such 

as the 

anionic ligands 

OH - 

{Pl = 

= -1.55 V) 

[10], 

anionic 

oxycar- 

benes C(CO“)Y 

(Pl = 

: -1.1 to 

— 1.7 V) 

[38], 

S 2 P(OEt) 2 - 

' (Pi 

= -1.34 V) [43], 


NCNH (hydrogen-cyanamide) (Pl = 
-1.34 V) [37], N 3 “ (Pl = —1.26 V) 

[10], H“ (Pl = —1.22 V) [10], C=CR~ 
(alkynyls) (Pl = -0.9 to -1.7 V) [2, 29, 
38, 41, 42], NCNC(NH)NH 2 “ (monodep- 
rotonatedcyanoguanidine)(PL = —1.22 V) 
[39], and NCNC(0)R (acyl- or aroyl- 
cyanamide) (Pl = — 1.19 V [40]), all of 
them with Pl values that commonly are 


Tab. 4 Values of the Pl ligand parameter for organonitriles (N=CR) at metal centers [Ms] with a 
different electron-richness (Es) [24] 




PJV 

At cis-\ReChdppe)2\ 

(E s = 0.41 V) 

At trans-{FeBr(depe)2\ +a 
(E s = 1.32 V) 

NCC 6 H 4 N0 2 -4 

-0.23 

-0.44 

NCQH 4 F -4 

-0.27 

-0.46 

NCC 6 H 4 CI-4 

-0.27 

- 

NCPh 

-0.29 

-0.50 

NCC 6 H 4 Me-4 

-0.29 

-0.52 

NCCH 2 C 6 H 4 CI-4 

-0.29 

- 

NCCH 2 C 6 H 4 OMe-4 

- 

-0.55 

NCBu 1 

-0.29 

- 

NCC 6 H 4 OMe-4 

-0.30 

-0.54 

NCC 6 H 4 NEt 2 -4 

-0.33 

- 

NCMe 

- 

-0.55 

NCEt 

- 

-0.55 

General expression 

Pl(NCR){c/s— ReCI(dppe) 2 j 

= PL(NCR){tra/is-FeBr(depe) 2 ) + + 0.22 V 


3 At this center, the Pl values are expected to be comparable with those at {Cr(CO) 5 } 

(E s = 1.50 V), for example, at the latter: NCMe (P L = -0.58 V [10]), NCPh (P L = -0.40 V [10]). 
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Tab. 5 Values of the Pl ligand parameter for organodinitriles 
and metal lo-di n itriles [23] 


PJV° 

Z 

III 

n 

1 

X 

1 

n 

III 

z 


z 

III 

u 

1 

X 

u 

II 

X 

u 

1 

u 

III 

z 

-0.32 

n=c-c 6 h 4 -c=n 

-0.34 

N=C— CH 2 CH 2 — C=N 

-0.41 

T 

c 

—I 

1 

Z 

III 

u 

1 

X 

1 

u 

III 

z 


N=C—CH=CH—C=N — {Fe"H(dppe) 2 } + 

-0.36 

N=C— CH=CH— C=N — {Fe m H(dppe) 2 } 2+ 

-0.18 

N=C— QH 4 — C=N— {Fe ll H(dppe) 2 } + 

-0.35 

N=C— C 6 H 4 — C=N- (Fe m H(dppe) 2 } 2+ 

-0.35 

N=C— CH 2 CH 2 — C=N— {Fe 11 H (dppe) 2 } + 

-0.40 

N=C— CH 2 CH 2 — C=N— {Fe 111 H(dppe) 2 } 2+ 

-0.40 


Estimated for dinitriles at the tra/is-{FeH(dppe) 2 } + center [23], 


Tab. 6 Values of the Pl ligand parameter for cyanamides at different metal centers 




P L /V 


At trans- 

{Fe(NCR)(depe) 2 } + 
(E s = 2. 0-1. 7 V) 

At trans- 
\FeBr{depe) 2 1 + 

(E s = 1 .32 V) 

At trans- 

{Re(CNR)(dppe) 2 ) + 
(E S = -\.15 V) 

At trans- 
{ Mo(N 2 )(dppe ) 2 1 
(E s = -0.13 V) 

n=c-nh 2 

-0.82 

-0.57 

-0.85 

_ 

N=C~NMe 2 

-0.79 

-0.60 

- 

-0.72 

N=C— NEt 2 

-0.78 

-0.59 

- 

-0.70 

References 

35 

36 

37 

34 


even lower than those of the halides (Pl 
ca. — 1 . 1 7 V) . The other ligands lie between 
these two extremes. 

The net electron acceptance of carbenes 
(Table 2) and related ligands [38] is weaker 
than that of CO and is very sensitive to 
the nature of the groups attached to the 
carbene carbon. Their Pl values spread 
over a remarkably wide range [14, 28, 
31, 38], from vinylidenes C=CHR (Pl 
from —0 to —0.6 V) [14, 38] to anionic 
oxycarbenes C(0“)Y (Pl from —1.1 to 
— 1.7 V) [38], in the following the order: 
vinylidenes C=CHR > allenylidenes 
C=C=CR 2 > bithiophene-carbenes > 


oxocarbenes C(OR)Y > thiocarbenes 
C(SR)Y > aminocarbenes C(NRR')Y, 
ferrocenyl-oxocarbenes > phos-phoylide- 
aminocarbenes > ferrocenyl-aminocar- 
benes anionic oxycarbenes C(0“)Y. 

Isocyanides also display over a wide 
range of Pl values (Table 2), from 
benzoyl isocyanide (Pl = +0.20V) [15] 
with a net electron-acceptance simi- 
lar to that of the carbyne ligands, 
down to the metallo-cyanide adduct 
C=N-PdCl 2 (PPh 3 )- (P L = -0.61 V) [27]. 
Between these limiting cases, one finds 
the following types ordered according 
to their net electron-acceptance (Tables 2 
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and 3): bent organoisocyanides [19-22] 

> ferricinium isocyanides (oxidized fer- 
rocenyl isocyanides) such as C=N— Fc + 
and related ones [25, 26], C=N— BF 3 - 
[15] > phosphonium isocyanides [28] 

> linear organoisocyanides [19-21, 30] 

> C=N— BPI 13 - [33]. The electronic 
properties of metallo-cyanide adducts 
C=N— ML„_i“ (Table 3) [15, 27] are very 
much dependent on the nature of the metal 
Lewis acid {ML„_i}. 

Aryl phosphines, for example, PPI 13 and 
PMePh. 2 , display a net electron-acceptor 
character comparable to those of linear 
organoisocyanides, and the latter phos- 
phine has the same Pi value as phos- 
l [ 

phirene P(Ph)C(Ph)=C(Ph) (—0.43 V) [32], 
However, PF 3 is a much stronger 7 1 - 
electron acceptor and weaker er -donor 
(Pi = +0.14 V [16], slightly above that of 
the aminocarbyne CNH 2 + , +0.09 V [17]). 

The phosphaalkyne P=CBff, bonded in 
the r] 1 mode, has a Pi value (—0.04 V) [18] 
that is very close to that of CO (Pi = 0 V). 
Since the former is not expected to be a 
good a -donor, this similarity is accounted 
for by considering that it is also not an 
efficient jz -acceptor [18]. A similar case 
is that of the N 2 ligand (Pi = —0.07 V 
[10]). Since Pi reflects the net tt -electron 
acceptor minus a -donor character, similar 
values can be found for both a strong n- 
acceptor/strong a -donor ligand and a weak 
tt -acceptor /weak a -donor ligand. 

Organonitriles are weaker net tt -electron 
acceptors than comparable organoiso- 
cyanides, their Pi values (—0.23 to 
-0.58 V) [10, 24] (Tables 2 and 4) be- 
ing lower than the corresponding ones 
for isocyanides. In the case of dinitriles, 
N=C~ X— C=N, the effect of coordina- 
tion of one of the cyano groups to any 
of the {FeH(dppe) 2 }' !+ (n = 1 or 2 ) cen- 
ters was investigated (Table 5) [23] and the 


significant increase of Pi for the fumaroni- 
trile adduct upon Fe 11 to Fe 111 oxidation 
in N=CCH=CHC=N{FeH(dppe) 2 ]" + (Pi 
increase from —0.36 to —0.18 V) was 
accounted for by the electronic commu- 
nication through the unsaturated dinitrile. 

Cyanamide N=CNH 2 , its dimeric form 
cyanoguanidine N=CNC(NH 2)2 and hy- 
drogen dicyanamide N=CNHCN (Tables 2 
and 6 ) are quite strong net electron-donor 
neutral ligands, with Pi values in the —0.85 
to —0.88 V range [37, 39], when binding a 
trans-{Re(NCR)(dppe) 2 } + (R = alkyl) cen- 
ter. They are even stronger than NH 3 and 
CF 3 COO - , and very close to NCS - . More- 
over, their derived anionic ligands are 
remarkably stronger electron-donors, di- 
cyanamide NCNCN - (Pi = -1.14 V) [39] 
being identical to NCO - , the monode- 
protonated form of cyanoguanidine (Pi = 

— 1.22 V) [39] approaching N 3 - and hydro- 
gen cyanamide NCNH - (Pi = — 1.34 V) 
[37] being one of the most effective electron 
donors. 

Acyl and aroylcyanamides NCNC(0)R - 
are also quite strong donors (Pi = 

— 1.19V) [40], similar to Cl - , whereas 
organocyanamides NCNR 2 are much 
weaker electron-donors [35, 36], being 
comparable to cyanamide itself. 

Indoles (functionalized with a phos- 
phoylide group) (Table 2) are other N- 
coordinated ligands and behave as the 
most effective neutral electron-releasers 
with reported Pi values (—0.92 to 
-1.0 V) [28], 

Protonation of a ligand normally leads 
to a significant increase in its net electron- 
withdrawing ability (or decrease of its 
net electron-donor character), as observed 
for the following pairs (Pi increase of 
0 . 3-0.5 V) (Table 2 ): carbynes CCH 2 R+ 
versus vinylidenes C=CHR [14], aminocar- 
byne CNH 2 + versus isocyanide CNR [17], 



protonated versus unprotonated aminocar- 
benes with a phosphoylide group [28], 
protonated versus unprotonated indole 
derivatives [28]. 

Oxidation of a moiety of a ligand can also 
result in a similar effect, as observed for 
the cationic Fe m ferricinium-isocyanide 
C=N— Fc + [25, 26] and fumaronitrile-iron 
N=CCH=CHC=N{Fe ln H(dppe) 2 } 2+ [23] 
ligands for which the Pi values have 
increased by 0.2 V relatively to related un- 
oxidized ligands. However, if the redox 
center of the ligand does not communi- 
cate electronically with the coordinating 
atom or group, no effect is expected, as 
observed [23] in the case of the non- 
conjugated succinonitrile bridged ligand 
N=CCH2CH2C=N{Fe m H(dppe) 2 } 2+ . 

Although the Pi parameter normally 
provides a reliable basis for the evalua- 
tion of the net electron donor/acceptor 
properties of ligands, as shown earlier, the 
comparison of their Pi values when ligat- 
ing different metal centers has to be done 
with caution, in some cases, in view of 
the possible dependence of Pi on the type 
of the binding metal center (see in the 
following). 

Concerning the estimate of the electron- 
richness (E s ) and polarizability (j3) of a metal 
center {M s }, one can apply the general 
Eq. (5) to as many as possible members 
(the minimum of two can lead to a high 
uncertainty) of series [M S L] with known 
oxidation potentials and known Pi for the 
corresponding L ligands. More directly, E s 
is given (Eq. 3) as the oxidation potential 
for the carbonyl complex, that is, [M s (CO)], 
when this is available. Indirect methods 
can also be used, namely by comparing the 
homologs of the series [M S L] and [M'L], 
provided E s and ft are known for {M'}: 
those parameters are then given for (M s ) 
from the intercept and the slope of Eq. (6) 
derived from the application of the general 
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Eq. (5) to both series. 

£ ox [M s L] - £ 0X [M S L'] = (£ S {M S ) 

- £ S {M' S }) + (jS{M s ) - yd{M' s }),P L (L) 

( 6 ) 

Other indirect methods are mentioned 
in the following. 

The E s and yd values so far reported 
are listed in Table 7, the former in V 
versus SCE. A decrease of the electron- 
richness (increase of E s ) of a metal cen- 
ter is favored by an increase of charge 
and the presence of strong net electron- 
acceptor ligands such as CO and a 
carbyne. Hence, the least electron-rich 
centers are the dicationic carbonyl trans- 
(Fe(CO)(depe) 2 } 2+ (E s = 2.3 V vs. SCE) 

[35] or nitrile irans-{Fe(NCR)(depe) 2 } 2+ 

(E s = 1.96 to 1.65 V vs. SCE) [35] sites, 
the cationic carbyne dicarbonyl (W(=CR) 
(CO) 2 (dppe)}+ centers (E s = 1.69- 1.63 V) 

[30], the polycarbonyls {M(CO)s} (M=Cr, 

Mo, W) (E s = 1.50 V) [10, 28], and the 
cationic carbonyl trans-{Re(CO)(dppe) 2 } + 

(E s = 1.42 V) [20]. In contrast, the most 
electron-rich centers are the anionic or 
neutral ones, with a low metal oxida- 
tion state, trans-{Mo(L)(dppe) 2 }(L = N3-, 
NCPh, N 2 , CO) with E s = -1.00, -0.40, 
—0.13, or —0.11 V, respectively [10]. 

Within a series of related centers 
with a variable L ligand, the electron- 
richness increases, as expected, with the 
net electron-donor character of L and, 
interestingly, the polarizability also tends 
to increase in the same order. Hence, 
for instance, these parameters vary as 
follows in the trans-{Re(L)(dppe) 2 } + series: 
L=CO (E s = 1.42 V, yd = 0.62 [20]), aryl 
CNR (E s = 1.19-1.17 V, ^ = 0.75-0.79) 

[19, 20], alkyl CNR (E s = 1.15 V, yd = 
0.90-0.92) [19, 20], CN“ (E s = 0.78 V, 
yd = 3.7) [45], Cl" (E s = 0.68 V, yd = 

3.4) [21], 
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Tab. 7 Values of the electron-richness (Es) and polarizability ( /3 ) parameters for 
16-electron metal sites {Ms} 


\Ms)° 

E s /V vs. SCE 

d 

References 

{Fe(CO) (depe) 2 } 2+ 

2.3 

_ 

35 

{Fe(NCR) (depe) 2 } 2+ 

R = aryl, alkyl 

1.96-1.65 

0.75-1.10 

35 

W(=C - CH=C(CH 2 )„CH 2 ) (dppe)+ 

n = 3 

1.69 

0.73 

30 

n = 6 

1.63 

0.61 

30 

{Cr(CO)s) 

1.50 

1 

10 

{Mo(CO) 5 } 

1.50 

0.86 

28 

{W(CO) 5 } 

1.50 

0.90 

28 

{Re(CO) (dppe) 2 } + 

1.42 

0.62 

20 

{Re(N 2 )(dppe) 2 }+ 

1.38 

0.92 

2 


1.20 

0.74 

10 

{FeBr(depe) 2 } + 

{Re(CNR) (dppe) 2 } + 

1.32 

1.10 

24 

R = C 6 H 4 CI-4 

1.19 

0.75 

19, 20 

Ph 

1.18 

0.76 

19, 20 

C 6 H 4 Me-4 

1.18 

0.79 

19, 20 

C 6 H 4 OMe-4 

1.17 

0.82 

19, 20 

Me 

1.15 

0.90 

19, 20 

Bu* 

1.15 

0.92 

19, 20 

{FeH(dppe) 2 }+ 

1.04 

1.0 

10 

{Mo(NO) (dppe) 2 } + 

0.91 

0.51 

10 

{Mn(CO) (dppm) 2 } + 

0.86 

0.75 

44 

{Re(CN) (dppe) 2 j 

0.78 

3.7 

45 

{Re(NCS) (dppe) 2 ) 

0.73 

- 

46 

{ Re (Cl) (dppe) 2 } 

0.68 

3.4 

21 

{Re(NCO) (dppe) 2 ) 

0.63 

- 

46 

{ Re (N 3 ) (d ppe) 2 } 

0.55 

- 

46 

ci's-JRe(CI) (dppe) 2 ) 

0.41 

1.88 

24 

{TcH (dppe) 2 ) 

0.34 

4.0 

22 

{Mo(CO) (d ppe) 2 } 

-0.11 

0.72 

10 

|Mo(N 2 )(dppe) 2 ) 

-0.13 

0.84 

10 

{Mo(NCPh) (dppe) 2 ) 

-0.40 

0.82 

10 

{Mo(N 3 )(dppe) 2 }“ 

-1.00 

1.0 

10 

mer-{ReCI(N 2 )[P(OMe) 3 ] 3 } 

- 

1.0 

47 


a With trans geometry, except when stated otherwise. 


In fact, effective electron-donors, such 
as hydride, Cl - or CN“, present a low 
capacity to “buffer” changes in the elec- 
tron density at the metal induced by a 
change in the trans L ligand (high fi), 
whereas strong tt -electron acceptors (such 
as NO + , carbyne, CO, or N 2 ) behave 


in the opposite way (low ft). Compare, 
for example, the centers with the high- 
est d, trans-{TcH(dppe) 2 } (d = 4.0) [22], 
trans-{ ReL(dppe) 2 } [L = Cl“ (d = 3.4) [21], 
CN“ (d = 3.7) [45], and cis-{Re(Cl) (dppe) 2 ) 
(d = 1.88) [24], with those with the 
lowest d> trans-{Mo(NO)(dppe) 2 } + (d = 
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0.51 [10]) and {W(=CR)(CO) 2 (dppe)}+ 
(/J = 0.61-0.73) [30]. In these carbyne 
complexes, the stabilization of the HOMO 
(high E s ) and its delocalization toward the 
strong n -electron acceptor carbyne (or CO) 
ligand, as indicated by MO calculations, 
result in an attenuating effect on changes 
of the HOMO energy (low /3) upon varia- 
tion of another ligand [30]. 

3.2.1 .2 Extensions of the Model 

3.2.1 .2.1 Dependence ofthe Ligand Param- 
eter P|_ on the Binding Metal Center In 

Pickett et al. initial general Eqs. (4) and (5), 
Pi was considered to be independent of 
the binding metal center. However, one 
should be aware that the net n -electron 
acceptance/cr -donation of a ligand (mea- 
sured by Pi) is not an intrinsic property 
of the ligand alone, but can also be de- 
termined by the n -electron releasing and 
the er -acceptance ability of the particular 
binding metal center. For instance, if an 
unsaturated ligand has, in principle, a 
considerable tt - electron acceptor charac- 
ter, this can be fulfilled only if the metal 
site is an effective n -electron donor. 

Such situations have been typically rec- 
ognized by Pombeiro et al. for isocyanides 
[19-22] (Table 2), nitriles [24] (Table 4), 
cyanamides [34-37] (Table 6), and cyanide 
[15] (Table 2). 

In fact, when ligating the electron-rich 
metal center trans-{ ReCl(dppe) 2 ) ( E s = 
0.68 V) [21], with a high jt -electron- 
releasing ability, the isocyanides behave as 
much stronger net electron acceptors than 
when ligating a much less electron-rich 
center such as (Cr(CO) 5 }(£' s = 1.50 V, 
in which the five CO ligands strongly 
compete for the available metal d -electron 
density), and present a bent geometry 
a (unless stereochemical effects prevent 
such bending). This was confirmed by the 


single-crystal X-ray diffraction analysis of 
trans-[ReCl(CNMe)(dppe) 2 ] (CNC bending 
angle of 139.4(10)°) [50]. Consistent with 
these observations, the strong n -electron 
acceptors, bent isocyanides, have higher 
Pi values (by ca. 0.26 V) than the linear 
ones (Eq. 7) [19-21], 

Pi (CNR bent) = P L (CNR linear) + 0.26 

(7) 

The value of the Pi parameter for 
an isocyanide ligand (without a bulky R 
group) can then be used to predict whether 
the coordination mode is bent or linear, 
that is, with a dominant representation by 
form a or b, respectively. 

M=C=N M~C=N— R 

\ 

R 

(a) (b) 

An even higher correction of +0.34 V for 
the linear Pi value has been proposed [22] 
for isocyanides at trans-{TcH(dppe) 2 ) with 
an electron-richness ( E s = 0.34 V) higher 
than that of the above Re(I) center. 

Nitriles also exhibit Pi dependence on 
the type of metal center [24] (Table 4), 
and, for example, at the electron-richer 
cts-{ReCl(dppe) 2 } center ( E s = 0.41 V), 
their Pi values are ca. 0.22 V higher 
than at the much electron-poorer trans- 
{FeBr(depe) 2 } + site (E s = 1.32 V). 

Besides the electron richness, other 
electronic properties of the metal center 
can also affect Pi, as demonstrated 
for cyanamides N=CNR 2 , which tend 
to behave as considerable net electron- 
donors (a and n). In fact (Table 6), 
at the trans-{FeBr(depe) 2 } + center (E s = 
1.32 V), with the Br“ ligand [36], 
they act as weaker electron-donors 
than at trans-{Mo(N 2 )(dppe) 2 ) (much 
electron-richer, E s = —0.13 V) [34], trans- 
{Re(CNR)(dppe) 2 } + (electron-richer, E s = 
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1.15 V) [37], trans-{ Fe(NCR) (depe) 2 } 2+ 
(electron-poorer, E s = 1.7-2. 0 V) [35], 
with a N 2 , CNR, or NCR ligand. The strong 
electron-release from the trans bromo 
ligand in the first center, in contrast with 
the appreciable n -electron acceptance by 
the trans- N 2 , CNR, or NCR ligands in 
the other centers, hampers the electron- 
donation from the cyanamides, whereas 
the opposite effect occurs for the other 
metal sites. 

A similar effect conceivably accounts 
for the higher Pi value (—0.74 V) (weaker 
net electron-donation) of the cyanide lig- 
and estimated [15] at irans-{FeH(dppe) 2 } + 
with the strong donor trans-hydride, in 
comparison with that (— 1.0 V) [10] ob- 
tained at (Cr(CO) 5 ) and also proposed at 
trans-{MoL(dppe) 2 } (L = CO, N 2 ) with the 
strong net electron-acceptor L ligand, in 
spite of the lower electron-richness of the 
former Fe 11 site (E s = 1.04 V) relatively to 
the latter (E s = —0.11 or —0.13 V) molyb- 
denum centers. 

The dependence of the Pi ligand param- 
eter on the type of binding metal center is 
a limitation of the Pickett’s model, but a 
similar difficulty is encountered for the Ei 
Lever parameter (see in the following) for 
which the need for corrections has been 
recognized for ligands such as CO and 
CNR. Such a type of limitation is inherent 
to any additive model that tries to separate 
the effects of ligands and metal centers 
on the redox potential, and add them as 
independent components, in contrast with 
the situation of the real molecule in which 
those effects are mutually dependent. 

Nevertheless, such a difficulty should 
not be exaggerated since one should take 
into account that even the conventional 
Hammett’s Op constant, of a widely rec- 
ognized significance for the comparison 
of the electron donor/acceptor character of 
substituents, has required corrections in 


a number of cases, namely for those with 
enhanced direct resonance with the reac- 
tion center, for which Op + values should 
instead be used [13]. 


3. 2. 1.2. 2 18-electron Complexes of the 
Types [M S LL'] and [M s L n ] The oxidation 
potentials of particular types of complexes 
can be predicted from the knowledge of 
the oxidation potentials of related ones 
by using expressions derived from the 
application to particular situations of the 
fundamental Eqs. (3) -(5), as shown by 
Pombeiro in the following cases. 

A simple situation concerns the 18- 
electron mixed-ligand complexes [M S LL'] 
whose oxidation potential was shown [19] 
to be the average of those of the corre- 
sponding complexes with two identical (L 
or L') ligands, [MsL 2 ] and [MsL' 2 ] (Eq. 8), 
provided that the metal sites {MsL} and 
{MsL'} present analogous polarizabilities. 

£i°/ 2 [MsLL'] = I{£“; 2 [M S L 2 ] 

+ £^ 2 [M S L' ]} (8) 


Through the application of the gen- 
eral Eqs. (3) -(5) to complexes of the type 
[M s L 2 ] and the related [M S L'L] ones pre- 
senting a suitable auxiliary (MgE'} metal 
site with the basic (M s ) core, it has 
been possible to establish [20] relation- 
ships from which E s and /3 of the {M S L} 
center (Eqs. 9 and 10, respectively), as well 
as the oxidation potential of the complexes 
[M s L 2 ] (Eq. 11), can be predicted, provided 
that one knows the oxidation potential of 
the dicarbonyl [M s (CO) 2 ], the E s and ft of 
the auxiliary (MgE'} site, and the Pi values 
of L and the auxiliary L' ligand. 


£ S {M S L} 



Pl( L) ~ 
mL')_ 


£?/2 [Mg(CO) 2 ] 


Pl(L) 
Pl( L') 


£ s {M s L'} 


(9) 



yS{M s L} 


rmul 

£s{M s l'}- 

[i-^l 

L ^l(l')J 

L ^l(loJ 

^i/ 2 [M s (CO) 2 ] + d(M 

sL / ) -Pl(L) 


^l(L') 

( 10 ) 


EyilMsU] 


Pl(V 1 

^l(L')J 

2 

£i°; 2 [m s (co) 2 ] 

~2P l (L) 

Pl 2 (L) 1 

£ S {M S L / } 

[ PlO-') 

PlH l')J 

Pi 2 (L) 

, P M s L' 

PlIL') 

(ID 


These expressions have been applied to 
the series isocyanide and carbonyl com- 
plexes ofrhenium(I) irans-[ReL 2 (dppe) 2 ] + 
(L = CNR, CO) [19, 20] and of nitrile 
and carbonyl compounds of iron(II) trans- 
[FeL 2 (depe) 2 ] 2+ (L = NCR, CO) [35], and 
the E s and /J values of the corre- 
sponding trans-{ReL(dppe) 2 } + and trans- 
{FeL(depe) 2 } 2+ centers, which are given in 
Table 9, have been discussed earlier. 

The basic Eqs. (3) -(5) have also been 
extended [2, 51] to complexes of the type 
[M S L„] (n = 2 or 3; n = 1 was the initial 
case) in which {M s } denotes a 14- or 12- 
electron metal binding site, respectively 
(see Eqs. 12-14). 


£™[M S L„] = E s + pP nL (12) 

E s = £“[M s (CO)„] (13) 


P nL = E™ 2 [ Cr(CO) 6 _ II L„] 


- £?/ x 2 [Cr(CO) 6 ] (14) 


The P n l ligand parameter is then the 
shift in the oxidation potential resulting 
from the replacement of n CO ligands in 
[Cr(CO)6] by n L ligands, and should reflect 
the overall effect of these ligands, that 
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is, their combined net electron-acceptor 
minus donor ability. 

The P n l value is the sum of the n individ- 
ual Pi values (Eq. 15) when the n ligands 
exhibit independent electronic effects, usu- 
ally being in mutually cis positions and 
behaving as electron acceptors or donors 
that are neither very strong nor very weak 
[2,51], 

Pni = nP L (15) 

3 . 2 . 1 . 2. 3 17- and 16-electron Compounds 

The model can, in principle, be extended 
to open-shell complexes as suggested 
by Pombeiro et al. [24] for 17-electron 
complexes of the types cis-[ReCl(L) (dppe) 2 ] + 
and trans-[FeBr(L)(depe) 2 ] 2+ , with a 15- 
electron Re 11 or Fe 111 center, respectively. 

The general forms of Eqs. (3) -(5) 
can still be preserved, but now the 
metal center {M s } is a 15-electron 
site whose E s and /3 parameters have 
been estimated from the linear plots 
of the second oxidation potential n £° x 2 
(Re 11 / 111 or Fe III//IV ) of the starting 18- 
electron complexes cis-[ReCl(L)(dppe) 2 ] 
or trans-[FeBr(L)(depe) 2 ] + versus Pi: cis- 
{ReCl(dppe) 2 } + (E s = 1.42 V, d = 1.30), 
trans-{FeBr(depe) 2 } 2+ (E s = 1.98 V, = 
1.30) [24] (Table 8). 

Extensions to series of complexes with 
lower numbers of valence electrons can also be 
anticipated, provided their redox potentials 
become available. This possibility has also 
been demonstrated by Pombeiro et al. 

[48] for the particularly significant case 
of square planar 16-electron complexes 
with T-shaped 14-electron metal centers, 
namely the Rh 1 series [Rh(0~0)(C0)L] 

(O' O = acac, bac) (Table 8). The forms 
of the general expressions (3) -(5) can still 
be preserved, but [M S L] now represents 
a square planar 16-electron complex and 
(M s ) a T-shaped 14-electron metal site, 
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Tab. 8 Values of the electron-richness (Es) and polarizability ( /3 ) parameters for 
15-electron and 14-electron metal sites {Ms] 



E s /V vs. SCE 

P 

References 

1 5-electron {Ms] 

tra/is-{Fe m Br(depe) 2 } 2+ 

1.98 

1.30 

24 

c/s-jRe 11 (Cl) (dppe) 2 ] + 

1.42 

1.30 

24 

14-electron { Ms] a 

{Rh(acac) (CO))“ 

1.64 

1.96 

48 

{ Rh (bac) (CO) } c 

ca. 2.2 

ca. 3.3 

48 


a Square planar. 

b acac= MeC(0)CHC(0)Me~. 

c Rather preliminary data based on only two members of the series, 
bac = PhC(0)CHC(0)Me~. 


whereas Pi, in view of the shortage of data 
for such a type of complexes, can maintain 
its meaning (Eq. 4) as the shift of redox 
potential of [Cr(CC>6] upon replacement of 
one CO ligand by L. 

The advantages of using the same defini- 
tion of Pi as for the 18-electron complexes 
is evident, benefiting from the knowledge 
of its values for a good number of L ligands 
and allowing the direct estimate of others 
without the need of further relationships 
for conversion between the two types of 
structures. However, one can expect some 
limitations to such a proposal resulting 
from the consideration, for comparison 
of ligand effects on redox potentials, of 
nonisoelectronic series of complexes [48]. 

3. 2. 1.3 Other Relationships 

3. 2. 1.3.1 Effects of Isomerism Geomet- 
rical isomers of coordination compounds 
can exhibit different values of redox poten- 
tial, as accounted for, in various cases, by 
simple cl n orbital level splitting diagrams 
or by MO calculations. The dependence 
of the relative stability and redox behavior 
of the geometrical isomers on the elec- 
tronic configuration of the metal is also 


well known [52, 53], and the possibility 
to estimate the redox potentials of these 
isomers is a matter of high significance 
toward the establishment of the type of 
mechanism of electron-transfer induced 
isomerizations, a subject that has been 
recently reviewed [52]. 

The Pickett’s model and extensions 
thereof have the potential to deal with such 
situations, namely involving cis/trans or 
mer/fac octahedral complexes, provided 
the E s and ft parameters are known for 
the corresponding isomeric metal centers. 
Although this application still remains vir- 
tually unexplored, the following case is il- 
lustrative. The trans- and ds-{ReCl(dppe) 2 } 
centers display quite different values of 
those parameters: E s = 0.68 V, ft = 3.4 
[21] for the former, and E s = 0.41 V, 
P = 1.88 [24] for the latter. Hence, for 
example, for the carbonyl (Pi = 0) com- 
plexes [ReCl(CO)(dppe) 2 ], the cis isomer is 
oxidized at a lower potential than the trans 
(0.41 vs. 0.68 V), whereas for the nitrile 
[ReCl(NCR)(dppe) 2 ] complexes, with Pi 
(NCR) in the range from —0.23 to —0.33 V 
[24] (Table 4), the reverse occurs. 

These cis isomers undergo anodically in- 
duced isomerizations to the corresponding 



oxidized trans isomers, via an electron- 
transfer-catalyzed (ETC) process in the 
case of the carbonyl complexes [54], or via 
a double square ECEC-type mechanism 
for the nitrile complexes [55, 56], as deter- 
mined by the relative isomeric oxidation 
potentials. 

3. 2. 1.3. 2 Relationships with Other Proper- 
ties and Reactivity The earlier mentioned 
electrochemical parameters, in particular, 
Pi of a ligand L (or, in an equivalent way, 
see Eq. (5), the redox potential of a com- 
plex with that ligand), can be correlated [1, 
2] with other properties of the complexes 
that are also determined by electronic fea- 
tures of ligands and metal sites, namely 
of their coordination bonds. Examples in- 
clude infrared stretching frequencies of 
unsaturated ligands such as CO, N 2 , CNR, 
NCR, or NO [37, 46-48, 57-60], ligand 
substituent effects as measured by Ham- 
mett and related constants [21, 60, 61] 
and photoelectron binding energies or gas- 
phase vertical ionization potentials [16]. 

On the basis of the above mentioned 
electrochemical parameters, it is also 
possible to propose criteria for ligand 
coordination to a metal center and for 
chemical reactivity. 

Examples of the former criteria are as 
follows: metal centers with a low electron- 
richness (high E s ) bind preferably ligands 
that are strong electron donors (low Pi 
values); coordination of N 2 is favored by a 
high electron-richness (low E s ) and a high 
polarizability (ft) of the metal center [10, 
11], Trans-[ReCl(N 2 )(dppe) 2 ] is an example 
of a rather stable N 2 complex with such 
features (the E s and ft values of the 
binding metal center are 0.68 V and 3.4, 
respectively [21]). 

Correlations with the chemical reac- 
tivity include (1) the stronger coordina- 
tion ability of isocyanides and higher 
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activation to protonation, in comparison 
with dinitrogen, a weaker ;r -acceptor with 
a lower versatility to accommodate to an 
electronic change in the metal center [62], 

(2) the activation of N 2 toward electrophilic 
or nucleophilic attack, upon coordination 
to an electron-rich or to an electron-poorer 
metal center (as measured by E s ), re- 
spectively [10, 58], (3) the influence of a 
co-ligand (its Pi value) on the stability of 
the coordination bond of N 2 and on the 
reactivity of this ligand toward protonation 
or alkylation [57], and (4) the electroacti- 
vation of metal-hydride bonds (increase of 
the rate of H + loss, upon anodically in- 
duced heterolytic metal-H bond cleavage, 
with the Pi of an isocyanide co-ligand) 

[23, 63]. The metal-metal interaction in 
some dinuclear complexes was also shown 
to increase with the Pi value (reflecting 
the 7T -electron acceptance) of the dinitrile 
bridging ligand [23]. 

3.2.2 

Lever’s Model 

3. 2. 2.1 The Ligand Parameter E|_ and the 
Metal Center Parameters Sm and / m 

This model, proposed by Lever in 1990 [64, 

65], one decade after the Pickett’s model 
was introduced [10], has become the most 
popular one mainly due to its wider scope 
of application and wider availability of data. 

It has been the object of extensive reviews 
[66, 67] including a very recent one [67] 
and therefore will not be treated herein in 
such a great detail. 

It is based on the proposed additive 
contribution of all the ligands to the redox 
potential of a complex with the [M" +1// ”] 
redox couple, expressed by Eq. (16) in 
volts versus SHE, where Sm (slope) and 
7 m (intercept) depend upon the metal 
and redox couple, the spin state and the 
stereochemistry, and Ei is an additive 
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electrochemical ligand parameter. 

£i /2 [M" +1 /”] = 5m(S£l) + /m/Vvs.SHE 

(16) 

The Ei parameter for each ligand L was 
obtained through a statistical analysis of 
the reported redox potentials of the large 
number of complexes with the Ru 111 ' 11 
redox couple and the possible ligands, as 
given by Eq. 17 (alternatively in some cases 
using Hammett relationships [68-71]). 

E 1/2 [Ru m ' n ] = YE l ( L) (17) 

Hence, ideally, for the Ru 111 / 11 com- 
plexes, 5 m should be unity and 7 m null. 
In contrast to the Pi parameter, Ei is de- 
pendent on the reference electrode and 
commonly is referred to the SHE. 

Values of those parameters have already 
been proposed for many ligands (Ei) and 
a considerable number of metal centers 
(5 m and 7 m), mainly by Lever [64-67, 72] 
and occasionally by others [14, 15, 24, 27, 
29, 35, 38, 41, 48, 71, 73-77]. Examples 
concerning the former parameter are listed 
in Table 9 and an extensive list for many 
carbyne, carbene, vinylidene, allenylidene 
and alkynyl ligands has been proposed 
recently by Pombeiro [38]. Tables 10-12 
list the proposed 5 m and 7 m values for the 
binding metal centers so far studied. 

Since the linear relationship (18) has 
been experimentally observed [64] (for a 
considerable number of ligands) between 
Ei and Pi, both reflecting the net electron- 
donor /acceptor character of the ligand, 
the two sets of values are expected to 
follow parallel trends and one can derive 
any of them from the knowledge of the 
other one. Hence, the earlier mentioned 
ligand comparisons based on Pi should, 
in general, be also valid for the E i scale, 
and one could complete the corresponding 
Tables (2 and 9, respectively) by estimating 


the missing data using Eq. (18). 

P L = 1.17£ l - 0.86 (18) 

However, this expression should be used 
with caution. In fact, it appears to be in- 
valid for ligands (like CO [22, 46, 64], car- 
bynes [14] and isocyanides [22, 28, 64]) 
that are strong n -acceptors (with an exten- 
sive 7z -stabilizing influence on the HOMO 
energy), when the need to introduce posi- 
tive corrections to Ei has been recognized 
(compare with the above Pi corrections for 
isocyanides, nitriles, and cyanide). Correc- 
tive terms can also be added to the general 
expression (16), which then assumes, for 
carbonyl complexes, the form (19) [67] in 
which x is the number of CO jr*-orbitals 
that interact with the HOMO and c is an em- 
pirical correction. Further corrections (c f x', 
etc.) can be added if the complex has also 
other strong n -acceptor ligands, for exam- 
ple, isocyanides. Each of these corrections 
can reach values up to 0.3 V [28, 64, 67]. 

7?i/ 2 [M' ,+1 /"] = 5m(££ l ) + 7 m + cx 

(19) 

Hence, for such ligands, the estimate 
of Ei or Pi by using Eq. (18) should be 
avoided, whenever possible, and separate 
methods based on the corresponding 
models are preferable. Moreover, Eq. (16) 
also requires corrective terms and its use 
thus becomes less convenient. 

Examples of ligands whose Ei val- 
ues have been recently estimated by 
using directly the Lever model, with 
disagreeing values obtained from expres- 
sion (18), include the benzoylisocyanide 
C=NC(0)Ph (Ei = 0.60 V vs. SHE [15]), 
a number of metallo-cyanide and other 
cyano-adducts such as C=N— ML„_r 
(M = V m , Re v , Ni 11 , Pd 11 ) (E L = +0.19 
to -0.14 V vs. SHE [15, 27]), C=N-BF 3 “ 
(Ei = 0.20 V vs. SHE [15]) and C=N- 
BPh 3 “ (E L = -0.05 Vvs. SHE [15]) 
(Table 9). 
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Tab. 9 Values of the Lever E parameter of selected ligands 3 


L 

E l /V i/s. SHE 

References 

NO+ 

>1.5 

64, 67 

Carbynes (=CR) 

ca.l .2 

14 

CO 

0.99 

64 

N - M ethyl pyraziniu m 

0.79 

64 

ch 2 =ch 2 

0.76 

64 

2,2'-Bipyrazinium 

0.75 

64 

Alkylnitrites (RONO) 

0.72 to 0.70 

64 

P(C 6 H 4 Ome-4)3 

0.69 

73 

P(NC 4 H 4 )3 b 

0.69 

48 

=c=chco 2 r 

0.62 

14 

C=NC(0)Ph 

0.60 

15 

PPh(NC 4 H 4 ) 2 b 

0.60 

48 

C=N— CH 2 Ph 

0.56 

64 

=c=ch 2 

0.56 

14 

P(OC 6 H 4 Me-3) 3 

0.54 

48 

PPh 2 (NC 4 H 4 ) b 

0.53 

48 

=C=CHPh 

0.52 

14 

=C=CHC 6 H 4 Me-4 

0.51 

14 

=C=CHBu‘ 

0.50 

14 

P(OC 6 H 4 Me-4) 3 

0.50 

48 

N=C— CgH 4 — C=N-4 

0.49(aq.) 

64 

Ph 2 PCH=CHPPh 2 

0.49 

64 

Me 2 S=0 

0.57 

74 

Ph 2 PC=CPPh 2 

0.46 

64 

=C=C=CPh 2 

0.46 c 

29, 38 

Norbornadiene 

0.46 

64 

C 

=3 

CO 

1 

z 

III 

u 

0.45 

64 

Pcy 3 

0.45 

48 

Ph 2 AsCH 2 CH 2 AsPh 2 

0.44 

64 

Ph 2 PCH 2 PPh 2 (dppm) 

0.43 

64 

Pyrimidinium 

0.43 

64 

=C=C=C(Me)Ph 

0.42 

29, 38 

P(OMe) 3 

0.42 

64 

II 

n 

II 

n 

II 

n 

m 

0.41 

29, 38 

C=N — Ph 

0.41 

64 

N=C-C 6 H 4 CI-4 

0.40(aq.) 

64 

PPh 2 (C 6 H 4 OMe-4) 

0.40 

48 

PPh 3 

0.39 

64 

AsPh3 

0.38 

64 

SbPh 3 

0.38 

64 

N=C-C 6 H 4 OMe-4 

0.38 

64 

n=c-ch=ch 2 

0.38 

64 

N=C-C 6 H 4 Me-4 

0.37 

64 

Ph 2 PCH 2 CH 2 PPh 2 (dppe) 

0.36 

64 

2,2'-Bipyrazine 

0.36 

64 

N=CMe 

0.34 

64 

PMe 2 Ph 

0.34 

64 


(continued overleaf) 
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Tab. 9 ( continued ) 


L 

E l /V i/s. SHE 

References 

PMe 3 

0.33 

64 

S(Me)Ph 

0.33 

64 

Pyrazine 

0.33 

64 

Pyridine, 3,5-dichloro 

0.33 

64 

Bipyrimidine 

0.31 

64 

SMe 2 

0.31 

64 

Pyridine, 4-acetyl 

0.30 

64 

Quinoline 

0.29 

64 

Pyrimidine 

0.29 

64 

Et 2 PCH 2 CH 2 PEt 2 (depe) 

0.28 

24 

4,4'-Bipyridine 

0.27 

64 

Pyridine, 4-chloro 

0.26(aq.) 

64 

Indazole 

0.26 

76 

1,10-Fenanthroline 

0.26 

64 

Isonicotinamide 

0.26(aq.) 

64 

2,2'-Bipyridine 

0.259 

64 

Pyridine 

0.25 

64 

Pyridine, 4-phenyl 

0.23 

64 

4,4'-Bithiazole 

0.20 

64 

Pyrazole 

0.20 

64 

C=N-BF 3 - 

0.20 

15 

C=N — NiCI 2 (PCy 3 ) _ 

0.19 

27 

1 ,2,4-Triazole 

0.18 

64 

Trifluorosulfonate 

0.13 

64 

NH 2 Bu 

0.13 

64 

Imidazole 

0.12 

64 

nh 3 

0.07 

64 

CI0 4 “ 

0.06 

64 

NH 2 Pr' 

0.05 

64 

h 2 o 

ca. 0.04 

64 

C=N— VCI 3 (thf) 2 - 

0.03 

15 

no 2 - 

0.02 

64 

C=N^ 

0.02 

64 


— 0.26 d 

15 

Dimethylglyoximate 

0.01 

64 

C=N — BPh 3 _ 

-0.05 

15 

PhC(0)CHC(0)CH 3 “ (bac) 

-0.06 

64 

SCN- 

-0.06 

64 

CH 3 C(0)CHC(0)CH 3 “ (acac) 

-0.08 

64 

8 -Hyd roxyquinolinate 

-0.09 

64 

C=N — ReOCI 3 (/x-CN)FeH(dppe) 2 ~ 

-0.09 

27 

NO 3 - 

- 0.11 

64 

Dimethyldithiocarbamate 

- 0.12 

64 

4-CH 3 C 6 H 4 S03- 

-0.13 

64 

S=C(NH 2 ) 2 (thiourea) 

-0.13 

64 

C=N — PdCI 2 (PPh 3 )~ 

-0.14 

27 

CF 3 COO- 

-0.15 

64 

Oxalate 

-0.17 

64 

1 ,2,4-Triazolate 

-0.17 

64 
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Tab. 9 ( continued ) 


L 


E l /V vs. SHE 

References 

Br~ 


-0.22 

64 


e 







A K 




hb( n — n) 3 






-0.23 

73 

Pyrazolate 


-0.24 

64 

cr 


-0.24 

64 

r 


-0.24 

64 

FT 


-0.30 

64 

n 3 ~ 


-0.30 

64 

HCOCT 


-0.30 

64 

Alkynyls (-C=C-R _ 

■) 

1 

O 

0 

1 

p 

''-I 

29, 38, 41 

F“ 


-0.42 

64 

SC 6 H 4 Me-4~ 


-0.48 

64 

Benzohyd roxiamate (2-) 

-0.52 

64 

SPh- 


-0.53 

64 

SEt~ 


-0.56 

64 

Alkyls, aryls, NO - 


-0.70 to -0.90 

67 


a For di- or poly-dentate ligands, El refers to each ligating arm. 
b /V-Pyrrolyl phosphine. 

c The value of 0.71 V has been proposed [75] at a 4-coordinate metal center 
with Sm and /m values obtained from a restricted number of data points (see 
Table 10). 

d At tra/is-{FeH(dppe) 2 ] + . 

e Hyd rotris (3, 5-di methyl pyrozolyl) borate. 


However, Eq. (18) appears to be valid 
for both allenylidenes =C=C=CR 2 and 
alkynyls - C=CR~, giving Ei values com- 
parable to those obtained from the general 
expression (16) [29, 38, 41, 48]. 

Other recently proposed E i values on 
the basis of the general Eq. (16) include 
(1) indazole (E L = 0.26 V vs. SHE [76]), 
which thus is shown to be a weaker net 
electron-donor than the previously studied 
triazole and imidazole (Table 9), (2) the N- 
pyrrolylphosphines PPh„(NC 4 H 4 ) 3 _„ (n = 
0-2) (Ei = 0.69-0.53 V vs. SHE) [48] that 
behave as weaker net electron-donors than 
organophosphines, the electron-releasing 
ability decreasing with the increase 


of the number of fV-pyrrolyl groups, 
and (3) the hydro-tris(3,5-dimethylpyra- 
I I 

zolyl)borate [HB{NNC(Me)CHC(Me)} 3 ]“ 
ligand (i.e. each of its N-ligating arms) 
(Ei = —0.23 V vs. SHE [73]) that acts as a 
net electron-donor identical to pyrazolate 
(Ei = -0.24 V vs. SHE [64]). 

The pyrrolylphosphines and the tris- 
(pyrazolyl)borate derivative were inves- 
tigated [48, 73] at square-planar tetra- 
coordinate Rh 1 complexes for which the 
Lever model was then extended (see in the 
following). 

In organic media, the particular net 
charge of the complex usually appears 
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Tab. 10 Values of the Sm and /m parameters for six-coordinate 
complexes in organic medium 3 * * * * * * 


Redox couple 

S/w 

Im/Vvs. SHE 

References 

Nb v /'V 

0.76 

1.24 

64 

Nb'V" 

0.75 

-0.12 

64 

T a V/lV 

0.79 

0.66 

64 


1.17 

-0.86 

64 

Cr 1 "/" (LS) 

1.18 

-1.72 

64 

Cr 111 /" HS) 

0.84 

-1.18 

64 

Cr'/° 

0.52 

-1.75 

64 

Mo'/° 

0.74 

-2.25 

64 

Mo"/' 

0.81 

-1.76 

64 

Tc lv / m 

1.00 

0.65 

65 

Tc 1 "/" 

1.28 

-0.89 

65 

Tc"/' 

1.42 

-2.09 

65 

Re iv/m 

0.86 

0.51 

65 

Re 1 "/' 1 

1.17 

-0.88 

65 

Re"/ 1 (upper) 

0.76 

-0.95 

65 

Re"/' (lower) 

0.27 

-1.43 

65 

Fe IV/,m (particular) 15 

1.49 

-0.18 

24 

Fe 1 "/ 11 (LS) 

1.10 

-0.43 

64 

Fe 1 "/ 11 LS 

1.07 

-0.3 

35 

(particular) 0 

Fe 1 "/" (LS) 

1.32 

-0.57 

24 

(particular) 01 

Fe 1 "/ 11 (HS) 

0.89 

-0.25 

64 

Ru'V/m 

1.03 

1.68 

76 

Ru 1 "/" 

0.97 

0.04 

64 

Os'll / 11 

1.01 

-0.40 

64 


3 LS = low spin; HS = high spin. 

^Established for the series tra/is-[FeBrL(depe) 2 ] 2+ / 3+ (L = CO, aryl 

and alkyl N=CR). 

Established for the series trans-[Fel_ 2 (depe) 2 ] 2+ / 3+ (L = CO, aryl and 

alkyl N=CR, N=C-NR 2 ). 

d Established for the series tra/is-[FeBrL(depe) 2 ] +/,2+ (L = CO, aryl and 

alkyl N=CR, Br“). 


not to have a relevant effect on the 
redox potential, since complexes with the 
common redox couple but with 

different net charges (determined by the 
ligands) exhibit the same 5 m and /m values 
(these are dependent on the difference in 
free energy of solvation for the pair of 
ions involved) [67]. However, in water, 
solvation effects can play an important 
role and different sets of values are 


expected for different charges (Table 11). 
The Ru 111 / 11 couple has been the most 
studied one: in water, the 2+/1+ charged 
couple has 5 m = 1.14, /m = —0.35 V vs. 
SHE [64], whereas the 1 —/ 2 — charged 
one in aqueous phosphate buffer (pH 7) 
exhibits 5 m = 0.88, /m = 0.46 V vs. SHE 
[76], and these values are also distinct from 
those quoted (5m = 0.97, /m = 0.04 vs. 
SHE [64]) for organic media. 
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Tab. 11 Values of the Sm and /m parameters for six-coordinate 
complexes in aqueous medium 3 


Redox couple 

Sm 

l M /Vvs. SHE 

References 

Cr 1 "/" 

0.58 

-1.12 

64 

Fe 1 "/" (LS) 

0.68 

0.24 

64 

Ru 1 "''" (2+/l+) b 

1.14 

-0.35 

64 

Ru 1 "/" (1 — /2— ) b,c 

0.88 

0.46 

76 

Os 1 "/" 

1.61 

-1.30 

64 


3 LS = low spin. 

^Charges of the complexes in the oxidized and reduced forms 
given in brackets. 

c ln aqueous phosphate buffer (pH 7). 


The high generality of Lever Eq. (16) 
also brings some drawbacks. In order 
to be applicable to all the six-coordinate 
complexes with a certain redox 

couple, it cannot distinguish among either 
particular series of complexes or isomeric 
forms with different redox potentials, 
and linearity may fail for all the wide 
range of the available E7 ?l values. These 
limitations are usually not serious, or at 
least can be overcome much easier, with 
the Pickett Eq. (5) that concerns a series 
of closely related [M S L] complexes with 
a specific metal center {M s } and with 
a single variable ligand L. Hence, for 
each particular series, the more restricted 
Pickett equation is expected to be more 
accurate than the more general Lever 
expression that is not able to reflect subtle 
variations in the electronic and structural 
properties of the ligands and metal sites. 

Therefore, different Sm, 7m sets of 
values have already been proposed 
by Pombeiro et al. for particular 
series of Fe 111 / 11 complexes, such as 
trans-[FeL 2 (depe) 2 ] 2+ / 3+ (L = CO, aryl 
and alkyl NCR, NCNH 2 ) (S M = 1-07, 
/ M = —0.3 V vs. SHE [35]) and trans- 
[FeBr(L) (depe) 2 ] +/2+ (L = CO, NCR, Br“) 
(S M = 1-32, / M = -0.57 V vs. SHE [24]), 
that fit better the experimental data than 


the Lever general one (Sm = 1-10, 7m = 
-0.43 V vs. SHE [64]) (Table 10). 

Incidentally, the trans-[FeBr(L) 
(depe) 2 ] + / 2+ / 3+ series has also allowed 
to propose [24] parameter values for a 
p e iv/m re{ j ox couple: Sm = 1-49, 7m = 
-0.18 V vs. SHE. 

In order to overcome the isomeric 
limitations, correction terms have to be 
introduced (see Eq. 19) [64] to account for 
the different isomeric redox potentials, 
whereas the loss of linearity in the 
relationship between the redox potential 
and E£l, for a wide range of the latter, 
requires the consideration [65] of different 
expressions along the ETsl scale or of 
curved relationships, as observed for the 
Rgi/n r edox systems. More recent studies 
of series of Re'-nitrile [24] and Re 1 - 
vinylidene [14] complexes have provided 
some supporting testimony for a curved 
overall relationship. 

3.2.22 Extensions of the Model 

Lever’s model has been typically applied 
only to six-coordinate complexes, but 
recently it has been extended by Pombeiro 
et al. to square planar four-coordinate Rh 1 / 11 
complexes (5 m = 1-68, 7m = —0.87 V vs. 
SHE [47, 73]) and, although still restricted 
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Tab. 12 Values of the Sm and /m parameters for four- and five-coordinate 
complexes in organic medium 


Redox couple 


Sm 

l M /V vs. SHE 

References 

4-coordinate 


Rh 1 / 11 (square 
planar) 3 

1.68 

-0.87 

48, 73 

5-coordinate 


Rh'/"b 

0.80 

-0.95 

48 


Fe m /"c 

1.60 

- 

64 


Mn m /" c 

0.38 

- 

64 


3 The values of Sm = 1 -33 and /m = —1 -22 V vs. SHE have been proposed [75] on 
the basis of a smaller number of data points. 

b On the basis of a rather limited number of monohydride complexes. 
c On the basis of a rather limited number of porphyrin complexes and with an 
uncertain El value for the porphyrin core. 


to a rather small number of available 
monohydride complexes, to five-coordinate 
Rh 1 / 11 compounds [48] (Table 12). Other 
■Sm and 7 m values for the four-coordinate 
Rh 1 /! 1 complexes had been proposed by 
Werner et al. [75] on the basis of a smaller 
number of data points. 

Applications of the model to Ru clus- 
ters have been reported namely by Toma 
et al. [78] and Keister et al. [79, 80], and, 
for example, for the single-electron oxida- 
tion of the 48-electron complexes of the 
type [Ru 3 (/t-H) 3 (/T 3 -CX) (CO) 9 _„L„], ex- 
pression (20) is followed [79, 80], being 
derived from the general Lever’s equation 
with inclusion of a Hammett term con- 
cerning the methylidyne X substituent. 
The observed value of Sm 3 (0.37) (vs. 
the unity expected for a monometallic Ru 
center) is indicative of an effective delocal- 
ization of the ligand effects over the three 
Ru atoms [79]. 

For the pi-oxo centered [Ru3(/t3-0)(/U2- 
CH 3 COO) 6 L 3 ]' !+ (L = A -heterocyclic lig- 
and e.g. pyridine, pyrazine, and deriva- 
tives) clusters, the general form of Lever 
Eq. (16) was shown to be valid for 


successive oxidation processes, with the 
slope (Sm) tending to decrease with the 
increase of the average metal oxida- 
tion state, that is, from unity for the 
rec [ ox CO uple to 0.48 to 
the Ru 3 IV ’ IV III / IV ’ ln ' ln pair [78], 

£i/2[M" +1/ "]= S M3 S£l 

+ 2.303 (^P)po p +(X) + / M 3 (20) 

The Lever’s model has also been ex- 
tended to sandwich and half-sandwich com- 
plexes with jr-cyclopentadienyl or 7r-arene 
ligands [66, 67, 69], The 7s l parameter for 
the it -ligands has been defined [69] on 
the basis of the low spin Fe 111 / 11 redox 
couple, by Eqs. (21) or (22), for homolep- 
tic sandwich [Fe(jr-L) 2 ] or mixed sandwich 
[Fe(jr-Li)(7r-L2)] complexes, respectively. 

El(tt-L) = \E l/2 [Ve m / 11 ] (21) 

£l/2[Fe m / n ] = El(tt-U) + E l {tt-L 2 ) 

( 22 ) 

7?l values have thus been proposed [66, 
67, 69] for a great number of it -ligands, 
also by using the observed correlation 



between El of the substituted tt - ligand and 
the Hammett’s substituent constant. The 
study was performed with tz -complexes of 
various first row transition metal centers 
whose 5 m and /m values were also 
obtained. 

Lever’s approach has also been extended 
to reduction processes centered at ligands 
[66, 67]. Thus, for a complex [M(LL)WXYZ] 
with a reducible ligand LL and other co- 
ligands W, X,Y, and Z, the reduction 
potential of LL to LL“, bound to M" + , is 
given by Eq. (23) in which 5 l is a measure 
of the influence of the W, X,Y, Z ligands 
on the reducible LL ligand via the metal 
center, and 7 l, for Sf = 0, is the reduction 
potential of the free ligand [66, 67]. 


£i /2 [LL°/-(M' ! )] = Y l E£l(WXYZ) + I L 

(23) 

Combination and rearrangement of 
Eqs. (16) and (23) lead to expression (24) 
that correlates linearly the ligand-centered 
reduction potential with the metal centered 
oxidation potential (d is the denticity of the 
reducible LL ligand). The slope of this line 
is 5l/5m, an d ^e intercept is a constant 
for the particular reducible ligand [66]. 


E i/2[LL°/- (M b )] = £ 1/2 [M' ,+1 /" (LL)] 


+ 


/ L 



5 L d££ L (LL) 


(24) 


Effects on the redox potential of sub- 
stituents at the reducible ligand have also 
been investigated and linear correlations 
recognized with the Hammett’s a constant 
[66, 67], 


3. 2. 2. 3 Other Relationships 

Linear correlations between £l(L) and 
Hammett substituent constants for sub- 
stituted 7T-cyclopentadienyl and jr-arene 
ligands [69], for other substituted ligands. 
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such as pyridines, bipyridines, and dike- 
tones [68], as well as for a number of 
unsubstituted ligands [71], have been well 
established and allowed the estimate of 
previously unknown El values (see also 
the earlier text). 

The El Lever parameter was also 
shown [71] to correlate linearly with other 
parameters that measure the net electron- 
donor character of a ligand (L), namely 
the Tolman’s electronic parameter (TEP) [81] 
for phosphines and a computed electronic 
parameter (CEP) [71] based (as TEP) on the 
infrared Aiv(CO) frequency in complexes 
[NiL(CO) 3 ], which is determined by the 
electronic effect of L. 

Relationships between redox potentials 
and the energy (hv) of a metal-to-ligand 
charge transfer (MLCT) band have been well 
documented and expressed, for complexes 
[M(LL)WXYZ], in a simplified way, by 
Eq. (25) in which C is a constant and 
A£(Redox) is given by Eq. (26), that is, 
the difference between the metal centered 
oxidation potential and the ligand centered 
reduction potential [67]. 

/iv(MLCT) = A £( Redox) + C (25) 

A £ (Redox) = Ei/ 2 [M B+1/n (LL)] 

/•;, /2 |LI o/: (M")| (26) 

Since these redox potentials can be 
expressed as function of the El parameter 
(Eqs. 5 and 23), the MLCT energy can be 
given by Eq. (27) or (28) (C' and C" are 
constants) as a function of El- 

/iv(MLCT) 

= (% - S l )£i /2 [M" +1 /"] + C' (27) 
/iv(MLCT) 

= (5 M - 5 l )££ l (WXYZ) + C" (28) 

However, correlations with the emission 
energy of emission spectra are still rare. 
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The applications of these and related 
expressions to various types of complexes 
have been reviewed be Lever [66, 67]. 

3.2.3 

Bursten’s Model 

This model was proposed by Bursten [82] 
in 1982. It assumes a linear correlation 
(with a negative slope) between the HOMO 
energy and the oxidation potential of 
octahedral d 6 metal complexes of the type 
[ML„Lg_ ; J (L = stronger it -acceptor than 
L'), this potential (viz. HOMO energy) 
being determined in an additive way by 
the effects (B) of all the n L and (6 — n)l! 
ligands and by the effects (C) of the 
ligands, xL and (4 — x)L f , that jt -interact 
with the metal d n orbital comprised in the 
HOMO of the complex (Eq. 29 in which A 0 
depends on the metal atom, in particular 
its oxidation state, and trivially on the 
solvent and reference electrode). 

E \/2 = A° + nB h + (6 - n)B V 


+ xC L + (4 - x)C V 

(29) 

This equation assumes the simplified 
form (30) in which the constants A, B, and 

C are given by Eqs. (31) — (33). 


£1/2 = A + nB + xC 

(30) 

A = A° + 6 B v + 4C l ' 

(31) 

B = B l - B l ' 

(32) 

c = C L - C L ' 

(33) 


Parameter B (electrostatic term) reflects 
the difference between the abilities of 
L and L' to electrostatically stabilize 
the metal d orbitals (difference between 
the net electron-acceptor characters of 
these ligands), whereas parameter C 
(bonding term) is determined by the 
difference between the abilities of L 


(typically CO) and L' to stabilize (by 
jt -acceptance) the metal d n orbital involved 
in the HOMO. The latter term is isomer 
dependent and allows to differentiate 
isomeric potentials. Hence, for example, 
although n = 2 for both trans- and cis- 
[ML2L4], these isomers have different 
a: values (0 and 1, respectively) and 
therefore should exhibit different oxidation 
potentials (Eq. 30), that is, £1/2 = A + 2B 
for trans and A + 2B + C for cis. 

Although the model has been extended 
to other types of coordination compounds 
[83, 84], namely d 1 metal octahedral 
complexes such as [MCl6_„(NCMe)„] -2+ ” 
(M = Nb IV , Ta iv ; n = 0-2) [84], its appli- 
cation still remains little explored [82-84]. 

The Bursten’s model can be correlated 
to the Pickett’s model by considering the 
relationship between the corresponding 
ligand parameters, as shown by Datta [85]. 
In fact, by applying the former model 
(Eq. 30) to [Cr(CO) 5 L] (n = 5,x = 3) and 
[Cr(CO)6] (« = 6, x = 4) and taking into 
account the definition of Pi (Eq. 4), one 
obtains Eq. (34), which substantiates the 
importance, in the ligand Pi parameter, of 
both the overall electrostatic ligand effects 
and jt - effects at the HOMO, expressed by 
the corresponding terms of the Bursten 
equation. 

Pi=-(B + C) (34) 

Ligand additivity implications to the 
Pickett’s model for complexes of the type 
[ML^'L"] have also been recognized [85]. 


3.3 

Final Comments 

The redox potential of a complex con- 
tains a rich information on its elec- 
tronic/structural properties, that is, of 
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its ligands and binding metal center. 
However, in order to extract that infor- 
mation, it is necessary to find out how the 
value of the redox potential reflects all the 
ligand and metal effects. This can be at- 
tempted, in indirect ways, by searching for 
relationships between the redox potential 
and other properties of the complexes, or, 
in a more direct and quantitative way, by 
ligand and metal parametrization of the 
redox potential which thus is directly re- 
lated to the electronic/structural features 
of the ligands and binding metal sites. For 
this purpose, the ligand and metal effects 
are separated, considered to be indepen- 
dent and their contributions are added to 
give the redox potential. This additivity as- 
sumption, necessary for the simplification 
of the complex dependence of the redox 
potential on those factors, naturally has 
considerable limitations since it does not 
take into account, for example, synergisms 
between the ligands and the metal, interac- 
tions among the ligands and the possible 
dependencies of the ligand effects on the 
particular metal centers and of the metal 
centers on the particular ligands. 

Therefore, the limitations of the para- 
metrization models should reflect the 
relative extents of additivity on which they 
are based, which are also related to their 
generality. 

The Lever’s model appears as the 
most general and attractive one. Since 
it assumes a complete additivity, with 
all the ligand effects treated separately 
and being independent from the metal, 
its application is rather general and 
simple. For instance, to estimate the redox 
potential of a particular complex, one 
simply has to add the contributions of 
all the ligands, Y.E l, and affect the total 
ligand effect by the effects associated to 
the redox couple (5 m, /m), which 

are assumed to be fully independent of the 


ligands. The risk of failure in particular 
cases parallels the high generality and a 
good answer to subtle changes in structure 
or composition of the complexes should 
not be expected. 

In contrast, the Pickett’s model, in its 
original form, is based on a minimum ad- 
ditivity, since only one ligand (L) is treated 
separately, the others being associated to 
the metal in the common {M s } center that 
is considered as a whole. The set of ligand 
and metal center parameters is applicable 
only to the complexes with that {M s } cen- 
ter and therefore the model has a much 
lower generality than the Lever’s one. How- 
ever, it is expected to be more accurate for 
the particular series of complexes it con- 
cerns and to respond in a better way to 
structure/composition changes, including 
geometrical isomeric differences, a type of 
situation that is also accounted for by the 
Bursten’s model (although in a different 
way and so far applied only to limited se- 
ries of complexes), but not by the Lever’s 
model which then requires the inclusion of 
less convenient correction terms. Correc- 
tions have also to be applied when dealing 
with very strong n -acceptor ligands. 

Hence, these models are somehow 
of complementary characters and efforts 
should be directed toward their develop- 
ments and wider applications, including 
those situations in which the additiv- 
ity fails. Extensions of the Pickett’s and 
Lever’s models have already been proposed 
to overcome their limitations, as discussed 
above, and in some cases the dependency 
of the ligand parameters on the metal 
centers and generalizations to types (with 
different electron-counts, structures, com- 
positions, etc.) of complexes, metal centers 
and ligands not included in the original 
proposals, have already been successfully 
treated. 
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Further developments will undoubtedly 
follow, but one should not expect to reach 
a single and simple overall redox potential- 
structure relationship with a universal use 
in Coordination Chemistry, in preference 
to a number of relationships with a lower 
generality that conceivably will deal more 
appropriately with correspondingly more 
restricted areas of application. 
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4.1 

Molecular Hydrogen 

The electrochemical reduction of pro- 
tons to dihydrogen at an electrode and 
the reverse of this reaction, oxidation of 
molecular hydrogen to protons have been 
intimately bound up with the develop- 
ment of the theory of electrochemical 
kinetics over the last century. The inter- 
conversion is of considerable technological 
importance, impacting on areas such as: 
corrosion; embrittlement [1-5]; fuel cells 
[6-12]; electrolytic production of hydrogen 
[13-18]; hydrogen/hydride storage materi- 
als [19-24]; water splitting and photoelec- 
trochemical devices [25-29]; and proton 
conducting/exchange materials [30-35]. 
The literature is necessarily vast [36-38]. 

Low activation energy barrier for the ad- 
sorption/cleavage of dihydrogen to give 
adsorbed H atoms (H a a) and its converse 
recombination of H a< i to give dihydrogen, 
is critical to the performance of electro- 
catalytic materials with large standard het- 
erogenous rate constants for the H 2 / 2 H+ 
couple [36, 39]. The first spectroscopic de- 
tection of adsorbed H atoms (H at j) on 
platinum was made in the late 1980s 
and there have been several related spec- 
troscopic studies of potential-dependent 
forms of H at j on platinum and other met- 
als [40-42]. Detailed mechanisms of the 


hydrogen evolution reaction at bulk metals 
[2, 4, 43-51], at single crystals or epitaxial 
films [41, 52-55], at metals with surface 
adatoms [56-59], at various alloys and in- 
termetallic phases [60-66], at conducting 
oxides [67], and at semiconductor elec- 
trodes have been proposed [27, 28, 68], 
Absorption of dihydrogen into bulk mate- 
rials to form hydride phases, hydrogen evo- 
lution/uptake by metals and H-atom mo- 
bility/recombination mechanisms within 
metallic phases and the electrochemical 
behavior of solid metal hydrides have re- 
ceived considerable attention, particularly 
in the context of hydrogen storage ma- 
terials, application in batteries such as 
rechargeable Ni— MH alkaline cells, and 
hydrogen embrittlement [69-75]. 

Correlations between electrochemical 
reduction rates, electronic structure and 
heats of adsorption of dihydrogen [47, 76], 
the relationship between the work function 
and the electrochemical behavior of metals 
[77], and the possible role of proton tunnel- 
ing [78, 79] have been developed. Quantum 
chemical approaches to hydrogen evolu- 
tion/oxidation [80-82] have included the 
application of DFT methods for the recog- 
nition of transition metal sulfide materials 
[16] with electrocatalytic properties sim- 
ilar to those of platinum [83]. Figure 1 
shows a comparison of the calculated free 
energy diagrams for hydrogen evolution 
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Hydrogen evolution U= 0 V 



Fig. 1 Calculated free energy diagram for hydrogen evolution at a potential 
U = 0 V relative to the standard hydrogen electrode at pH = 0. The free energy 
of H + + e~ is by definition the same as that of 5 H 2 at standard conditions. The 
free energy of H atoms bound to different catalysts is then found by calculating 
the free energy with respect to molecular hydrogen including zero-point energies 
and entropy terms (reprinted from Ref. 83 with permission). 


on various materials together with that 
for two enzyme models. Incorporation of 
platinum or palladium nanoparticles into 
polymers to give hybrid electrocatalytic ma- 
terials has received some attention [84, 85], 


4.2 

Hydride and Dihydrogen Complexes 

Direct electrochemical studies of the 
hydride ion in a LiCl— KC1 eutectic at 
425 °C at an iron electrode have shown 
that the anion is oxidized near 0.65 V 
versus Li + /Li in a one-electron process 
which leads to the formation of dihydrogen 
with high current efficiency via surface 
combination of H a( j. 

The hydride ligand is found bound in 
a terminal fashion to a vast range of 
metal centers or as a bridging ligand 


between two or more metal centers. 
Dihydrogen can oxidatively add to a co- 
ordinatively unsaturated metal center to 
give either cis-dihydrides or /] 2 -dihydrogen 
(sideways-bound H 2 ) complexes. The rel- 
ative stability and the interconversion 
of cis-dihydride/?] 2 -dihydrogen systems is 
sensitive to the nature of the metal, its 
oxidation state and the coligands around 
it, particularly the ligand “trans” to the 
dihydrogen/dihydride group. These same 
factors also strongly influence M— H bond- 
ing in terms of whether or not the 
hydrogen ligand is hydridic (H“), acidic 
(H + ), or radical (H") in character. There 
has been considerable interest in correla- 
tions between redox potential as a measure 
of the electron-richness of a metal com- 
plex containing hydride or dihydrogen 
ligands and the pA" a of these ligands 
[86-89] or the stability of dihydrogen 



complexes [88]. This has covered a wide 
range of transition metal complexes and 
has addressed periodic trends. The con- 
sequence of electrochemical oxidation or 
reduction on the character the hydride 
ligand together with mechanistic aspects 
related to the changes in the hydride lig- 
ands following their oxidation has been 
widely described [90-94]. Interconversion 
of cis-dihydride/? 7 2 -dihydrogen systems 
via electrode reactions [95, 96] is mech- 
anistically of great interest but a clear-cut 
example of one-electron oxidation of a 
dihydride leading to a stable dihydrogen 
complex remains elusive. A key series of 
papers has dealt with the heterolytic and 
homolytic cleavage of the metal-hydride 
(M— H) bond in which redox potential 
measurements for 17-electron/18-electron 
couples have been used in thermochemical 
cycles to calculate M— H bond dissociation 
energies [97-100]. 

The electrosynthesis of hydride com- 
plexes directly from molecular hydrogen 
at atmospheric pressure by reduction of 
Mo(II) and W(II) tertiary phosphine pre- 
cursors in moderate yield has been de- 
scribed as also the electrosynthesis of 
trihydride complexes of these metals by 
reduction of M(IV) dihydride precursors 
[101, 102]. Hydrogen evolution atthe active 
site of molybdenum nitrogenases [103] is 
intimately linked with biological nitrogen 
fixation and the electrochemistry of certain 
well-defined mononuclear molybdenum 
and tungsten hydrido species has been 
discussed in this context [104, 105], 

Electrocatalysis of proton reduction by 
metal complexes in solution has been 
widely studied [106-111] and confinement 
of molecular electrocatalysts for this pro- 
cess in polymeric films has also received 
some attention [111, 112]. This area has 
received much impetus from biochemi- 
cal and structural studies of the iron-only 
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and nickel hydrogenases [113]. For exam- 
ple, it is evident that a di-iron dithiolate 
assembly provides the active site of the 
iron-only hydrogenase and electrochemi- 
cal studies of synthetic compounds related 
to this site have provided some insight 
into both how the enzyme might work and 
the possibility of generating new types of 
electrocatalysts for hydrogen evolution or 
uptake [107, 114-123]. Whereas a wide 
range of model di-iron complexes catalyze 
hydrogen evolution, they do so at overpo- 
tentials far removed from equilibrium for 
the 2 H+/H 2 couple and none have so far 
demonstrated electrocatalysis of hydrogen 
oxidation. 

References 

1. G. Jerkiewicz, Prog. Surf. Sci. 1998, 57, 
137-186. 

2. J. O. Bockris, J. McBreen, L. Nanis, J. 
Electrochem. Soc. 1965, 112, 1025. 

3. E. J. Kelly, J. Electrochem. Soc. 1965, 112, 
124-131. 

4. M. A. V. Devanathan, Z. Stachurski, J. Elec- 
trochem. Soc. 1964, 111, 619-623. 

5. R. N. Iyer, H. W. Pickering, M. Zaman- 
zadeh, J. Electrochem. Soc. 1989, 136, 
2463-2470. 

6. G. J. K. Acres, f. C. Frost, G. A. Hards et al. 

Catal. Today 1997, 38, 393-400. 

7. N. Toshima, T. Yonezawa, New J. Chem. 

1998, 22, 1179-1201. 

8. R. Doshi, V. L. Richards, J. D. Carter et al., 

J. Electrochem. Soc. 1999, 146, 1273-1278. 

9. L. Carrette, K. A. Friedrich, U. Stimming, 

Chem. Phys. Chem. 2000, 1, 162-193. 

10. N. M. Markovic, P. N. Ross, Surf. Sci. Rep. 

2002, 45, 121-229. 

11. C. S. Song, Catal. Today 2002 , 77, 17-49. 

12. T. Matsumoto, T. Komatsu, K. Arai et al., 

Chem. Commun. 2004, 840-841. 

13. M. Elbatanouny, M. Strongin, G. P. Willi- 
ams et al., Phys. Rev. Lett. 1981, 46, 269-272. 

14. H. Vandenborre, P. Vermeiren, R. Leysen, 
Electrochim. Acta 1984, 29, 297-301. 

15. B. Keita, L. Nadjo, J. Electroanal. Chem. 

1985, 191, 441-448. 



114 


4 Molecular Hydrogen, Hydride, and Dihydrogen Complexes 


16. A. Sobczynski, A. Yildiz, A. J. Bard et al., 
J. Phys. Chem. 1988, 92, 2311-2315. 

17. A. Lasia, A. Rami, J. Electroanal. Chem. 
1990, 294, 123-141. 

18. M. Sadakane, E. Steckhan, Chem. Rev. 1998, 
98, 219-237. 

19. P. H. L. Notten, P. Hokkeling, J. Elec- 
trochem. Soc. 1991, 138, 1877-1885. 

20. C. Liu, Y. Y. Fan, M. Liu et al., Science 1999, 
286, 1127-1129. 

21. P. Chen, X. Wu, J. Lin et al., Science 1999, 
285, 91-93. 

22. Q. Y. Wang, J. K. Johnson,/. Phys. Chem. B 
1999, 103,4809-4813. 

23. H. M. Cheng, Q. H. Yang, C. Liu, Carbon 

2001, 39, 1447-1454. 

24. M. Hirscher, M. Becher, M. Haluska, Appl. 
Phys. A: Mater. Sci. Process. 2001, 72, 
129-132. 

25. N. Toshima, M. Kuriyama, Y. Yamada et al., 
Chem. Lett. 1981, 793-796. 

26. P. A. Brugger, P. Cuendet, M. Gratzel, 
J. Am. Chem. Soc. 1981, 103, 2923 - 2927. 

27. D. E. Aspnes, A. Heller,/. Phys. Chem. 1983, 
87, 4919-4929. 

28. Y. I. Kim, S. J. Atherton, E. S. Brigham 
et al.,/. Phys. Chem. 1993, 97, 11802-11810. 

29. A. Kudo, M. Sekizawa, Chem. Commun. 
2000, 1371-1372. 

30. W. T. Grubb, L. W. Niedrach,/. Electrochem. 
Soc. 1960, 107, 131-135. 

31. K. D. Kreuer, Chem. Mater. 1996, 8, 
610-641. 

32. T. Norby, Solid State Ionics 1999, 125, 1-11. 

33. S. M. Haile, D. A. Boysen, C. R. I. Chisholm 
et al., Nature 2001, 410, 910-913. 

34. K. D. Kreuer, /. Membr. Sci. 2001, 185, 
29-39. 

35. Q. F. Li, R. H. He, J. O. Jensen et al., Chem. 
Mater. 2003, 15, 4896-4915. 

36. J. O. M. Bockris, A. K. N. Reddy, Modem 
Electrochemistry, Plenum Press, New York, 
1998, Vol. 1. 

37. J. O. M. Bockris, A. K. N. Reddy, M. Gam- 
boa-Aldeco, Modem Electrochemistry, Kluwer 
Academic, Dordrecht, 2000, Vol. 2A. 

38. J. O. M. Bockris, A. K. N. Reddy, Modem 
Electrochemistry, Kluwer Academic, Dor- 
drecht, 2000, Vol. 2B. 

39. B. E. Conway, B. V. Tilak, Electrochim. Acta 

2002, 47, 3571-3594. 

40. R. J. Nichols, A. Bewick, /. Electroanal. 
Chem. 1988, 243, 445-453. 


41. A. Peremans, A. Tadjeddine,/. Chem. Phys. 

1995, 103, 7197-7203. 

42. Z. Q. Tian, B. Ren, Y. X. Chen et al., 
/. Chem. Soc., Faraday Trans. 1996, 92, 
3829-3838. 

43. B. Post, C. F. Hiskey, J. Am. Chem. Soc. 
1950,72,4203-4208. 

44. J. O. Bockris, A. M. Azzam, Trans. Faraday 
Soc. 1952, 48, 145-160. 

45. J. O. Bockris, E. C. Potter, J. Chem. Phys. 
1952, 20, 614-628. 

46. J. O. M. Bockris, E. C. Potter,/. Electrochem. 
Soc. 1952, 99, 169-186. 

47. B. E. Conway, J. O. Bockris, J. Chem. Phys. 
1957, 26, 532-541. 

48. N. Pentland, J. O. Bockris, E. Sheldon, 
/. Electrochem. Soc. 1957, 104, 182-194. 

49. J. L. Weininger, M. W. Breiter, /. Elec- 
trochem. Soc. 1964, 111, 101-1X2. 

50. P. K. Wrona, A. Lasia, M. Lessard et al., 
Electrochim. Acta 1992, 37, 1283-1294. 

51. T. H. Yang, S. I. Pyun,/. Electroanal. Chem. 

1996, 414, 127-133. 

52. N. M. Markovic, S. T. Sarraf, H. A. Gasteiger 
et al.,/. Chem. Soc., Faraday Trans. 1996, 92, 
3719-3725. 

53. N. M. Markovic, B. N. Grgur, P. N. Ross, 
/. Phys. Chem. B 1997, 101, 5405-5413. 

54. J. Barber, S. Morin, B. E. Conway, /. Elec- 
troanal. Chem. 1998, 446, 125-138. 

55. N. M. Markovic, C. A. Lucas, V. Climent 
et al., Surf. Sci. 2000, 465, 103-114. 

56. N. Furuya, S. Motoo, /. Electroanal. Chem. 

1976, 72, 165-175. 

57. N. Furuya, S. Motoo, /. Electroanal. Chem. 

1977, 78, 243-256. 

58. N. Furuya, S. Motoo, /. Electroanal. Chem. 

1978, 88, 151-160. 

59. N. Furuya, S. Motoo, /. Electroanal. Chem. 

1979, 98, 195-202. 

60. M. M. Jaksic, Electrochim. Acta 1984, 29, 
1539-1550. 

61. M. M. Jaksic, /. Mol. Catal. 1986, 38, 
161-202. 

62. L. L. Chen, A. Lasia, /. Electrochem. Soc. 
1991, 138, 3321-3328. 

63. C. L. Fan, D. L. Piron, A. Sleb et al., 
/. Electrochem. Soc. 1994, 141, 382-387. 

64. B. N. Grgur, N. M. Markovic, P. N. Ross, 
/. Phys. Chem. B 1998, 102, 2494-2501. 

65. M. Ciureanu, D. H. Ryan, J. O. Stromolsen 

et al., /. Electrochem. Soc. 1993, 140, 

579-584. 



66. H. Ezaki, M. Morinaga, S. Watanabe, Elec- 
trochim. Acta 1993, 38, 557-564. 

67. T. C. Wen, C. C. Hu, J. Electrochem. Soc. 
1992, 139, 2158-2163. 

68. H. Gerischer, N. Muller, O. Haas, J. Elec- 
troanal. Chem. 1981, 119, 41-48. 

69. B. E. Conway, G. Jerkiewicz, J. Electroanal. 
Chem. 1993, 357, 47-66. 

70. P. H. L. Notten, R. E. F. Einerhand, J. L. C. 
Daams, J. Alloys Compd. 1994, 210, 
221-232. 

71. C. Lim, S. I. Pyun, Electrochim. Acta 1994, 
39, 363-373. 

72. A. Rose, S. Maniguet, R. J. Mathew et al., 

Phys. Chem. Chem. Phys. 2003, 5, 

3220-3225. 

73. T. H. Yang, S. Pyun, Y. Yoon, Electrochim. 
Acta 1997, 42, 1701-1708. 

74. T. H. Yang, S. I. Pyun, Electrochim. Acta 
1996, 41, 843-848. 

75. J. Kleperis, G. Wojcik, A. Czerwinski et al., 
J. Solid State Electrochem. 2001, 5, 229-249. 

76. R. Parsons, Trans. Faraday Soc. 1958, 54, 
1053-1063. 

77. S. Trasatti, J. Electroanal. Chem. 1972, 39, 
163-16-. 

78. B. E. Conway, M. Salomon, J. Chem. Phys. 
1964, 41, 3169-316-. 

79. J. O. M. Bockris, D. B. Matthews, J. Chem. 
Phys. 1966, 44, 298-29-. 

80. A. B. Anderson, D. B. Kang , J. Phys. Chem. 
A 1998, 102, 5993-5996. 

81. C. G. Van de Walle, J. Neugebauer, Nature 
2003, 423, 626-628. 

82. J. K. Norskov, T. Bligaard, A. Logadottir 

et al., J. Electrochem. Soc. 2005, 152, 

J23-J26. 

83. B. Hinnemann, P. G. Moses, f. Bondeet al., 
J. Am. Chem. Soc. 2005, 127, 5308-5309. 

84. A. Leone, W. Marino, B. R. Scharifker, 
J. Electrochem. Soc. 1992, 139, 438-443. 

85. H. Bonnemann, R. M. Richards, Eur. J. 
Inorg. Chem. 2001, 2455-2480. 

86. M. T. Bautista, E. P. Cappellani, S. D. 
Drouin et al., J. Am. Chem. Soc. 1991, 113, 
4876-4887. 

87. G. Jia, R. H. Morris,/. Am. Chem. Soc. 1991, 
113, 875-883. 

88. R. H. Morris, Inorg. Chem. 1992, 31, 
1471-1478. 

89. E. P. Cappellani, S. D. Drouin, G. C. Jia 

etal., J. Am. Chem. Soc. 1994, 11 6, 

3375-3388. 


4.2 Hydride and Dihydrogen Complexes | 115 

M. Martelli, G. Schiavon, S. Zecchin et al., 

Inorg. Chim. Acta 1975, 15, 217-220. 

0. B. Ryan, M. Tilset, J. Am. Chem. Soc. 

1991, 113, 9554-9561. 

K. T. Smith, C. Romming, M. Tilset, J. Am. 

Chem. Soc. 1993, 115, 8681-8689. 

K. T. Smith, M. Tilset, R. Kuhlman et al., 

J. Am. Chem. Soc. 1995, 117, 9473-9480. 

A. J. L. Pombeiro, New J. Chem. 1997, 21, 
649-660. 

K. A. Earl, G. C. Jia, P. A. Maltby et al., 

J. Am. Chem. Soc. 1991, 113, 3027-3039. 

A. A. Zlota, M. Tilset, K. G. Caulton, Inorg. 

Chem. 1993, 32, 3816-3821. 

M. Tilset, V. D. Parker, J. Am. Chem. Soc. 

1989, 111, 6711-6717. 

V. Skagestad, M. Tilset, J. Am. Chem. Soc. 

1993, 115, 5077-5083. 

M. Tilset, J. Am. Chem. Soc. 1992, 114, 
2740-2741. 

M. Tilset, J. R. Hamon, P. Hamon, Chem. 
Commun. 1998, 765-766. 

T. I. Alsalih, C. J. Pickett, J. Chem. Soc., 
Dalton Trans. 1985, 1255-1264. 

S. A. Fairhurst, R. A. Henderson, D. L. 
Hughes et al., J. Chem. Soc., Chem. Com- 
mun. 1995, 1569-1570. 

T. Le Gall, S. K. Ibrahim, C. A. Gormal 
et al., Chem. Commun. 1999, 773-774. 

D. L. Hughes, S. K. Ibrahim, C. J. Pickett 
et al., Polyhedron 1994, 13, 3341-3348. 

C. J. Pickett, J. Biol. Inorg. Chem. 1996, 1, 
601-606. 

T. H. Chao, J. H. Espenson, J. Am. Chem. 

Soc. 1978, 100, 129-133. 

M. Razavet, V. Artero, M. Fontecave, Inorg. 

Chem. 2005, 44, 4786-4795. 

1. Okura, S. Nakamura, K. Nakamura, J. 

Mol. Catal. 1979, 6, 71-73. 

I. Bhugun, D. Lexa, J. M. Saveant, J. Am. 

Chem. Soc. 1996, 118, 3982-3983. 

V. Grass, D. Lexa, J. M. Saveant, J. Am. 

Chem. Soc. 1997, 119, 7526-7532. 

T. Abe, F. Taguchi, H. Imaya et al., Polym. 

Adv. Technol. 1998, 9, 559-562. 

S. Cosnier, A. Deronzier, N. Vlachopoulos, 

J. Chem. Soc., Chem. Commun. 1989, 
1259-1261. 

D. J. Evans, C. J. Pickett, Chem. Soc. Rev. 

2003, 32, 268-275. 

F. Gloaguen, J. D. Lawrence, T. B. Rauch- 
fuss, J. Am. Chem. Soc. 2001, 123, 
9476-9477. 


90. 

91. 

92. 

93. 

94. 

95. 

96. 

97. 

98. 

99. 
100. 
101. 
102. 

103. 

104. 

105. 

106. 

107. 

108. 

109. 

110 . 
111 . 
112 . 

113. 

114. 



116 


4 Molecular Hydrogen, Hydride, and Dihydrogen Complexes 


115. S. J. Borg, T. Behrsing, S. P. Best etal., J. 
Am. Chem. Soc. 2004, 126, 16988-16999. 

116. C. Tard, X. M. Liu, D. L. Hughes etal., 
Chem. Commun. 2005, 133-135. 

117. C. Tard, X. M. Liu, S. K. Ibrahim etal., 
Nature 2005, 433, 610-613. 

118. D. S. Chong, I. P. Georgakaki, R. Mejia- 
Rodriguez et ah, Dalton Trans. 2003, 
4158-4163. 

119. M. Y. Darensbourg, E. J. Lyon, X. Zhao 
et al., Proc. Natl. Acad. Sci. U.S.A. 2003, 
100, 3683-3688. 


120. C. M. Alvarez, M. E. Garcia, M. T. Rueda 
et ah, Organometallics 2005, 24, 650-658. 

121. V. Artero, M. Fontecave, Coord. Chem. Rev. 
2005, 249, 1518-1535. 

122. J. F. Capon, F. Gloaguen, P. Schollhammer 
et ah, Coord. Chem. Rev. 2005, 249, 
1664-1676. 

123. V. Vijaikanth, J. F. Capon, F. Gloaguen 

et ah, Electrochem. Commun. 2005, 7, 

427-430. 



117 


5 

Redox Properties, 

Electrochemistry of Oxygen 

Maurice L'Her 

Universite de Bretagne Occidentale, Brest Cedex, France 

5.1 Introduction 119 

5.2 Atomic and Physical Properties 120 

5.3 Thermodynamics of the Redox Processes 122 

5.4 Electrochemistry at Metal and Carbon Electrodes 128 

5.4.1 Electrochemistry in Aqueous Solutions 128 

5.4.1. 1 Electrochemistry on Platinum 129 

5.4. 1.2 Electrochemistry on Other Metals and Electrode Materials 135 

5.4.2 Electrochemistry in Nonaqueous Media 136 

5.5 Electrochemistry at Electrodes Modified with Metal Complexes .... 137 

5.5.1 Studies in Solution 138 

5.5.2 ORR at Modified Electrodes 138 

References 140 




5.1 

Introduction 

Capable of deleterious effects and of 
destruction of the organisms on earth, 
oxygen also sustains life, through the respi- 
ration of plants and animals; this element 
is known mainly for this beneficial prop- 
erty. Most of the constituents of the living 
species should spontaneously burn in air, 
some of the reduced species of oxygen, 
the nasty radicals, are noxious when oth- 
ers, like water, are essential to life. These 
compounds are the products, or interme- 
diates, of the natural reduction reaction 
of oxygen, respiration, for example. The 
balance between these two opposing influ- 
ences reflects the control of most oxygen 
redox reactions by kinetics; if they were 
governed by thermodynamics, the reac- 
tions would be less numerous and less 
oxygen intermediates would be known. In 
the living organisms, where appropriate 
catalysts have been selected by evolution, 
various reduction pathways are known. For 
the chemist too, this offers the opportunity 
to govern the reactions provided, of course, 
that he has found the appropriate catalyst, 
which is not always the case, as illustrated 
by the problem of the oxygen electrode for 
fuel cells. 

Even if it was known since centuries 
that air was constituted by more than one 


constituent, one of which was essential 
for combustion (in the fifteenth century, 
Leonardo da Vinci knew that), the gas was 
isolated, prepared and studied by Scheele 
and Priestley, who worked independently, 
around 1773-1774; the Swedish chemist 
was quite certainly the first to work on 
it, but Priestley published his observations 
before Scheele. The gas received various 
names, for example, “pure air,” “fire 
air,” “dephlogisticated air,” as at that 
time the phlogiston theory had vigorous 
supporters, Priestley being one of these. 
After a meeting with him in Paris, 
Lavoisier repeated experiments and rapidly 
came to the conclusion that this gas was 
an element; this sealed the fate of the 
phlogiston theory and the beginning of a 
new era for chemistry. Lavoisier built up 
the theories of combustion, respiration, 
and of the oxidation reactions. He named 
the new element Oxygen from two greek 
roots meaning “acid generator” (o^u-: 
sharp, acid and yev-: generate). 

The triatomic molecule allotrope of oxy- 
gen was discovered in 1839 by Schonbein 
who detected it from its smell and thus 
named it ozone (o^siv ozein: emitting a 
smell). The nature of the molecule was 
established in 1865 by Soret. Thenard dis- 
covered hydrogen peroxide in 1818. Water 
was known as an Element, from Thales of 
Milet (~600 B. C.) to the time of Cavendish 
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and Priestley who, by combination of 
dephlogisticated (oxygen) and phlogisti- 
cated (hydrogen) airs, established that 
water was a combination. 

5.2 

Atomic and Physical Properties 

Oxygen is present as three stable iso- 
topes, abundance of which varies slightly 
with its natural source, so that the pre- 
cision of its atomic weight is limited to 
15.9994 ± 0.0003. 16 0 is the most abun- 
dant (99.760%; A r : 15.994915), the two 
others being 17 O (0.037%; A r : 16.999) 
and ls O (0.200%; A r : 17.999). Oxygen gas 
can be enriched above 95% in these iso- 
topes, which are very useful as tracers for 
the study of reaction mechanisms and ki- 
netics, 18 O being particularly helpful for 
that. 17 O would have been used more ex- 
tensively for nuclear magnetic resonance 
(NMR) studies (nuclear spin I = 5/2) if 
the sensitivity had not been so low, due to 
its reduced abundance, and to the signal 
broadening from its quadrupolar nature. 
Some radioactive isotopes exist, but are not 
of great help for studies because of their 
short lifetimes, the most stable being 15 O, 
the half-life of which is only 122 s. In its 
ground state, dioxygen is a triplet because 
the molecule has two electrons, in it or- 
bitals, with parallel spins: 3 £ - g (Fig. 1). 
A singlet excited state, x Ag, the energy 
of which is 94.72 lcj mol -1 higher, can be 
reached by light irradiation in the presence 
of a sensitizer, as well as a second excited 
singlet state, 1 E + g , 157.85 lcj mol -1 above 
the ground state. Of importance for some 
of the points discussed in the following, 
is the fact that the bond dissociation en- 
ergy of the oxygen molecule is rather high, 
493.4 kj mol -1 . 

Another allotropic form of oxygen is 
ozone, the triatomic molecule O 3 ; present 


as traces in the upper atmosphere, it 
is produced in a dioxygen atmosphere 
at room temperature and pressure, by 
UV irradiation and by the silent electric 
discharge, or by electrolysis of acidic 
aqueous solutions. Ozone is unstable as 
a gas, as well as in its liquid and solid 
phases, which are explosive. 

Atomic oxygen, O, is a very elusive 
species, which is too reactive to exist in 
appreciable concentration under ordinary 
conditions and cannot be isolated. In its 
3 P 2 ground state, it has two unpaired 
electrons. This species is produced in 
some photochemical processes and in 
the formation of O 3 in the discharge 
ozonizer; however, its reaction on ozone 
to give two molecules of O 2 is highly 
favored (A = — 394 kj mol -1 ). O is an 
important intermediate, a strong oxidizing 
agent, involved in many reactions in the 
chemistry of the upper atmosphere. 

Apart from the allotropic forms of the 
element, O 2 and O 3 , which are reactive 
species, oxidizing agents, oxygen is found 
on earth mostly as compounds of its O 2- 
reduced state; that is, the case of water 
and of the many oxides such as those 
of silicium and of many metals in the 
earth crust. Another form in which it 
can be found is hydrogen peroxide and 
the peroxides; this redox state is unsta- 
ble so that the corresponding compound, 
and particularly hydrogen peroxide, can- 
not accumulate under the conditions of 
life on earth. Hydrogen peroxide was dis- 
covered in 1818 by Thenard, when the 
chemistry of oxygen became the object 
of intense studies. Hydrogen peroxide is 
now produced in very large quantities 
through the reduction of oxygen from 
air by hydrogen gas, a reaction that re- 
quires a mediator, 2 -ethylanthraquinone, 
and a catalyst for the reduction of the 
mediator. 
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Fig. 1 Molecular orbital diagram for oxygen. 


The electronic configuration of atomic 
oxygen is Is 2 , 2s 2 , 2p x 2 , 2p y 1 , 2p z x 
in its ground state ( 3 P2), so that two 
unpaired electrons occupy the upper levels. 
In molecular O 2 , which is more stable 
because of the bond formation energy, 
which is — 493.4 kJ mol -1 , the molecular 
orbital of the 3 E - g ground state is: 

KK(or s ) 2 (ff s *) 2 (ap) 2 (7r x ) 2 (jry) 2 (;r x *) 1 (7ry*) 1 


as illustrated in Fig. 1. The bond order is 2 
because 8 electrons are in bonding levels 
and 4 of them in antibonding orbitals; 
of these latter, 2 (in tt x * and 7r y *) are 
unpaired, which explains why molecular 
oxygen is paramagnetic. In O 2 , O 2 - , and 
O 2 2- the bond lengths are respectively 
1.21, 1.28, and 1.49 A, corresponding 
to decreasing bond energies; this is 
consistent with the bond orders of 2, 1.5, 
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and 1 [1], From the orbital diagram it is 
easily understood why O 2 accepts 1 and 
2 electrons, which leads to the superoxide 
and the peroxide ions. 

At ordinary temperatures, H 2 O 2 is a 
liquid denser (d = 1.4425 g cm -3 at 20 °C) 
and more viscous (1.249 cP at 20 °C), and 
also more highly associated, than water. 
As expected from the bond order, 0—0 in 
hydrogen peroxide is a single bond with 
a low rotational barrier due to repulsive 
interactions between the O— H bond and 
the lone-pair of electrons on the O atom. 
As a consequence, the O— O— H angle, as 
well as the dihedral angle H— O— O— H 
(Fig. 2), vary greatly with the very different 
environments of the molecule in the gas 
phase and various solids (H 2 O 2 crystals, 
crystalline hydrates, crystals of metal salts 
etc.) [2-4], 

In ozone, each of the three O atoms is 
bound to its neighbor through a cr-bond 
(1.278 A), the angle being 116.5° to 117° 
the two terminal atoms are 2.18 A apart, 
a distance shorter than the van der Waals 
distance (2.8 A). Owing to the delocaliza- 
tion of the 71 electrons, the 0—0 bond 
in ozone has a multiple bond character, 
which is reflected in the bond distance. 


Of importance for redox chemistry 
and electrochemistry, as well as for its 
metabolism and applications, is the solu- 
bility of oxygen in various media (Table 1). 
Owing to its importance, the solubility of 
oxygen in water has been extensively stud- 
ied and is well-documented [4-17]. This 
nonpolar molecule is less soluble in wa- 
ter than in organic solvents, that is why 
fluorocarbons where O 2 is highly soluble 
have been envisaged for oxygen transfer. 
In aqueous solutions, salts influence oxy- 
gen solubility as does temperature also 
(Table 1), gases being more soluble in 
cold solvents; the solubility of oxygen, 
as well as its diffusivity, decreases when 
the concentration of KOH or acids in- 
creases. 


5.3 

Thermodynamics of the Redox Processes 

The thermodynamics of the redox systems 
related to O 2 and its allotropic forms, 
to hydrogen peroxide and to water have 
been examined in various books and 
reviews [18-23], the most recent and 
complete being the compilation by Hoare, 


1.207 A 

O O 



feo /A 

Gas 1.475 
Solid 1.458 


WA ct/° p/° 

0.950 111.5 94.8 

0.988 90.2 101.9 




Fig. 2 Bond lengths and angles for O 2 , H 2 O 2 , and O 3 . 
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Tab. 1 Solubility of oxygen in liquid media 



e[°q 

Solubility 

References 

Aqueous solution 


(mmol kg -1 ) 


h 2 o 

20 

1.35 ±0.01 

14 

h 2 o 

35 

1.07 ±0.02 

14 

h 2 o 

50 

0.91 ±0.02 

14 

0.015 NaOH 

22 

1 .320 (calculated) 

14 

0.075 NaOH 

22 

1 .287 (calculated) 

14 

0.25 NaOH 

22 

1 .1 97 (calculated) 

14 

Sea water 


(mmol r 1 ) 


Salinity: 34%o 

0 

1.70 

6-8 

Salinity: 34%o 

10 

1.34 

6-8 

Salinity: 34%o 

20 

1.11 

6-8 

Salinity: 34%o 

35 

0.85 

6-8 

Salinity: 34%o 

20 

1.21 

6-8 

Solvent 


(mmol I -1 ) 


DMSO 


2.1 

10, 12 

DMF 


4.7 

10, 12 

Py 


4.8 

10, 12 

AN 


8.0 

10, 12 

Hydrocarbons 


~10 

12 

Fluorocarbons 


~25 

12 

Et 2 0 

25 

20.1 

4 

CCI 4 

25 

13.3 

4 

Me 2 CO 

25 

12.3 

4 

QH6 

25 

9.8 

4 


Note: Solutions in equilibrium with O2 at a pressure of 10 s Pa. 

AN: acetonitrile; DMF: dimethylformamide; DMSO: dimethylsulfoxide; 
Py: pyridine 


which refers to the critically selected 
thermodynamic values, published under 
the auspices of I UP AC [24]. 

Owing to the allotropic forms of oxy- 
gen, to its various redox states, and related 
chemical species that are thermodynami- 
cally stable or exist for kinetic reasons, a lot 
of redox reactions are usually described. 
However, many of them are not really 
important for the common works, particu- 
larly for those in solutions; consequently, 
only some of them have been described 
here. The publications cited earlier can be 
searched for data useful for the calculation 
of Gibbs energy or potentials of particular 
reactions. 


The standard electrode potentials are 
referred to the standard potential of the 
hydrogen electrode: 

2H+(aq) + 2e » H 2 (g) 

£-0-= 0.000 V (1) 

which is zero at all temperatures. An 
electrode potential is measured through 
the study of an electrochemical cell, for 
example: 

Pt(s)|H 2 (g)|HA(aq)|0 2 (g)|Pt(s) 

to which corresponds the reversible 
chemical reaction: 

2H 2 (g) + 0 2 (g) > 2H 2 0 (2) 
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The Gibbs energy of such a reaction 
varies with temperature, and thus the 
standard potential of the other redox 
couple than H + /H 2 . When not specified, 
the temperature is 25 °C (298.15 K) so that 
the standard potentials cited in the text 
or in (1, 2, 3) are in E-O/V, at 25 °C. 
The potential/pH diagram for some redox 
systems related to oxygen is presented in 
Fig. 3. 

As evidenced by the high values of the 
redox potentials (Scheme 1), atomic oxy- 
gen is a powerful oxidant but, of course, 
these values cannot be measured. The stan- 
dard potentials of the following half-cell 

0 2 4 6 8 

2.0 


reactions have been calculated [24]: 

O(g) + 2H+ + 2e > H 2 0 

E* = 2.430 V (3) 

in acidic media and, in basic solutions: 

O(g) + H 2 0 + 2e » 2HO“ 

£-6-= 1.602 V (3') 

Oxygen has an oxidation number of 
+2 in some fluorides [25,] which also 
stabilize the dioxygenyl cation 0 2 + [26], 
redox states which are not stable, of course, 
in solutions. The common redox reactions 

10 12 14 




Fig. 3 Potential/pH diagram for oxygen. 
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Scheme 1 Redox systems of 
atomic oxygen (V vs. SHE). 
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Scheme 2 Redox systems of molecular oxygen (V vs. SHE). 


of molecular oxygen are illustrated in 
Scheme 2, where the electron exchanges 
occur on lines when the species modified 
by protonation appear in columns, as in the 
well-known square schemes; the second line 
illustrates the redox reactions in alkaline 
aqueous solutions, and the third line in 
acidic media. 

The product of the one-electron re- 
duction of O 2 , the superoxide ion, O 2 - , 
is highly unstable in acidic -aqueous so- 
lutions where its protonated form, the 
peroxyl radical HC^fpk" = 4.8), decom- 
poses to ozone, oxygen, and hydrogen 
peroxide; experiments have shown that 
the two latter compounds are produced 
almost quantitatively, when only traces of 
ozone are found. In alkaline solutions, 
the superoxide ion is more stable; even if 
it decomposes spontaneously to O 2 and 
H0 2 “ (A G-e-= -51.13 kj mol -1 ), it has 
been studied by polarography in NaOH 
solutions, in the presence of compounds 
that adsorb at the surface of the electrode 
and slow down the protonation of O 2 - . 
From these electrochemical experiments 


and from radiolysis, it appears that £-&■ 
for the O 2 /O 2 - couple is close to 0.33 V 
[24, 27]. 

The two-electron reduction of O 2 leads 
to the peroxide ion, O 2 2- , which is stable 
in basic aqueous solutions as HO 2 - 
and as hydrogen peroxide, H 2 O 2 , in 
acidic media. Hydrogen peroxide is a 
very weak acid (pAh = 11.6), which does 
not lose its second proton in aqueous 
alkaline solutions (16 < pkb < 18) [19, 
24, 28]. The potential of the two-electron 
reduction reaction, in acidic and basic 
aqueous media, has been calculated from 
thermodynamic data (Scheme 2): 

0 2 + 2H+ + 2e » H 2 0 2 

£-6-= 0.695 V (4) 

0 2 + H 2 0 + 2e » H0 2 “ + OH - 

£-9-= -0.065 V (4') 

These theoretical values have been sup- 
ported by experimental measurements, at 
least in acidic media; it is apparently more 
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difficult to study the O 2 /HO 2 - couple in 
solutions of bases [24]. 

The following two-electron reduction of 
the peroxide produces water under acidic 
conditions and the hydroxyl ion at higher 
pH: 


H 2 0 2 + 2H + + 2e - 

> 2H 2 0 



£^= 1.763 V 

(5) 

H0 2 _ + H 2 0 + 2e - 

> 3HO“ 



£«- = 0.867 V 

(5') 


It thus appears that hydrogen peroxide 
is a very powerful oxidizer, which should 
oxidize water. The comparison of (4,4') 
and (5,5') shows that H 2 O 2 should oxidize 
itself (Fig. 3); in other words, hydrogen 
peroxide solutions should decompose by 
disproportionation: 

H 2 0 2 + H 2 0 2 > 0 2 + 2H 2 0 (6) 

However, the solutions are fairly stable 
when stored in clean vessels and protected 
from light, because reaction (6) is slow, as 
well as the oxidation of water; but, dust, 
metal ions, and organic traces can catalyze 
the reactions; the effervescence of H 2 O 2 
in contact with traces of hemoglobin is 
a well-known illustration of the catalytic 
disproportionation of the peroxide. The 
decomposition of concentrated solutions 
induced by impurities can be explosive. 

The direct reduction of O 2 to H 2 O 
is of paramount importance, in many 
respects; considering the large number 
of reactions in which oxygen and its 
derivatives are involved, this process is 
highly energetic, delivering 4 electrons 
and issuing a harmless product. In vivo, 
it uses a freely available substrate and 
does not produce very deleterious radical 
species; for industry, it is a very good 
way to produce energy, that is, electricity, 


without pollution and at low cost. Reality 
is yet somewhat different because of 
kinetic impediments, the 0—0 bond being 
difficult to break. 

The potential of reaction (7) has not 
really been determined by measurement: 

0 2 + 4H+ + 4e > 2H 2 0 

£-6-= 1.229 V (7) 

£ (m) = 1.229 V has been calculated from 
the Gibbs energy of formation of liquid wa- 
ter, which is A G^= —237. 178 lcj mol -1 at 
25 °C [13, 29]. In basic aqueous media, the 
reaction is (7'): 

0 2 + 2H 2 0 + 4e > 40H“ 

£-6-= 0.401V ( 7 ') 

the standard potential of which is calcu- 
lated from £^(7) and from the ioniza- 
tion constant of water at 25 °C (£w = 
1.008 10“ 14 [30]) (Scheme 2). 

The O 2 /H 2 O system is very slow so that 
the exchange current at equilibrium is ex- 
tremely low (10 -1 °/10“ 9 A cm' 2 ); as a 
consequence, any other reaction at the elec- 
trode will hamper its study and that could 
be the reaction of impurities or other redox 
reactions involving the electrode itself. The 
so-called noble metals are not really inert 
and do interact with oxygen; a platinum 
surface in contact with an O 2 saturated 
solution adsorbs oxygen as an electron- 
ically conducting monolayer but can be 
further oxidized to PtO, Pt02- A detailed 
analysis of these phenomena, which falls 
outside the scope of the present review, can 
be found elsewhere [31]. A platinum elec- 
trode, when a complete electronically con- 
ducting monolayer of Pt— O is formed at 
the surface of the metal, behaves as an ide- 
ally inert electrode; in such conditions, rest 
potentials dependent on pC >2 and pH can 
be measured during a few hours, close to 
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Scheme 3 Redox systems of 
ozone (V vs. SHE). 
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1.23 V. This had been observed for the first 
time by Bockris and Huq [32], then by a few 
other groups. The same has also been ob- 
served on Rh electrodes, but Au, Pd, and Ir 
are unsuitable for such measurements, the 
rest potentials being mixed potentials [31]. 

Ozone is, of course, a more powerful 
oxidant, which is reduced to O 2 in acidic 
media, following the half-cell reaction 
(Scheme 3): 

O 3 + 2H+ + 2e * 0 2 + H 2 0 

E<>-= 2.075 V ( 8 ) 

and in basic solutions through: 

O 3 + H 2 O + 2e » O 2 + 20H 

£-e-= 1.246 V ( 8 ') 

From the standard potentials of ( 8 ) and 
(7) it is evident that O 3 will oxidize water to 
O 2 , the result being the following reaction; 
in other words, O 3 is thermodynamically 
unstable in water: 

2 O 3 > 30 2 (9) 

In pure, anhydrous, nonaqueous sol- 
vents, O 2 is reduced by a one-electron step 
because the superoxide ion, O^ - , is stable 
in the absence of proton. For a long time, 
superoxide has been considered as quite an 
unreactive and uninteresting species, until 
1960, when its electrochemical generation 
and implication in enzymatic reactions 
were discovered [33]. This is why the first 
reduction wave of oxygen in solvents like 


CH 3 CN, dimethylsulfoxide, dimethylfor- 
mamide (DMF) and pyridine, of course, 
is reversible at the timescale of cyclic 
voltammetry; the first unambiguous stud- 
ies appeared in 1965, the radical being 
identified by electron spin resonance (E S R) 
[34, 35]. The reversibility has been demon- 
strated by cyclic voltammetry in pyridine; 
even in a basic medium, the second re- 
duction step occurring at a much more 
negative potential is irreversible [36]. In 
the presence of proton donors, and, of 
course, in protic solvents, it is known that 
Off is unstable and that the reduction of 
O 2 proceeds via a two-electron step [ 10 , 27, 
37]. The superoxide ion is moderately basic 
(p Ka = 4.4, in water), less than O 2 2- , so 
that the potential of Off /H02~ becomes 
higher than that of O 2 /O ff . As a conse- 
quence, the superoxide disproportionates 
into O 2 and HO 2 - , in the presence of 
proton sources. An evaluation of the sol- 
vent effect on the redox potential of the 
Oi/O'ff system is not easy because of the 
difficulty in comparing the potential scales 
in various media but, obviously, assum- 
ing that the junction potential between the 
aqueous SCE and every solvent does not 
exist is far from correct [ 12 ]; adopting any 
extrathermodynamic hypothesis would be 
better. The important shift in the one- 
electron reduction of O 2 to O^ - , almost 
0.5 V, has been attributed to the solvation 
of Off , which is much more strongly sol- 
vated by water than by the aprotic media; 
hexamethylphosphorotriamide (HMPT) is 
the solvent where the O 2 /O ff potential is 
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Tab. 2 Redox potentials of 
0 2 /Of in solvents [37] 


Solvent 

E-9-/V, vs. Fc+/Fc 

DMSO 

-1.15 

AN 

-1.21 

DMF 

-1.26; -1.33 

PY 

-1.13 

DCM 

-1.26 

NMA 

-0.87 

HMPT 

-1.52 

PC 

-1.14 

Q 

-1.30 


Note: AN: acetonitrile; DCM: 
dichloromethane; DMF: 
dimethylformamide; DMSO: 
dimethylsulfoxide; HMPT: hex- 
amethylphosphorotriamide; 

NMA: N-methylacetamide; 

PC: propylene carbonate; PY: 
pyridine; Q: quinoline 

the most negative (Table 2) [37, 38]. The 
superoxide ion can be prepared in liquid 
NH 3 and in some melts like alkali halides 
or hydroxides; however, in most of the 
other melts the chemistry of oxygen is 
complicated by the intrinsic properties of 
the media that can exchange O 2- ions or 
because of their redox behavior [37]. 


5.4 

Electrochemistry at Metal and Carbon 
Electrodes 

Of great interest in lots of domains, oxygen 
has been studied by voltammetry under 
very different experimental conditions. As 
its reaction is under kinetic control, the 
electrode reaction is influenced by vari- 
ous factors, in particular by the nature 
of the electrode and of the solution. The 
metal, through its chemical properties and 
surface states, which influence the adsorp- 
tion-desorption of electroactive species or 


intermediates, drives the reaction along 
different pathways, depending on many 
factors. As a consequence, the oxygen re- 
duction reaction (ORR) not only is highly 
dependent on the experimental conditions 
but is also a subject of controversy, particu- 
larly about the exact nature of the pathways 
of catalysis and rate determining steps. Of 
paramount importance for the reduction 
reactions, like (4) and (7), is the availability 
of proton, so that ORR follows different 
routes in protic and aprotic environments. 

5.4.1 

Electrochemistry in Aqueous Solutions 

Oxygen can be reduced to water through 
the 4e and 4H + reaction, pathway 1 
in Scheme 4, energetically favorable, or 
to hydrogen peroxide (HO 2 - in alka- 
line media) following pathway 2. These 
two reactions can occur simultaneously 
and independently on the same elec- 
trode, as two parallel processes. When 
the disproportionation reaction of H 2 O 2 
is very fast and occurs at the surface 
of the electrode, the overall process is 
apparently the reduction to water, the 
peroxide being, however, an intermedi- 
ate. A genuine 4e reduction implies that 
the 0—0 bond is broken at a very early 
stage of the reaction, during adsorption, 
so that no peroxidic species can be de- 
tected at the electrode surface. Hydrogen 
peroxide is not a stable compound and 
decomposes more or less rapidly (Path. 4, 
Scheme 4); it can only be detected when it 
is rather stable and escapes to the solution 
(Path. 5, Scheme 4) or when appropriate 
experimental techniques are used (e.g. 
rotating ring-disk electrode). The main 
question is whether hydrogen peroxide 
is produced as an intermediate or in a 
parallel reaction and this opens the way 
to controversy as the time window of 
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Scheme 4 Reduction of 
molecular oxygen. 
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the experiment is essential and because 
there is no consensus about what is an 
intermediate. 

This is not the only subject of debate; 
the nature of the adsorbed forms of oxy- 
gen and reaction products on the electrode 
surface has been widely discussed, as well 
as the various steps of ORR. Very often, 
for conditions apparently similar, for ex- 
ample, the same electrode and solution, 
observations made by two research groups 
are different and so are, of course, the 
deductions and the pathways for the elec- 
trode reaction. There are so many possible 
steps, reactions and species that various 
combinations can be envisaged; moreover, 
as other methods for observing the species 
or intermediates involved in the electrode 
reaction are rare, electrochemistry is often 
the only source of experimental facts. As 
for other multiparametric problems, when 
a plausible explanation is found, there is 
no certainty that this is the only possi- 
bility and the correct solution. Moreover, 
experimental conditions that look identical 
are not really exactly similar; the problem 


of contamination of electrode surfaces by 
impurities is a good example of that. 

Oxygen binding to a metal can be repre- 
sented by models sketched on Scheme 5, 
and it is understandable that the two atoms 
of the oxygen molecule linked to two metal 
atoms of the surface (bridge) is the most 
favorable position for weakening the 0—0 
bond, leading to its dissociation. Recent 
ab initio calculations (DFT) have shown 
that the (111), (100), and (110) surfaces of 
Pt have different properties for the adsorp- 
tion of O 2 , O, OH, OOH, and H 2 O 2 , which 
should influence differently the mecha- 
nism of ORR [39]. 

5. 4. 1.1 Electrochemistry on Platinum 

Platinum, an incomparable metal for 
most electrochemists, is also the best 
electrode material for oxygen reduction, 
unsurpassed despite its cost, so that 
most of the studies about ORR have 
been performed on electrodes made of 
this metal. One of the targets of the 
earlier studies on oxygen has been to 
scrutinize the reversibility of the redox 
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Fig. 4 Potential versus current for the reversible O 2 /H 2 O system on a bright platinum surface 
(Reproduced with permission from Ref. 44). 


system. Hoar, in 1933, was the first to 
show that extrapolated Tafel lines crossed 
at 1.23 V (vs. SHE), the theoretical £■&■ 
value calculated from thermodynamic data 
[40]. This has been extensively studied 
later by Bockris [32, 41] and Hoare 
[24, 31, 42, 43] who concluded that 
the O 2 /H 2 O reaction was observed on 
the Pt(0)/0 2 reversible electrode [31, 
44]. The reversibility is illustrated in 
Fig. 4, where there is continuity from the 
cathodic to the anodic regions, with the 
zero current potential at 1.229 V. As the 
current evolution is very similar on the 
cathodic and the anodic branches, which 
is the sign of a reversible reaction, it 
must be concluded that the cathodic 
process is the reverse of the anodic 
reaction. This latter generates O 2 from 
H 2 O oxidation, the first step of which 
is a le exchange; as a consequence, 


for the reverse process, the 0—0 bond 
rupture must happen before the first 
electron addition. However, observing 
that behavior is not easy because the 
exchange current at 1.23 V is very low 
(~10“ 10 A cm -2 ) [45]. Any chemical or 
electrochemical treatment of the surface, 
or modification of the solution will change 
the surface state of the electrode, for 
example, by reduction of the oxide layer 
and by adsorption of ions or molecules. 
When higher reduction currents flow, 
at lower potentials, Srj/Slogi the slope 
of Tafel plots (>] = f (log/); f/ being 
the overvoltage) changes because the 
electrode surface, and thus the reduction 
mechanism, is modified. Damjanovic has 
attributed this evolution to a change 
in O 2 adsorption, following a Langmuir 
isotherm (constant heat of adsorption) on 
bare platinum and a Temkin isotherm 




(heat of adsorption decreasing linearly 
with coverage) on an oxide covered surface 
[46, 47]. The presence of some electroactive 
species in solution will generate, at 1.23 V, 
more current than ORR itself, even 
at very low concentration; the impurity 
concentration must be maintained lower 
than 10 -10 moll -1 to allow the study 
of the 4e ORR near its equilibrium [48], 
Measurements were possible only after 
careful pretreatments of the electrodes 
and extensive, lengthy, purification of the 
solutions by electrolysis. 

The voltage more currently measured 
at i = 0 is close to 1.0 V, different 
from the potential corresponding to the 
reversible reaction of oxygen (7). Various 
hypothesis have been presented about 
the origin of this potential [31, 45,] 
which, most people agree about, is a 
mixed potential. For Damjanovic, this 
could be a mixed potential for which the 
cathodic half-reaction would be oxygen 
reduction, the anodic component being 
oxidation of impurities [45]. This is 
far from being unanimously approved, 
but none of the other hypothesis is 
largely accepted [43]. In acidic aqueous 
solutions (HCIO 4 , H 2 SO 4 ), the surface is 
progressively oxidized above 0.8 V and it is 
accepted that it becomes a platinum-oxide 
electrode above 1.0 V, the oxide existing 
as multilayers in some conditions. Below 
1 V, down to ~0.8 V, oxygen is present on 
the platinum surface as adsorbed species 
(e.g. OH - , O 2- ), this chemisorbed oxygen 
constituting a film not thicker than a 
monolayer [31, 45, 49]. Below 0.6 V no 
species is detectable on the free platinum 
surface, until ~0.2 V, when adsorbed 
hydrogen appears from proton reduction. 
Adsorbed species cannot be detected by 
ellipsometry, but the formation of oxide 
at about 1 V is observed by this technique 

[ 50 ]- 
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Voltammetry and the kinetic studies are 
highly dependent on these surface states 
of the metal and on the experimental 
conditions that influence them. From the 
very large number of studies in acidic, 
neutral, and basic media, emerged a rather 
general agreement about the influence of 
the platinum surface, of the purity of the 
solution, and about the global reaction. 
However, and not surprisingly as the 
main criterion for drawing conclusions is 
the slope of the Tafel plots, very large 
number of mechanistic schemes have 
been presented and extensively discussed 
along the years, but with no definite 
conclusion [45, 51-53]. 

In acidic media, the reduction current 
at a rotating electrode rises below 0.9 V, 
reaches a plateau at about 0.5 V, and 
decreases sharply below 0.1 V (Fig. 5). 

The rotating ring-disk electrode (RRDE) 
has been used since earlier studies by 
Frumkin and Nekrasov [54-56], in order to 
detect the production of H 2 O 2 during the 
cathodic process; peroxide is detected by 
oxidation on the platinum ring electrode, 
away from the reduction site of oxygen, 
on the central Pt disk. From Fig. 5, it 
is obvious that no peroxide is formed 
above 0.1 V, so that oxygen is reduced to 
water. This has been reported by many 
authors [22, 45, 46, 48, 53, 57, 58], It 
has also been reported that in unpurified 
acidic solutions some hydrogen peroxide 
is produced, since the beginning of the 
reduction [58]. These observations led 
to the conclusion that H 2 O and H 2 O 2 
are simultaneously produced, in parallel 
reactions, the peroxide on catalytic sites 
deactivated by adsorption of impurities. 

Considering the reversibility of the 
O 2 /H 2 O system at potentials close to 
1.23 V, as illustrated in Fig. 4, it must 
be concluded that breaking the 0—0 
bond is not the rate determining step 
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as the electron transfer is reversible. 
Moreover, peroxide has not been identified 
as an intermediate in water oxidation 
to oxygen, the reaction corresponding 
to the anodic current in Fig. 4. This 
reversible behavior occurs only close to 
the standard potential, at low current 
densities, when the platinum surface is 
covered by a film of oxide; on this 
Pt(O) /O 2 electrode, the addition of electron 
occurs after the 0—0 bond breaking [31]. 
However, for most experiments where 
O 2 reduction is the objective and higher 
currents requested, the electrode potential 
is much lower than 1.2 V. Under such 
conditions, the electrode surface is not 
Pt(O) anymore and it is well known that 
on the bare metal surface the reaction 
is a faster, but irreversible, 4e reduction 
to water [58]. From the Tafel slopes 
and from pH and p 02 dependence, 
many research groups have proposed very 
different interpretations of the important 
steps of the overall reaction, none being 
really satisfactory. The mechanistic studies 
are mainly based on the interpretation of 
the slopes of Tafel, which are dependent on 
surface states of platinum and adsorption. 

It must be mentioned that when pre- 
cautions have been taken to get a clean 
Pt surface, no peroxide is produced above 
0.1 V (Fig. 5). However, the production of 
H 2 O 2 is observed when care in the prepa- 
ration of the electrode or purification of 
the solution has been insufficient [59]. 
At electrode potentials lower than 0.2 V, 
when species in relation with hydrogen 
evolution are adsorbed, peroxide is pro- 
duced in a parallel way to the 4e reaction. 
The catalytic site density diminishes, so 
that it is tempting to hold this respon- 
sible for the decrease in bond breaking 
because bridging an O 2 molecule between 
two adjacent metal atoms (Scheme 5) be- 
comes more difficult when other species 


are bound too and deactivate the surface 
for oxygen adsorption. 

On platinum single crystals in contact 
with 1 N H 2 SO 4 or HCIO 4 solutions, in 
the 0.9- 1.0 V domain where the platinum 
surface is oxygenated, no difference was 
observed between Pt(lll) and Pt(100) 
or the stepped surfaces, the oxygenated 
metal surface being uniformly active [60]. 
Yet, it has been shown that Pt(lll) is 
less active than Pt(100) and Pt(110) in 
sulfuric acid and this has been attributed to 
the inhibiting effect of strongly adsorbed 
HS 04 - [61]. By carefully controlling 

the state of the surface to prevent its 
evolution and reconstruction when its 
potential is cycled, differences have been 
observed between the three single-crystal 
electrodes in H 2 SO 4 or HCIO 4 solutions, 
Pt(110) being the most active, probably 
because of a stronger adsorption of O 2 ; 
absolutely no H 2 O 2 is produced even at 
0.1 V [62]. Hydrogen is more strongly 
bound to Pt(lll), which could explain 
why the reduction to peroxide occurs 
on this platinum surface below 0.2 V. 
DFT calculation have shown that adsorbed 
oxygen is so stable on Pt(lll) that it 
cannot be appreciably reduced at high 
potentials and reduction is allowed when 
the potential is lowered, which decreases 
oxygen stability [63]. 

In alkaline solutions, electrochemistry of 
oxygen is not as greatly affected by purifi- 
cation of the solutions as in acidic media 
[45]. Since the earlier RRDE experiments, 
it has been shown that H 2 O 2 is the main 
product of the reduction in the activation 
domain but is not detected anymore at 
lower potentials, when the electrode re- 
action is limited by mass transport [59, 
64, 65]. The existence of two potential re- 
gions for ORR in alkaline media is also 
illustrated by the Tafel plots, as those re- 
ported in Fig. 6 [ 66 ]. The existence of two 
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Fig. 5 Oxygen reduction at a rotating ring(Pt)-disk(Pt) electrode in 
0.1 N H 2 SO 4 . p0 2 = 1 atm; co = 1 20jt s -1 ; disk current, x: ring 
current; the 0.1 N H 2 SO 4 solution has been purified by electrolysis 
(5 to 10 h) at 0.3 V/SHE, on a Pt gauze (Reproduced with permission 
from Ref. 57). 

different slopes has been reported many Single-crystal surfaces behave quite differ- 
times, with an agreement about the first ently, almost no peroxide being produced 
one at higher potentials (60mV/log); the on Pt(lll) in contact with 0.1 M KOH, 
values reported for higher current den- the authors attributing this to the fact that 
sities, where the slope is much steeper, OH - is adsorbed reversibly on this surface, 
differ more [40, 46, 67]. Recent studies but irreversibly adsorbed on Pt(100) and 
about polycrystalline platinum surfaces Pt(110) [61, 70], Experiments conducted 
have shown that the reduction of O 2 is with platinum microdisc electrodes (2.5 to 
dependent on the behavior of the peroxide, 12.5 fim) have unambiguously shown how 
an intermediate in the reduction process the apparent number of electron for O 2 
in basic media, which is influenced by reduction is dependent on mass transfer 
the pretreatment of the electrode [68, 69]. [71]. 




134 | 5 Redox Properties, Electrochemistry of Oxygen 

From these various observations it can 
be concluded that H 2 O 2 in neutral me- 
dia and H0 2 “ in basic solutions are the 
major products of the reduction of O 2 , 
the further 2e reduction to water being 
limited by a slow step. The disproportion- 
ation or reduction of the peroxide is then 
time dependent. It can thus be understood 
why the apparent number of electrons 
for the reduction of O 2 in these media 
will differ with the surface state of the 
Pt electrode, the timescale of the experi- 
ment or the rotation rate of the electrode. 
There is a general agreement about the 
fact that H 2 O 2 is an intermediate in O 2 
reduction on platinum, in a basic environ- 
ment; however, various reduction schemes 
have been proposed, with very different 
adsorbed intermediates and mechanisms 


[52]. Owing to the influence of the surface 
state, to the evolution of the electrode along 
one experiment as well as from an ex- 
periment to another, it is understandable 
that conflicting interpretations exist. Nev- 
ertheless, there is some agreement about 
the fact that the rate determining step is 
the first electron addition, at low current 
density [59, 66, 70-72]: 

O 2 + e > O 2 (10) 

It is also agreed that the slope be- 
comes much steeper because of a change 
in the regime, when the oxygen ad- 
sorption becomes the rate determining 
reaction instead of the electrochemical 
step (Fig. 6) [70, 73-76]. This has also 
been suggested from experiments by scan- 
ning electrochemical microscopy [77]. This 



log / d 
[A] 


Fig. 6 Current/potential for O 2 reduction at platinum disk 
electrodes (0.18 cm 2 ), in 0.1 M KOH. prereduced Pt, x: not 
prereduced Pt (Reproduced with permission from Ref. 66). 




technique, also adapted by the authors to 
works in acidic media [78], could be useful 
for looking more closely at the activity of 
catalytic surfaces. 

For obvious reasons related to the 
necessary reduction of the amount of 
catalyst used in fuel cells, ORR has 
been studied on thin films of platinum 
deposited onto glassy carbon or titanium 
[73, 79] and on small metal particles 
on carbon [80-82]. The reduction of the 
Pt film thickness (<1 nm), as well as 
of the size of the particles (diam. < 
3 nm), induces a moderate loss of activity 
attributed to differences in the adsorption 
of O2 on the metal surface. 

5.4.1 .2 Electrochemistry on Other Metals 
and Electrode Materials 

From the comparison of calculated oxygen 
and OH adsorption energies to M(lll) 
versus activity of the metals toward O2 
reduction, a peak shaped curve is obtained, 
Pt being situated almost on top of the 
volcano plot [63]; palladium and platinum 
activities should be quite close. The 
relation between the amount of adsorbed 
oxygen and the number of unpaired d 
electrons of the metal had been mentioned 
earlier [48]. 

The reversible O2 potential has not 
been observed on palladium, due to the 
existence of a local cell, but O2 evolves 
from water oxidation on a PdC>2 covered 
surface and the reduction mechanism is 
supposed to be the same as on Pt, the rate 
determining step being the first electron 
addition [31]. In basic media, the reduction 
on Pd proceeds mainly through the 4e 
mechanism, which has been attributed to 
a high catalytic activity for the peroxide 
reduction, or disproportionation [83, 84]. 

Silver is also an efficient metal for the 
catalysis of O2 reduction to water by the 4e 
reaction, in alkaline media; the overvoltage 
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is, however, higher than that on platinum. 
H2O2 is produced during the reduction 
on Ag, but at very low concentration as 
silver is a good catalyst for the peroxide 
decomposition [31]. RRDE experiments 
have shown that H2O2 production is lower 
than 2% (0.1 M KOH) but considerably 
higher when the electrode surface has been 
contaminated [59]. 

On rhodium, the reversible potential for 
O2/H2O has been observed, after treat- 
ment of the electrode with concentrated 
nitric acid. On an Ir surface, this treatment 
does not produce the oxygen layer, which 
would induce the reduction by a similar 
mechanism [31]. The oxidation scheme of 
water on Rh and Ir is not clear as con- 
flicting opinions exist [31, 45]. Oxygen is 
reduced to water on a Rh electrode in pure 
acidic media, H2O2 being produced in the 
presence of impurities; the peroxide is, 
however, an intermediate of the reduction 
in basic conditions [85, 86]. The reduction 
of O2 on Ir electrodes in acid solutions is 
the same as on Pt, with a higher overvolt- 
age however, probably because Ir does not 
promote efficiently the disproportionation 
of H 2 0 2 [31]. 

On gold, the electrochemistry is dom- 
inated by the AU2O3/AU system (E-& = 

1.36 V); the reversible behavior of O2/H2O 
has never been observed on that elec- 
trode. Oxygen does not evolve from H2O 
oxidation until the electrode surface is 
completely covered with oxide. The oxida- 
tion wave of OH - to water is well defined 
on a gold electrode and appears at higher 
potential than on Pt [77]. In acid as well 
as in basic solutions, the overvoltage for 
O2 reduction is higher than on platinum 
[31]. In acidic media, when the reaction oc- 
curs on oxide, this reduction is reported 
to go to water at high potentials and 
to H2O2 simultaneously (0.35-0.55 V); at 
lower potentials, H2O2 is further reduced 
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to water. In alkaline solutions, peroxide 
is an intermediate in the reduction path, 
further reduced to water [45, 87, 88]. It 
has been shown that peroxide is produced 
since the very beginning of the ORR [89, 
90]. From MO calculation, it has been con- 
cluded that the 4e reduction is impossible 
on Au, because no dissociative chemisorp- 
tion of oxygen occurs [59]. 

Nickel presents no interest for the 
reduction of O 2 , but this metal is used 
as electrode material for the oxidation of 
OH - to O 2 , which proceeds over surface 
oxides of different composition, depending 
on the potential [31, 45]. 

The two well-separated waves for the 
reduction of oxygen on mercury were 
reported by Heyrovsky [91]. The first wave 
corresponds to the 2e reduction of O 2 
to H 2 O 2 in acidic or neutral solutions 
and to H0 2 “ in basic media, species 
that are reduced to water or OH - at 
lower potentials. Jacq and Bloch have 
developed the “square-scheme” concept 
for the discussion of the mechanism of O 2 
reduction on Hg and on carbon [28]. 

Alloys of noble metals have been tested 
for O 2 reduction [31] and some should even 
be more efficient than Pt [63]. These metals 
are expensive so that other materials have 
been tested, like bronze, some being 
even slightly better electrocatalysts than 
platinum [45]; however, they do not seem 
to be stable enough. The factors governing 
oxygen reduction on oxides used as 
cathodes in fuel cells have been reviewed 
recently [92]. 

Another material has some impor- 
tance for oxygen reduction, not as an 
electrocatalyst but because other proper- 
ties make it a good supporting material 
for catalysts; that is, carbon, graphite, 
used with dispersed platinum particles or 
adsorbed coordination compounds. The 
main reduction product on carbon itself 


is peroxide; the nature of carbon, for 
example, the orientation of the electrode 
surface versus the graphite planes, is es- 
sential. “Edge plane” graphite (graphitic 
planes perpendicular to the electrode sur- 
face) is a much better electrocatalyst than 
“basal plane” graphite [93, 94]. Different 
mechanisms and limiting steps have been 
proposed for O 2 reduction on carbon [75, 
93], the only unquestionable statement be- 
ing that ORR is a 2e process. 

5.4.2 

Electrochemistry in Nonaqueous Media 

No wonder the electrochemical behavior 
of O 2 is totally different in aprotic media 
as proton, driving ORR with electron, 
is lacking in nonprotic solvents when 
potential sources, like water, are carefully 
eliminated. 

The reversibility of the O 2 /O 2 - sys- 
tem (reaction 10) in dimethylsulfoxide 
(DMSO), DMF, acetonitrile, pyridine, ace- 
tone, and methylene chloride has been 
demonstrated by cyclic voltammetry [35] 
(Fig. 7); the UV-visible and ESR spectra 
of superoxide being recorded after prepa- 
ration of 02 _ solutions in pyridine by 
electrolysis [95]. Analysis of the first re- 
duction wave on the dropping mercury 
electrode, in DMSO, proved that le is ex- 
changed at —0.7 V versus SCE, a quite 
low potential for O 2 reduction; a second 
reduction step is observed at —2.4 V. Inbu- 
tyronitrile, the formal potential for 02 / 02 “ 
is more negative than in DMSO [96]. Upon 
addition of proton donor (phenol, strong 
acids), the wave at —0.7 V becomes a 2e 
irreversible wave, peroxide being the prod- 
uct of the reduction [12, 34]. The effect of 
solvents on the redox potential of 02 / 02 “ 
has been reported and examined [10, 12], 
but these results must be compared with 
precaution as the uncertainty due to the 
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Fig. 7 Cyclic voltammetry of 
O 2 in pyridine, at a stationary 
mercury drop electrode. 
Reference electrode: aqueous 
SCE; scan rate: 45 mV s _1 ; 
potential scale: from —0.6 to 
— 1 .05 V (Reproduced with 
permission from Ref. 35). 



junction potential between the aqueous 
calomel electrode and the nonaqueous 
media is unknown and could vary signifi- 
cantly. This potential has been measured 
for a larger number of solvents, versus 
the ferrocenium/ferrocene couple: in most 
of them E^i0 2 /0 2 ~) is close to —0.7 V, 
— 0 . 8 V, a drift toward more negative poten- 
tials being observed for DMF, sulfolane, 

quinoline, and HMPT ( 1.0 V) [37, 38], 

The redox properties of oxygen in in- 
organic solvents has also been reviewed 
[37]. In liquid ammonia, 0 2 ~ is obtained 
by reduction of O 2 by alkaline metals; 
the first of the two electroreduction steps 
of oxygen to O 2 - is reversible. In anhy- 
drous alkaline hydroxides melts, O 2 is 
reduced to a mixture of peroxide and su- 
peroxide, the two redox systems 0 2 ~ /0 2 2 ~ 
and 0 2 2 ~/0 2 ~ being reversible; in molten 
nitrates, 0 2 /0 2 ~ and 0 2 ~/0 2 2 ~ are re- 
versible. CO 2 and SO 3 being acceptors of 
0 2 ~, the electrochemical behavior of oxy- 
gen is highly dependent on the partial 
pressure of the corresponding anhydride 
over molten carbonates and sulfates and 
on the concentration of O 2- ; H 2 O, a strong 


acid in such media, has a great influence 
on electrochemistry. Owing to the high 
temperatures, most redox systems are re- 
versible, for example, 0 2 /C0 2 2 ~ on Pt in 
carbonates. 

5.5 

Electrochemistry at Electrodes Modified 
with Metal Complexes 

Since Fenton’s work in the late nineteenth 
century, the role of transition metals in 
oxygen chemistry is known, but the forma- 
tion of oxygen adducts with coordination 
metal complexes and their importance for 
O 2 activation have been studied much later 
[1, 97]. The lively interest in ORR catalysis 
comes from its utmost importance to the 
development of fuel cells and this justifies 
that only a few studies have been done with 
metal complexes in solution; most have 
been devoted to carbon electrodes modi- 
fied by immobilization of a catalyst. The 
research for good catalysts that could be 
efficient substitutes for the expensive plat- 
inum naturally moved toward porphyrins, 
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key constituents of many redox enzymes 
involved in the fixation and activation of 
oxygen, in vivo [98, 99]; closely related, 
but more robust macrocyclic compounds, 
the phthalocyanines have even been more 
extensively studied. 

5 . 5.1 

Studies in Solution 

Solution studies have been performed as 
providing greater possibilities for mecha- 
nistic investigations; however, they are not 
really numerous. In aqueous solutions, ad- 
equate media for experiments aimed at 
energy production, they are limited by 
the very poor solubility of macrocyclic 
complexes. The electrocatalytic activity of 
soluble iron and cobalt porphyrins, and 
phthalocyanines, (bearing carboxylic or 
tetraalkylammonium functions) have been 
compared [100], It was concluded that dis- 
solved iron catalysts promote the reduction 
to water, H 2 O 2 being often an interme- 
diate, when in the presence of cobalt 
complexes ORR goes to water; functional 
groups at the periphery of the macrocycles 
affect the catalysis through their influence 
on the redox potentials of the complexes. 
Cobalt complexes of porphyrins and co- 
facial diporphyrins are slightly soluble in 
concentrated acid solutions, the biscobalt 
compounds promoting the 4e reduction of 
0 2 [ 101 ], 

In solvents, the complexes of metal ions 
with organic ligands are more soluble, 
which makes studies easier; moreover, 
in anhydrous and aprotic media, it is 
possible to reduce the catalysts and their 
oxygen complexes out of reach of protons 
and thus to study the first steps of the 
catalytic cycle. It has been possible to 
show by studies in benzonitrile that the 
mixed- valence Co 111 Co 11 redox state of the 


biscobalt cofacial diporphyrin binds O 2 
strongly [102]. 

5 . 5.2 

ORR at Modified Electrodes 

Surface functionalization, by chemical re- 
action or adsorption, is a good way to 
attach catalytic groups to solid electrodes 
and modify their properties [103, 104]. 
For the electroreduction of oxygen, carbon 
electrodes modified by adsorption or coat- 
ings of metal complexes are convenient 
and have been extensively used. Adsorbed 
cobalt porphyrins, phthalocyanines, and 
tetraazaannulene complexes catalyze O 2 
reduction to H 2 O 2 [100, 105-108]. Iron 
derivatives promote the 4e reduction all 
over the pH range, even if H 2 O 2 produc- 
tion is sometimes detected at low pH [100, 
108-110]. Cobalt complexes catalyze O 2 
reduction with a lower overvoltage than 
do iron compounds, because the M m /M n 
redox potential is much higher for cobalt 
[100, 108]. In many cases, however, it has 
been shown that oxygen is reduced to water 
on electrodes modified with cobalt phthalo- 
cyanines [111]. This always occurs when 
aggregates or dense polymeric phases are 
present at the surface of the electrode 
and suggests that the molecule of oxygen 
can bind to two cobalt centers, by analogy 
with what has been observed with cofacial 
porphyrins. Electrodes modified by these 
diporphyrins promote the 4e ORR when 
the distance between the two metal centers 
is adequate for the binding of O 2 to both 
centers [106, 112, 113]. The mixed-valence 
complex, Co 111 Co 11 , which was shown to 
strongly bind O 2 in solution, is also gen- 
erated when the diporphyrin is adsorbed 
on the graphite electrode surface [114, 
115]. From the voltammograms depicted 
in Fig. 8, there is no doubt left about the 
role of this mixed-valence compound in 
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Fig. 8 Catalysis of O2 reduction at a 
ring-disk electrode in contact with an 
aqueous 0.5 M H2SO4 solution, the 
graphite disk (EPCE) being modified by 
adsorption of a biscobalt diporphyrin, 
C02FTF4. (a) Disk current, solution 
saturated with oxygen, p0 2 = 1 atm; 
rotation rate: 100 r min -1 ; scan rate: 

5 mV s _1 . (b) Detection of H2O2 on the 
Pt ring, Ering = 1 .33 V. (c) Cyclic 
voltammetry at the EPGE disk, under 
nitrogen; scan rate = 100 mV s _1 
(Reproduced with permission from 
Ref. 116). 




the catalytic reduction of oxygen to water, 
as the 4e reduction is active only in the po- 
tential domain where the Co 111 Co 11 redox 
state exists; the reduction to peroxide oc- 
curs when both cobalt centers are reduced 
to Co 11 . It has been unambiguously proved 
that Co 111 in the mixed-valence biscobalt 
porphyrin acts as a Lewis acid center for 
O 2 binding and can be replaced by Lu 111 or 
Sc m [116]. 

These electrodes modified with metal 
complexes could have been substitutes 
for expensive platinum if they had been 
usable under conditions compatible with 
requirements for efficient fuel cells. How- 
ever, they are not stable, particularly in 
contact with acidic media, which results 
from demetallation. This is known since 
the early works with N 4 macrocycles 
and heat treatment has been proposed 
to enhance the durability of the carbon 


modified electrodes [117]. Since, very dif- 
ferent hypothesis have been proposed to 
explain the improvement observed after 
pyrolysis of the modified electrodes, which 
depend on many factors and of course 
on the temperature of treatment (300 °C 
to 1000 °C). It seems quite clear that the 
macrocyclic compounds exist after treat- 
ments at moderate temperatures (up to 
600 °C), but obvious that they are de- 
stroyed by pyrolysis at about 800 0 C , which, 
however, gives the best results for oxygen 
reduction. Nevertheless, the exact nature 
of the catalytic site is still under discussion: 
for example, metal, metal and nitrogen, ox- 
ides [118-120]. However, such electrodes 
do not seem to be efficient substitutes for 
platinum/ carbon electrodes. 

Quite recently, with the aim to develop 
implantable miniaturized biofuel cells to 
power devices like sensors, the reduction 
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of oxygen has been studied at surfaces 
modified by various enzymes, proteins, 
wired to the electrodes [121, 122]. For the 
development of viable devices of this kind, 
which use enzymes and must function in 
vivo for reasonable periods of time, many 
problems must be solved. 
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6 . 1.1 

Introduction 

Following the fascinating discovery of C6o 
and C70 (1 and 2) in 1985 [1] and their 
isolation in multigram quantities in 1990 
[2], several larger carbon-based spheroids, 
the higher fullerenes, were also isolated 
and characterized [3-7]. These included 
some stable isomers of C76, C78, and C84 
among others. Together C60, C70, and the 
higher fullerenes represent a unique fam- 
ily of three-dimensional building blocks 
that possess distinctive electronic prop- 
erties with an enormous potential for 
materials science applications [8]. 


( 1 ) ( 2 ) 

The high electron affinity (EA) of Cgo was 
initially predicted using Huckel Molecular 


Orbital (HMO) Theory [9, 10]. The only 
possible isomer of the proposed (and later 
confirmed) icosahedral C60, (1), was theo- 
retically described as having a closed-shell 
configuration consisting of 30 bonding 
molecular orbitals (MO) with 60 7 r elec- 
trons (see Fig. 1). The completely occupied 
HOMO (highest occupied molecular or- 
bital) was calculated to be 1. 5-2.0 eV lower 
than the antibonding LUMO (lowest un- 
occupied molecular orbital). The LUMO 
was predicted to be triply degenerate 
and energetically low lying, suggesting an 
exceptionally high affinity for up to six elec- 
trons in solution. Soon after, the electron 
affinity of C60 was measured as 2.65 eV 
[10], confirming theoretical predictions. 

Similar calculations were made for the 
only possible isomer of C70 [11-13] that 
obeys the “isolated pentagon rule” [4, 6] 
and for some of the most stable isomers 
of the higher fullerenes [11, 14-16]. On 
the basis of their easily accessible LUMOs 
and high electron affinities, all stable 
members of the fullerene family were 
expected to display very rich cathodic 
electrochemistry. 

Calculated and experimentally deter- 
mined values of EAs and ionization en- 
ergies (IE) of selected members of the 
fullerene family are shown in Table 1. The 
magnitude of these values clearly indi- 
cates that fullerenes easily accept electrons 
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metal doping or electrochemical reduction. 


Huckel molecular orbitals 


9g 


L 1g 

t 1u 

WM h u 
«TOffTOg g +h g 

«M9u 

m 

4]r 4i 4V h g 

If a g 


Tab. 1 Calculated and experimental electron affinities (EA C and EAi) and 
ionization energies (IE C and 1 Eg ) of selected fullerenes 


EA C [eVf 

EAi [eV] b 

IEc [eV] 3 

/El [eVf 

Qo 

2.7 

2.66 

7.8 

7.57 

C 70 

2.8 

2.67 

7.3 

7.36 

C 76 (D 2 isomer) 

3.2 

2.90 d 

6.7 

7.34 d 

C 78 (C 2 „ isomer) 

3.4 

3.1 2 d 

6.8 

7.26 d 

Cg 2 (C 2 isomer) 

3.5 

3.1 4 d 

6.6 

7.25 d 

Cg 4 (D 2 isomer) 

3.5 

3.1 4 d 

7.0 

7.1 7 d 

Cg 4 (D 2 d isomer) 

3.3 

7.0 




a Values reported are averages from two levels of Hartree-Fock (HF) modified 
neglect of diatomic overlap (MNDO) theory in Ref. 1 5. 
b From Ref. 17. 
c From Ref. 18. 

^Values reported for a mixture of stable isomers formed during the synthetic 
procedure. 


[9, 15, 17, 18], but their oxidation is 
somewhat difficult. Furthermore, electron 
affinity increases and ionization energy 
decreases with the number of carbons 
in the cage, indicating that the higher 


fullerenes should be easier to reduce and 
oxidize than Cgo or C 70 (see the following). 

Before embarking on a detailed discus- 
sion on the electrochemistry of fullerenes, 
it is important to emphasize that the 




fascination with the electronic properties 
of these compounds has gone beyond 
studies of the pristine molecules. For 
example, alkali metal-doped anion rad- 
ical salts of Cgo are superconducting 
at low temperatures [19], and reaction 
of Cgo with the organic donor TDAE 
(tetrakis (dimethylamino)ethylene) results 
in an organic ferromagnet [20]. A detailed 
discussion of these topics is, however, be- 
yond the scope of this chapter and will not 
be addressed here. Encapsulation of one 
or more metal atoms or a small molecule 
inside fullerene cages, endohedral met- 
allofullerenes, has also attracted special 
attention due to the possibility of unusual 
physicochemical properties not found in 
the pristine fullerenes [21]. Furthermore, 
the reactivity of fullerenes is enhanced by 
pyramidalization of the sp 2 carbon, and 
it differs significantly from the reactivity 
of planar aromatics, providing fullerenes 
with the extraordinary ability to easily un- 
dergo addition reactions [8, 22-26], As a 
consequence, numerous transformations 
have been developed and an enormous 
number of fullerene derivatives have been 
prepared with the aim of exploring and 
exploiting its electron-donor/acceptor ca- 
pabilities. 

This chapter presents an up-to-date ac- 
count of the redox properties of the pristine 
fullerenes and a large number of their 
derivatives as revealed by electrochemi- 
cal studies in solution. The description 
here is as exhaustive as possible, although 
not completely comprehensive due to the 
large number of reports on the subject 
that have appeared over the years. A 
section on electrosynthesis of fullerene 
derivatives is included, with special em- 
phasis on the retro-cyclopropanation re- 
action, a reaction that has led to the 
formation of novel derivatives as well as 
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isomers not easily attainable by synthetic 
methods. 


6.1 .2.1 Reduction of Cgo 

The triple degeneracy of the LUMO of 
Cgo was confirmed experimentally in sev- 
eral steps between 1990 and 1992 with 
the detection of Cgo - and Cgo 2- [27], 
Cgo 3- [28], C 60 4- [29], C 60 5- [30], and 
finally Cgo 6- [31]. Owing to limitations 
in the solvent potential window, the elu- 
sive hexaanion species was only detected 
when the experiment was carried out un- 
der vacuum, at low temperature (— 10 °C), 
and using a 0.1 M tetra-M-butylammonium 
hexafluorophosphate (TBAPF6) electrolyte 
solution in a solvent mixture consist- 
ing of toluene/acetonitrile (PhMe/MeCN) 
in a 4 to 1 ratio. Under these con- 
ditions, using cyclic voltammetry (CV) 
(Fig. 2a) and differential-pulse voltamme- 
try (DPV) (Fig. 2b), six successive, fully 
reversible, one-electron reductions are eas- 
ily observed [31]. The potentials measured 
are shown on Table 2. As expected, on 
the basis of the triply degenerate LUMO, 
the potential separation between any two 
successive reductions is relatively con- 
stant, 450 ± 50 mV. On the voltammetric 
timescale, Cgo - through Cgo 6- appear to 
be chemically stable. However, only Cgo - 
through Cgo 4 ~ are stable when generated 
by controlled potential coulometry (CPC) 
under vacuum, using toluene/ acetonitrile 
as solvent. 

Also included in Table 2 are the re- 
duction potentials of Cgo using differ- 
ent combinations of solvent, supporting 
electrolyte, and temperature. It is evi- 
dent from these results that the above 
factors have a notable effect on the ca- 
thodic electrochemistry of Cgo [30-37]. 


6 . 1.2 

Electrochemistry of Cgo and C 70 
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Fig. 2 Reduction of C6o and 
C 70 in MeCN/PhMe at -10°C 
using (a and c) cyclic 
voltammetry at a 100 mV s -1 
scan rate and (b and d) 
differential-pulse voltammetry 
at a 25 mV s^ 1 scan rate. 
Reprinted with permission from 
Ref. 31 . Copyright © 1 992 
American Chemical Society. 
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This same solvent and supporting elec- 
trolyte dependence effect is observed for 
C 70 and for the higher fullerenes (see the 
following). 

The solubility of the electrogenerated 
species also depends upon the choice of 
solvent and supporting electrolyte [38]. For 
example, C 60 0 is insoluble in DMF and 
THF, but all of its anions readily dissolve 
in these solvents. In acetonitrile, C 60 0 is 


also insoluble, but a soluble dianion can 
be generated from a suspension in the 
presence of K + , Cs + , or Ca 2+ cations. A 
soluble trianion can also be prepared in 
acetonitrile if TBA + , K + , Na + , or Ca 2+ 
cations are present. These acetonitrile 
solutions have been used to study the 
conductivities of electrodeposited films of 
C 60 [38] and for the synthesis of singly 
bonded C 60 dimers [39]. 
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Tab. 2 Half-wave reduction potentials (in V vs. Fc/Fc + ) of C(,o using various solvents, supporting 
electrolytes, and temperatures 


Solvent a 

Supporting 

electrolyte 

Temperature 

l°q 

El 

e 2 

Ei 

Ea 

E S 

e 6 

References 

PhMe/MeCN 

TBAPFg 

-10 

-0.98 

-1.37 

-1.87 

-2.35 

-2.85 

-3.26 

31 

PhMe/DMF 

tbapf 6 

-60 

-0.82 

-1.26 

-1.82 

-2.33 

-2.89 

— 3.34 b 

33 

Liq. NH 3 c 

Kl 

-70 

-1.04 

-1.56 

- 2.00 

-2.37 

-2.43 

— 3.03 

34 

Benzene 

THACIO 4 

+45 

-0.83 

-1.29 

-1.89 

-2.48 

-3.07 


30 

MeCN d 

TBACIO 4 

+22 

-1.24 

-1.73 

-2.19 

-2.78 



32 

Pyridine 

TBACIO 4 

+22 

- 0.86 

-1.38 

-1.80 

-2.33 



32 

DMF 

TBACIO 4 

+22 

-0.77 

-1.23 

-1.82 

-2.36 



32 

PhCN 

TBACIO 4 

+22 

-0.92 

-1.34 

-1.82 




32 

THF 

TBABF 4 

-60 

-0.96 

-1.53 

- 2.11 

-2.60 

-3.13 

— 3.59 

35 


TBABF 4 

+25 

-0.93 

-1.52 

-2.08 

-2.57 

-3.08 


35 


TBACIO 4 

+22 

-0.90 

-1.49 

-2.06 

-2.56 



32 

DCM 

TBAPF 6 

+22 

- 1.02 

-1.41 

-1.87 




32 


TBACIO 4 

+22 

- 1.00 

-1.39 

— 1 ,84 e 




32 


TBABF 4 

+25 

- 1.01 

-1.40 





27 

TCE 

TBAPFg 

+25 

-1.06 






36 

ODCB 

TBAPFg 

+25 

-1.13 

-1.50 

-1.94 

-2.41 



37 


PhMe = toluene; MeCN = acetonitrile; DMF = dimethylformamide; PhCN = benzonitrile; 

THF = tetrahydrofuran; DCM = dichloromethane; TCE = 1,1,2. 2-tetrachloroethane; 

DMA = dimethylamine; ODCB = o-dichlorobenzene; TBA = tetra-n-butylammonium; 

THA = tetra-n-hexylammonium; PPN + = [(CeHs^PkNU 
a Classy carbon electrode. All others use Pt. 

^Anodic peak potential. 

c Owing to the presence of surface waves upon reoxidation, anodic peak potentials are reported. 
^Controlled potential electrolysis used to generate C 6 o - due to insolubility of Cgo in MeCN. 
e Scan rate >5 V s -1 . 


6.1 .2.2 Reduction of C 70 

Huckel MO calculations of C70, (2), in- 
dicated that the structure of C70 had Ds/, 
symmetry. It consisted of an elongated C60 
obtained by cutting C6o’s truncated icosa- 
hedron at the equator and inserting a belt 
of five hexagons [10, 11, 40]. Although, the 
LUMO of C70 is not threefold degenerate 
like that of C60, calculations indicated the 
existence of three levels, one single and 
two degenerate (LUMO and LUMO + 1), 
with a very small energy separation. The 
energy of these orbitals was found to 
be practically identical to that of C60 
[11, 12]. Consequently, C70 was expected 
to behave electrochemically very much 


like Cgo- Indeed, in toluene/acetonitrile, 
six reduction waves are observed, but un- 
like C60, all six waves can be detected at 
room temperature (see Fig. 2c, d) [31]. Re- 
duction potentials for C70 obtained under 
various conditions of solvent and temper- 
ature are presented in Table 3. Note that 
the first and second reduction potentials 
of C60 and C70 in toluene/acetonitrile are 
nearly identical. However, from the trian- 
ion up to and including the hexaanion, C70 
becomes increasingly easier to reduce than 
C6o- The phenomenon has been explained 
in terms of a simple charge-separation de- 
localization model. Since C70 is larger than 
Cgo, adding the third electron would be 
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Tab. 3 Half-wave reduction potentials (in V vs. Fc/Fc + ) of C 70 using various solvents, supporting 
electrolytes, and temperatures 


Solvent a 

Supporting 

electrolyte 

Temperature 

rq 

Ei 

e 2 

e 3 

e 4 

Es 

Ee 

References 

PhMe/ MeCN b 

TBAPFe 

-10 

-0.97 

-1.34 

-1.78 

-2.21 

-2.70 

-3.70 

31 

DMA c - d 

TBABr 

-65 

-0.45 

-0.90 

-1.34 

-1.77 

-2.33 

-2.80 

41 

ODCB e 

TBAPFe 

+25 

-1.10 

-1.46 

-1.86 

-2.27 



37 

THF 

n/r f 

+25 

-0.85 

-1.41 

-1.95 




28 

PhCN 

n/r f 

+25 

-0.91 

-1.32 





28 

PhMe/DCM 

TBAPFe 

n/r f 

-0.91 

-1.28 

-1.70 




40, 42 

DCM 

n/r f 

+25 

-0.97 

-1.35 

-1.76 




28 


TBAPFe 

+25 

-0.93 

-1.31 

-1.73 

-2.09 



43 

TCE 

TBAPFe 

+25 

1.02 






36 


a See Table 2 for solvent abbreviations. 

b Glassy carbon electrode. All others use Pt. 

c Cathodic peak potential. 

d Vs. Ag/AgCI. 

e Scan rate = 20 mV s" 1 . 

f Not reported. 

easier if the charges are separated by larger 
distances or if they can be delocalized over 
a larger number of carbon atoms [41]. 

6.1 .2.3 Oxidation of Cgo and C 70 

Initial calculations had indicated that Cgo 
and C 70 had closed-shell configurations 
and that the HOMOs of both molecules 
were energetically low lying. The HOMO 
of Cgo was predicted to be fivefold degener- 
ate [9, 10], while C 70 appeared as having 10 
occupied orbital states around the HOMO 
energy. In addition, the corresponding IEs 
were estimated to have high values, 7.8 and 

7.3 eV, respectively (see Table 1). These re- 
sults suggested that Cgo and C 70 should not 
be readily oxidizable. In fact, most studies 
on the anodic electrochemistry of C 60 in- 
dicate irreversible behavior (see Table 4) 
[30, 31, 42-45]. The first study, performed 
on a film of C 60 in acetonitrile, showed a 
chemically irreversible wave at +1.6 V vs. 
Fc/Fc + [45]. In another report, chemi- 
cally irreversible waves were observed at 


+1.30 V vs. Fc/Fc + for both Cgo and C 70 in 
benzonitrile/TBAPFg [30]. No change was 
observed by lowering the temperature to 
— 1 5 0 C or by increasing the scan rate up to 
50 V s -1 . Four electrons were transferred 
during oxidation as indicated by peak cur- 
rent intensities, which was confirmed by 
CPC at 1.44 V vs. Fc/Fc + . Other stud- 
ies with Cgo in dichloromethane (DCM) 
and dichloroethene (DCE) also showed an 
irreversible wave at +1.32 and 1.28 V, re- 
spectively vs. Fc/Fc + [32]. For a mixture of 
C 60 and C 70 , the observation of two oxida- 
tion peaks in close proximity at 1.65 and 
1.75 V vs. Ag/AgCI was reported [42]. In 
this study, it was observed that oxidation 
currents were approximately double those 
of the single-electron reduction waves. On 
the basis of these observations, the exis- 
tence of two two-electron transfers was 
suggested. 

To date, the only truly reversible 
oxidation of Cgo and C 70 has been observed 
in 1,1,2,2-tetrachloroethane (TCE) [36, 46]. 
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Tab. 4 Half-wave oxidation potentials and HOMO-LUMO gaps in solution (in V vs. Fc/Fc + ) of Ceo 
and C 70 using various solvents, supporting electrolytes, and temperatures 



Solvent a 

Supporting 

electrolyte 

Temperature 

[°CJ 

Ei“ 

E 2 °* (Ei“ — E/ erf ) 

References 

Qo 

MeCN b 

TBABF 4 

n/r c 

+1.60 d 


45 


PhCN 

TBAPFe 

RT 

+1.30 d 


30 


DCE 

TBACIO 4 

22 

+1.28 d 


32 


DCM 

TBACIO 4 

22 

+1.32 d 


32 


TCE 

TBAPF 6 

RT 

+1.26 

2.32 

36 


ODCB 

TBAPFe 

n/r c 

+1.32 

2.45 

37 

Qo + Qo 

DCM 

TBAPFe 

n/r c 

+1 ,65 e,f 

+1.75 e - f 

41 

Qo 

PhCN 

TBAPFe 

RT 

+1.30 b 


30 


TCE 

TBAPFe 

RT 

+ 1.20 

+1.75 2.22 

36 


ODCB 

TBAPFe 

n/r c 

+ 1.21 

2.31 

37 


a See Table 2 for solvent abbreviations. 
b Film of Ceo in MeCN. 
c Not reported. 

^Chemically irreversible. 

e lt was not reported which of these potentials corresponds to Ceo and which one to C 70 . 
f Adsorption observed. 


In this solvent, using CV and Osteryoung 
square-wave voltammetry (OSWV) under 
high vacuum conditions at room temper- 
ature, C 60 displays a one-electron, chemi- 
cally reversible oxidation wave at +1.26 V 
vs. Fc/Fc + . TBAPFg was used as the 
supporting electrolyte. Under the same 
conditions, the first one-electron oxidation 
of C 70 occurs at +1.20 V, 60 mV more 
negative (easier to oxidize) than that of 
Cgo* Both oxidations are electrochemically 
quasireversible with A£ pp = 80 mV. In 
addition, a second oxidation wave is ob- 
served for C 70 close to the limit of the 
solvent potential window at +1.75 V. How- 
ever, this wave appears to be chemically 
irreversible (see Fig. 3) [36]. 

TCE containing 1-10% trifluo- 
romethanesulfonic acid (CF 3 SO 3 H) and 
TBAPF 6 as supporting electrolyte has been 
used as a medium for the bulk electrolytic 
generation of long-lived, stable solutions 


of the cation radical of C 60 , C6o‘ + , for 
electron paramagnetic resonance (EPR) 
and UV-VIS-NIR studies [46]. The same 
medium, however, results in unstable 
C 7 o‘ + , whose UV-VIS-NIR and EPR spec- 
troscopic data indicate the presence of 
oxidized species other than C 7 o' + . Table 4 
summarizes relevant oxidation potential 
results for C 60 and C 70 . 

The potential difference between the 
first reduction and the first oxidation is 
a good measure of the HOMO-LUMO 
energy difference (the HOMO-LUMO 
gap) in solution. For C 60 and C 70 , these 
gaps are 2.32 and 2.22 V, respectively, at 
room temperature in TCE [36]. 

Recently, it has been shown that there 
are two distinct classes of fullerenes. 
The first class, which includes C 60 , C 70 , 
and several stable isomers of the higher 
fullerenes, have large HOMO-LUMO 
gaps and are soluble in many organic 
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E 

[V vs. Ferrocence] 

Fig. 3 CV and OSWV scans for C 60 and C 70 in 
0.1 M TBAPFg/TCE at room temperature. CVs 
were run at a scan rate of 1 00 mV s -1 .while 
OSWVs were run at 60 mV s _1 . (a) CV of 
background solvent-electrolyte system, (b) CV 
with C 60 , no ferrocene added. The cathodic and 
anodic cyclic scans were performed separately. 

(c) Same as (b) after addition of ferrocene. 

(d) OSWV of the solution in (c). Cathodic and 
anodic scans were performed separately, (e) CV 



E 

[V vs. Ferrocence] 

of C 70 without added ferrocene. Cathodic and 
anodic cyclic scans were performed separately. 

(f) Same as (e) after addition of ferrocene. 

(g) OSWV of the solution in (f). Cathodic and 
anodic cyclic scans were performed separately. 

(h) OSWV of the solution as in (e), without 
ferrocene added, scanned to more positive 
potential to show the second oxidation wave for 
C70. Reprinted with permission from Ref. 36. 
Copyright© 1993 American Chemical Society. 


solvents. The second class, which includes 
C 74 , Cgo {Ih), and other selected isomers 
of the higher fullerenes are either free rad- 
icals or have small HOMO-LUMO gaps 
[47]. These small-band gap fullerenes are 
kinetically unstable and tend to react read- 
ily to form insoluble polymerized solids. 

6.1.3 

Electrochemistry of the Higher Fullerenes, 
C76, C 78 , C g2 , and C g4 

The chemistry of the higher fullerenes 
has developed at a slower pace than that 


of the smaller cages mainly because the 
former are present in very small quanti- 
ties in fullerene soot [3]. To complicate 
matters, more than one stable constitu- 
tional isomer exists for each of the higher 
fullerenes [7, 15], a fact that has created 
difficulties with their isolation and pu- 
rification. Consequently, reports on their 
redox properties did not begin to appear 
until 1991, soon after pure samples in 
milligram quantities became available [ 6 , 
7, 48, 49]. In some of the initial stud- 
ies, isomers of different symmetries were 
not separated, and multiple redox waves 
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Fig. 4 Square-wave 
voltammograms for C $2 with a 
610-mV potential gap between 
the second and third 
reductions. Reprinted with 
permission from Ref. 58. 
Copyright © 2000 Elsevier. 



Potential 
[V vs. Fc/Fc + ] 


were observed [50, 51]. Under these con- 
ditions, assigning a particular wave to a 
given isomer was difficult or impossi- 
ble. In recent years, advances in separa- 
tion methods have allowed the isolation 
of individual isomers for electrochem- 
ical studies and for derivatization [44, 
50-57]. Thus, a compilation of reduction 
potentials of the pristine higher fullerenes 
and some of the most notable endohe- 
dral metallofullerenes studied thus far is 
presented in Tables 5-8. Oxidation poten- 
tials, along with the corresponding values 
of the HOMO-LUMO gaps in solution, 


are presented in Table 9. Individual cases 
are discussed in the following, according 
to cage size and isomer symmetry. On 
the basis of some of these electrochem- 
ical measurements, it has been recently 
suggested that among all stable fullerenes 
there exist two distinct types with dif- 
ferent electronic structures: those with 
evenly spaced reductions like C 6 o and 
C 70 , and those whose reductions are not 
evenly spaced like C 78 and Cs 2 (see Fig. 4). 
A correlation between electronic differ- 
ences and endohedral metallofullerene 
formation has been proposed [58]. 


Tab. 5 Half-wave reduction potentials (in V vs. Fc/Fc + ) of C 76 using various solvents, supporting 
electrolytes, and temperatures 


Solvent a 

Supporting 

Temperature 

Ei 

e 2 

e 3 

e 4 

e 5 

Eg References 


electrolyte 

rq 







C 76 PhCN 

TBABF 4 

RT 

— 0.76 b 

— 1 .1 9 a 

— 1 ,72 a 

— 2.06 b 


59 


ppN+cr 

n/r c 

-0.78 

— 1.16 

— 1 .70 



61 

DCM 

tbabf 4 

RT 

-0.79 

— 1.12 

— 1.57 



59 


TBAPFe 

RT 

-0.83 

-1.15 

-1.64 

- 2.01 


44 

ODCB 

TBAPFe 

n/r c 

- 1.00 

-1.30 

-1.76 

-2.15 


37 

TCE 

TBAPFe 

RT 

-0.83 

-1.12 




60 


PPN+cr 

n/r c 

-0.91 





61 

PhMe 

/MeCN 

TBAPF 6 

-15 

-0.83 

-1.1 7 d 

— 1 . 68 d 

— 2 . 1 0 d 

— 2.61 d 

— 3.04 d - e 50 


a See Table 2 for solvent abbreviations. 

b Scan rate = 1 V s' 1 . 

c Not reported. 

d Scan rate = 2 Vs -1 . 

e May be irreversible. 
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Tab. 6 Half-wave reduction potentials (in V vs. Fc/Fc + ) of C 7g using various solvents, supporting 
electrolytes, and temperatures 


Solvent 3 Supporting Temperature £1 £2 £3 £4 £5 £6 References 

electrolyte [°C] 


C 7 g TCE 

TBAPFe 

RT 

-0.77 

-1.08 


60 

TCE 

PPN+CI - 

n/r b 

-0.79 

-1.13 


61 

PhCN 

PPN+CI- 

n/r b 

-0.64 

-1.06 


61 

C 2l ,-C 7 8 dcm 

TBAPEe 

RT 

-0.70 

-1.04 -1.72 

-2.07 

44 

PhMe 

TBAPFe 

-15 

— 0.72 c 

— 1 ,08 c — 1 . 79 c 

— 2.1 8 C — 2.45 c — 2.73 c 

50 

/MeCN 
D 3 -C 7g DCM 

TBAPFe 

RT 

-0.64 

— 0.94 -1.70 

-2.05 

44 


a See Table 2 for solvent abbreviations. 
b Not reported. 
c Scan rate = 2 V s _1 . 


Tab. 7 Half-wave reduction potentials (in V vs. Fc/Fc + ) of C g2 and its endohedral metalloderivatives 
using various solvents and supporting electrolytes 



Solvent 3 

Supporting 

electrolyte 

El 

£2 £3 

e 4 

Es 

Ee 

References 

c 82 b - c 

ODCB 

TBAPFe 

-0.69 

-1.04 -1.58 

-1.94 



58, 73 


Pyridine 

TBACIO4 

-0.47 

-0.80 -1.42 

-1.84 



70 

La@C g2 -A 

ODCB 

TBAPFe 

-0.42 

-1.37 -1.53 

-2.26 

-2.46 


73, 74 

La@C 82 -B 

ODCB 

TBAPFe 

-0.47 

— 1 ,40 d 

-2.01 

-2.40 


74 

Pr@C 82 -A 

ODCB 

TBAPFe 

-0.39 

— 1 .35 -1.46 

-2.21 



67, 69 

Pr@C 82 -B 

ODCB 

TBAPFe 

-0.48 

— 1.39 d 

-1.99 



67, 69 

Y@C 82 -A 

ODCB 

TBAPFe 

-0.34 

— 1 ,34 d 

-2.22 

-2.47 


74 

Ce@C 82 

ODCB 

TBAPFe 

-0.41 

— 1 .41 -1.53 

-1.79 

-2.25 

-2.50 

73 

Ga@C 82 

ODCB 

TBAPFe 

-0.39 

— 1 ,38 d 

— 2.22 d - e 

-2.47 


73 


PhMe/MeCN f 

TBAPFe 

-0.25 

— 1 ,25 d -2.05 

-2.17 

-2.35 

-2.58 

72 

Sm@C 82 

PhMe/MeCN f 

TBAPFe 

-0.28 

-0.63 -1.52 

-1.88 

-2.03 

-2.328 

72 

Sc 2 @C g2 (III) 

Pyridine 

TBACIO4 

— 0.87 d 

— 1.29 d — 1 ,85 e 




58 

Sc 2 @C g2 (l) h 

Pyridine 

TBACIO4 


— 1.26 d -1.88 




58 

Eu 2 @C g2 (III) Pyridine 

TBACIO4 

-0.87 

-1.26 




58 


a See Table 2 for solvent abbreviations. 
b Major isomer of C2 (a) symmetry. 
c Scan rate = 20 mV s -1 . 
d Two-electron process, 
irreversible. 
f Conducted at — 10°C. 

^Unexplained unusual peak height. 
^Impure sample. 
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Tab. 8 Half-wave reduction potentials (in V vs. Fc/Fc + ) of C 8 4 using various solvents, supporting 
electrolytes, and temperatures 



Solvent a 

Supporting 

electrolyte 

El 

E 2 

E3 

E 4 

Es E 6 

References 

C 84 b 

PhCN 

TEAPF 6 

- 0.63 

- 0.95 

- 1.28 

- 1.58 

- 1.87 

50 


TCE 

tbapf 6 

- 0.67 

- 0.96 

- 1.27 



60 


PhMe/MeCN 

TBAPFg 

- 0.67 

- 1.00 

- 1.34 

- 1.72 

- 1.99 

51 

D 2 -C 84 (IV) 

Pyridine 

TBACIO 4 

- 0.65 

- 0.98 

- 1.34 

- 1.75 


53 



TBAPF 6 

- 0.56 

- 0.88 

- 1.24 

- 1.67 


54 


PhCN 

PPN+CI - 

- 0.60 

- 0.96 

- 1.37 

- 1.60 

- 1.77 

78 


TCE 

TBAPFg 

- 0.78 

- 1.06 




78 


ODCB 

TBAPFg 

- 0.74 

- 1.03 

- 1.36 

- 1.71 


37 

D 2 4-C 84 (II) 

Pyridine 

TBAPF 6 

- 0.55 

- 0.86 

- 1.20 

- 1.59 

- 2.40 

54 


PhCN 

PPN+CI- 

- 0.61 

- 0.96 

- 1.33 

- 1.63 


78 


TCE 

TBAPFg 

- 0.79 

- 1.10 




78 

c 2 - c 84 (IV) 

Pyridine c 

TBAPPFe 

- 0.42 

- 0.73 

- 1.46 

- 1.90 


54 


Pyridine^ 

TBACIO 4 

- 0.46 

- 0.77 

- 1.58 

- 1.98 

- 2.27 

53 


PhCN 

PPN+CI- 

- 0.28 

- 0.63 

- 1.46 



78 


TCE 

TBAPF 6 

- 0.59 

- 0.90 




78 

D24-C84 ( 1 ) 

PhCN 

ppn+ci- 

- 0.64 

- 0.98 

- 1.37 



78 


TCE 

tbapf 6 

- 0.94 





78 

Cs-C 84 ( b ) 

PhCN 

ppn+ci- 

- 0.43 

- 0.79 




78 


TCE 

tbapf 6 

- 0.77 





78 

D 2 -C 84 (II) 

PhCN 

ppn+ci- 

- 0.46 

- 0.80 

- 1.15 

- 1.51 


78 


TCE 

TBAPFg 

- 0.79 

- 1.10 




78 


a See Table 2 for solvent abbreviations. 

^Mixture of two major isomers, D 2 — Cs 4 (IV) and D 2 rf— Cs 4 (II)- 

c The “new isomer” in Ref. 54 is now presumed to be the C 2 (IV) isomer, see Ref. 78. 
d Redox potentials for the D 2 d isomer in Ref. 53 have been reassigned to the C 2 -b isomer. See Ref. 54 
for details. 


6.1 .3.1 Reduction and Oxidation of C 76 

Only one structure of C76 has a closed-shell 
configuration. It possesses D2 symmetry 
and is therefore chiral [48]. Its two enan- 
tiomers, C76 and ent-C-?(, are normally 
isolated as a 1:1 racemic mixture. Four 
reversible reduction couples correspond- 
ing to 0/-1, -1/-2, —2/— 3, and —3/— 4 
can be observed by CV in PhCN, DCM, 
and ODCB (see Table 5) [37, 59], Six 
evenly spaced waves have been detected 
in a 4:1 (v/v) PhMe/MeCN mixture at 
— 15 °C, but the sixth reduction is ob- 
served at the limit of the solvent potential 
window and appears to be irreversible 


[50]. In TCE, only the first two reduction 
waves are detected by OSWV. However, 
this solvent allows the calculation of the 
HOMO-LUMO gap in solution because 
a reversible first oxidation wave, 0/+1, is 
observed when using TCE (see the fol- 
lowing) [60]. Note that the first reduction 
potentials for C76 in all four solvents are 
100-200 mV more positive than the cor- 
responding ones for C60 (see Table 2). 
Considering the higher electron affinity of 
C76 (see Table 1), this is not an unexpected 
result. One reversible oxidation wave is 
observed in DCM [44], while in TCE, two 
oxidation waves are observed [60, 61]. The 
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Tab. 9 Half-wave oxidation potentials (in V vs. Fc/Fc + ) and HOMO-LUMO gap in solution of the 
higher fullerenes 



Solvent a 

Supporting 

electrolyte 

Ei ox 

e 2 0X 

<El“ - Ef ed ) 

References 

C76 

TCE 

TBAPFe 

+0.81 

+ 1 ,30 b 

1.64 

60 


DCM 

TBAPFe 

+0.84 


1.67 

44 


ODCB 

TBAPFe 

+0.73 


1.73 

37 

C2V-C78 

TCE 

TBAPF 6 

+0.95 

+ 1.43 

1.72 

60 


PhMe/MeCN 

TBAPFe 

+0.90 b 


1 ,62 c 

50 

D3-C78 

TCE 

TBAPFe 

+0.70 

+ 1.17 

+ 1.47 

60 


DCM 

TBAPFe 

+0.74 


+1.38 

44 

C 8 2 d ’ e 

ODCB 

TBAPFe 

+0.72 


1.41 

58, 73 

La@Cg2-A 

ODCB 

TBAPFe 

+0.07 

+ 1.07 b 

0.49 

73, 74 

La@Cg2-B 

ODCB 

TBAPFe 

-0.07 

+ 1.08 b 

0.40 

74 

Pr@C 82 -A 

ODCB 

TBAPFe 

+0.07 

+ 1.08 b 

0.46 

67 

Pr@Cg2-B 

ODCB 

TBAPFe 

-0.07 

+ 1.05 b 

0.41 

67 

y@c 82 -a 

ODCB 

TBAPFe 

+0.10 

+ 1.07 b 

0.44 

74 

Ce@C 82 

ODCB 

TBAPFe 

+0.08 

+ 1 ,08 b 

0.49 

73 

Ga@C 82 

ODCB 

TBAPFe 

+0.09 

+ 1.08 b 

0.48 

73 


PhMe/MeCN f 

TBAPFe 

+0.20 


0.45 

72 

C 8 4 g 

TCE 

TBAPFe 

+0.93 


1.60 

60 

D 2 -C 84 (IV) 

ODCB 

TBAPFe 

+0.88 


1.62 

37 

C 2 -C 84 (IV) 

TCE 

TBAPFe 

+0.88 


1.47 

78 

D 2d ~Cs4 (1) 

TCE 

TBAPFe 

+0.91 


1.85 

78 

Cs-Cjm (b) 

TCE 

TBAPFe 

+0.86 


1.63 

78 

D 2 -C 84 (II) 

TCE 

TBAPFe 

+0.89 


1.68 

78 


a See Table 2 for solvent abbreviations. 

^Irreversible. 

Calculated from data in Ref. 50 . 
b Major isomer of C 2 (a) symmetry. 
e Scan rate = 20 mV s _1 . 
f Conducted at — 10 °C. 

^Mixture oftwo major isomer, D2-Q4 (IV) and D2rf-Cg4 (II). 


first one is chemically reversible and elec- 
trochemically quasireversible. It occurs at 
+0.81 V, making C 76 about 450 mV easier 
to oxidize than Cgo- The second oxidation 
in TCE occurs at +1.30 V, but it is chemi- 
cally irreversible (see Table 9). Others have 
reported chemically irreversible first and 
second oxidations in various solvents such 
as PhMe/MeCN mixtures, DCM, andTHF 
under different conditions of temperature 
and/or supporting electrolyte [50, 59]. 


6.1 .3.2 Reduction and Oxidation of C 7 g 

There are five possible constitutional 
isomers of C 78 whose structures possess 
closed-shell electronic configurations [15, 
62]. The two most abundant of these, 
C 2 V-C 78 and D 3 -C 78 have been studied 
extensively by CV and OSWV. In the 
first study carried out at — 15 °C in 
PhMe/MeCN, the C 2 V isomer displays six 
one-electron reductions, with the sixth 
one being irreversible. All waves are 
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evenly spaced with an average potential 
separation of 325 ± 59 mV, except for 
a larger separation of 710 mV observed 
between the second and third redox 
couples (see Table 6 ). One irreversible 
oxidation step is also observed under the 
above conditions (see Table 9) [50]. 

An isomeric mixture of the C 2 V and D 3 
isomers in TCE displays only two one- 
electron reduction waves by OSWV. The 
waves correspond to the 0/— 1 and — 1/— 2 
redox processes and overlap at —0.77 and 
— 1.08 V vs. Fc/Fc + [60]. The anodic scan, 
however, shows four oxidation waves, 
consisting of two pairs of consecutive 
small and large waves. Each pair has 
been assigned, on the basis of their 
current:intensity ratio, to the two isomers 
in the mixture, which exist in a 1:5 
ratio of C 2 +D 3 -C 78 (see Table 9) [62]. The 
assignment of D 3 -C 78 as the easier to 
oxidize isomer is in agreement with the 
previously calculated HOMO energies for 
the two isomers [63]. 

In another study involving C 78 , a pure 
sample of the C 2 v isomer was pre- 
pared using the cyclopropanation-retro- 
cyclopropanation reaction sequence [44, 
64]. This reaction scheme consists of a 
controlled potential electrolytic (CPE) re- 
duction of a previously synthesized cyclo- 
propane derivative of the isomer, leading 
to removal of the cyclopropane moiety(s), 
(see Sect. 6.1.5). A pure sample of the 
D 3 isomer was obtained by high perfor- 
mance liquid chromatography (HPLC) as 
previously described [49, 65]. The redox 
behavior of both isomers, in DCM at room 
temperature, reveals that their cathodic 
electrochemistry is indeed very similar 
(although not identical) in this solvent 
[44]. The first two reductions are easier 
for the D 3 isomer by 60 and 100 mV, 
respectively, while the third and fourth 
reductions are nearly identical for the two 


isomers. Partial confirmation of the an- 
odic results in TCE was also obtained. 
A reversible one-electron oxidation is ob- 
served at +0.74 V for the D 3 isomer in 
DCM (see Table 9). However, neither the 
second oxidation for the D 3 isomer nor the 
two oxidations for the C^y isomer were ob- 
served because of limitations in the solvent 
potential window. 

6.1 .3.3 Reduction and Oxidation of Cs 2 

The C 82 fullerene is considered the proto- 
typical cage to form endohedral metallo- 
fullerenes. In fact, a molecule consisting 
of a Lanthanum atom inside an 82-carbon 
cage, denoted La@C 82 , was detected and 
produced in macroscopic quantities be- 
fore the pristine cage was isolated [5, 
66]. Other metals (M) such as Ca, Sc, Y, 
Ga, and several lanthanides have been 
trapped inside Cs 2 as well, and in some 
cases more than one isomeric structure 
of the particular M@C 82 has been iden- 
tified [21, 58, 67-69]. Furthermore, a few 
bi- and trimetallic endohedrals, M 2 @Cs 2 
and M 3 @C 82 , have also been prepared [58, 
70]. Some of these compounds, along with 
the pristine Cs 2 cage have been studied 
electrochemically [21, 58, 67-74]. Incorpo- 
ration of a metal atom inside Cs 2 increases 
the EA of the carbon cage [17], and con- 
sequently, reduction potentials are much 
more positive for endohedral Cs 2 com- 
pounds than for the empty fullerene by 
an average of 275 mV (see Table 7). In 
addition, the first reversible oxidation of 
M@C 82 occurs at potentials very close to 
that of the oxidation of ferrocene, mak- 
ing these compounds moderate electron 
donors (see Table 9) [70]. 

Of notable importance here is the fact 
that although there are nine possible stable 
isomers of Cs 2 , 13 C NMR measurements 
combined with theoretical calculations 
have shown that only one isomer with 
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C 2 symmetry, the C2(a) isomer, is the [67, 74, 77]. Thus, a direct comparison 
most stable and the one produced as of redox potentials between empty C 8 2 
the empty cage [75, 76]. However, it has (C2 symmetry) and endohedral C 8 2 (C2 y 
been shown that formation of endohedral and C s symmetries) is unfair considering 
metallofullerenes involves electron trans- cage symmetry differences. At the present 
fer from the HOMO of the incorporated time, and probably due to their instability 
metal to the LUMO of the cage [70], For as empty cages, the C2 V , and C s isomers 
example, in La@C 8 2, the La atom is in of C 8 2 have not been isolated; thus, their 
the +3 state, while the cage is in the -3 redox behavior is unknown, 
state, which gives a formal charge state 

of La+ 3 @C 82 “ 3 [70], This transfer of elec- 61 3 4 Reduction and Oxidation of C 84 

trons changes the electronic structure and c 84 can be any of 24 stable isomers that 
consequently the relative stability of the sat i s f y t h e “isolated pentagon rule” [4, 6] 
carbon cage [77]. Thus, the most favor- an( j possess closed-shell electronic con- 
able cage for endohedral formation is not figurations [15], Before successful HPLC 
the C2(a) isomer of C 8 2 because negative separation and characterization of major 
charges on the C 8 2 spheroid change dra- and some minor isomers was achieved [53, 
matically the order of relative stability of 55, 56], electrochemical studies of C 84 in- 
the different isomers [77]. Recently, two volved a mixture of its two major isomers, 
isomers of La@C 82 have been extracted D 2 (IV) and D 2 d (II), which at the time could 
and isolated, La@C 8 2-A and La@C 8 2-B, only be isolated as a 2 : 1 mixture [50, 51, 
and their symmetry has been determined 60], In solvents such as pyridine, PhCN, 
by 13 C NMR as C 2v and C s , respectively and DMF/PhMe, the mixture displayed 
[68]. These results confirm prior calcu- multiple redox waves, making assignment 
lations of relative energies of the C 8 2 3- difficult. In the first OSWV study of the 
and C 8 2 2- , which clearly demonstrate that separated isomers, D2-C 84 (IV) displayed 
the C 2 (a) isomer is significantly destabi- four one-electron evenly spaced reductions 
lized upon reduction, while the C2 V and in pyridine (see Table 8 and Fig. 5) [53]. 
C s isomers become much more stable However, the reduction potentials of the 
upon reduction to the di- and trianion [77]. isomer reported as D2(/(II) in that same 
Similar conclusions have been reached for study are now believed to correspond to 
isomers of Pr@C 8 2, Sc@C 8 2, and Y@C 8 2 one of the minor isomers of C 84 , the C2 (IV) 
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[V vs. Fc/Fc] 


Fig. 5 Square-wave 
voltammograms for D 2 -Cs 4 
with sequential, approximately 
evenly spaced reductions. 
Reprinted with permission from 
Ref. 58. Copyright © 2000 
Elsevier. 
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isomer [54, 78], and it is reported as such 
in Table 8. 

In a later study, the cyclopropanation- 
retro-cyclopropanation reaction sequence 
(Bingel-retro-Bingel) mentioned earlier 
was used to isolate the two major constitu- 
tional isomers plus a minor isomer of Cs4 
[54]. The redox properties of these isomers 
were investigated in pyridine by OSWV. 
Four reduction peaks were observed for 
the D2 (IV) isomer during the cathodic 
scan and five for the D2^(II). Interestingly, 
values for the peak reduction potentials 
of these major isomers were similar, and 
successive reductions were evenly sepa- 
rated by about 360 mV. The fourth and 
fifth waves of the D2^(IV) isomer were, 
however, separated by 810 mV, and no 
fifth wave was observed for the D2 (II) iso- 
mer within the solvent potential window. 
These results indicate that the LUMOs of 
both isomers are nearly doubly degener- 
ate, but the LUMO + 1 is much higher 
in energy in both cases. Two important 
features are noteworthy for the third (mi- 
nor) isomer obtained in that study, which 
is now presumed to be the C2-Cs4(IV) 
based on recent results [78], First, a large 
gap of 730 mV is observed between the sec- 
ond and third reduction waves indicating 
that the LUMO is nondegenerate. In other 
solvents, this gap is as large as 810 mV 
(seeTable 8). Second, at potentials ranging 
from —0.28 to —0.50 V depending on the 
solvent, this isomer is the easiest to reduce 
of all members of the fullerene family, 
making it an excellent candidate for the 
preparation of charge-transfer complexes 

[79]- 

Other minor isomers of Cs4 have also 
been successfully isolated, and their redox 
behavior studied in different solvent [78]. 
These results are also presented in Tables 8 
and 9. 


The best solvent to obtain reversible 
oxidation waves of fullerenes has been, 
undoubtedly, TCE [60, 78]. One reversible 
oxidation has been observed for all iso- 
mers of C84 studied so far. Oxidations 
are irreversible in pyridine and in PhCN 
[53, 54, 78]. Oxidation potentials along with 
HOMO - LUMO gaps in solution for all the 
higher fullerenes are presented in Table 9. 
Note that the higher fullerenes have a 
smaller experimental HOMO-LUMO gap 
than C60 and C70, and these experimen- 
tal values correlate well with theoretical 
predictions [60, 78]. 

6 . 1.4 

Electrochemistry of C^q Derivatives 

The covalent chemistry of fullerenes has 
developed very rapidly in the past decade 
in an effort to modify fullerene proper- 
ties for a number of applications such as 
photovoltaic cells, infrared detectors, opti- 
cal limiting devices, chemical gas sensors, 
three-dimensional electroactive polymers, 
and molecular wires [8, 25, 26, 80-82]. 
Systematic studies of the redox properties 
of C60 derivatives have played a cru- 
cial role in the characterization of their 
unique electronic properties, which lie at 
the center of these potential applications. 
Furthermore, electrochemical techniques 
have been used to synthesize and sepa- 
rate new fullerene derivatives and their 
isomers as well as to prepare fullerene 
containing thin films and polymers. In 
this section, to facilitate discussion of their 
redox properties, C60 derivatives have been 
classified in three groups on the basis 
of the type of attachment of the addend 
to the fullerene. In group one, the ad- 
dends are attached via single bonds to 
the C60 surface as shown in Fig. 6(a) 
and are referred to as singly bonded func- 
tionalized derivatives. The group includes 
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Singly bonded functionalized derivatives 


R R R R 



R R 


R = H, Alkyl group 8 , F b R = alkyl group a,c 

a Alkyl groups may be at 1 ,2- or a 1 ,4-position 

b Fluorofullerenes are actually multifluorinated 

c The second set may be at other positions within the fullerene 

(a) 


Cycloaddition products 



A, D, J = C, N, O, Si, or R R = any functional group 
(b) 

Cyclopropanated derivatives 



A = C-R 2 , N-R, O, transition metal — R 2 
R = H or any functional group 

(c) 

Fig. 6 Classification of C 60 derivatives. Reprinted with 
permission from Ref. 83. Copyright © 2000 John Wiley & 

Sons, Inc. 

the hydrofullerenes, the alkylfullerenes, a cycloaddition reaction results in the 
and the fluorofullerenes among others, formation of four-, five-, or six-membered 
Group two, referred to as cycloaddition rings. The ring may be heterocyclic 
products, includes derivatives for which (see Fig. 6b). The third group contains 




derivatives in which a cyclopropane ring 
serves as the point of attachment to the 
fullerene surface. These are referred to as 
cydopropanated derivatives, and the group 
includes methanofullerenes, fulleroids, 
iminofullerenes, fullerene epoxides, and 
transition metal derivatives (see Fig. 6 c). 

6. 1.4.1 Singly bonded Functionalized 
Derivatives of Cgo 

6. 1.4. 1.1 Hydrofullerenes Only two hy- 
drogenated derivatives of C 6 o have been 
characterized electrochemically: the dihy- 
drofullerene, C60H2, and a multihydro- 
genated derivative, C60H36. Reduction of 
dihydrofullerene (C60H2) is generally char- 
acterized by potentials that are 70-140 mV 
more negative than the corresponding 
ones for C60 [ 84 - 86 ]. At room tempera- 
ture and fast scan rates (2 V s -1 ), up to 
four reversible one-electron reductions are 
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observed in PhMe/MeCN (see Table 10 ). 
However, at slower scan rates, decom- 
position results in the formation of the 
parent C60 and the release of H2. When 
reduction is carried out at — 50 °C, two 
one-electron, reversible reductions are ob- 
served in PhMe/DMF, which correspond 
to C60H2 - and C60H2 2- . Further reduc- 
tion to the tri- and tetra-anions results once 
again in decomposition with formation of 
C 6 o 3- and C 6 o 4- . 

Two chemically irreversible, multielec- 
tron oxidation steps are observed in PhCN 
at (peak potential) + 1.13 and + 1.35 V vs. 
Fc/Fc + for C60H2. Irreversibility persists 
even at scan rates up to 8 V s _1 . The first 
oxidation is consistent with the loss of two 
protons and two electrons from C60H2 
to form C 6 o- The second oxidation has 
been attributed to the formation of C 6 o + , 
since the peak potential for that step is 
in good agreement with other reported 


Tab. 10 Half-wave redox potentials (in V vs. Fc/Fc + ) of hydrofullerene derivatives using various 
solvents supporting electrolytes and temperatures 



Solvent a 

Supporting Temperature 
electrolyte [°C] 

Ei ox Ei red E 2 red E 3 red E/ ed 

References 

Qo 

PhMe/DMF 

TBACIO 4 

-50 

-0.89-1.34-1.90 -2.40 

85 

Q 0 H 2 

PhMe/DMF 

TBACIO 4 

-50 

-1.02-1. 46 -2.07 b -2.59 b 

85 


PhCN/MeCN c ' d 

TBAPF 6 

RT 

-1.05-1.44-1.99 -2.36 

84 


PhCN cd 

TBAPFg 

RT 

+1 .1 3 e f -1.04 -1.43 -2.01 

84 


DCM c,d 

TBAPF 6 

RT 

-1.11 -1.57-2.18 

84 

Qo 

PhMe/DMSO 

TBAPF 6 

+2 

-1.00-1.46-2.01 

86 

Q 0 H 2 

PhMe/DMSO 

TBAPF 6 

+2 

-1.14-1.57-2.18 

86 

Q 0 H 36 

THF 

TBAPF 6 

+ 14 

-3.24 

87 




-38 

-3.18 

87 


DCM 

TBAPF 6 

-47 

+ 1 . 22 e,f 

87 


MeCN 

TBAPF 6 

-28 

+1 .25 e,f 

87 


a See Table 2 for solvent abbreviations. DMSO = dimethylsulfoxide. 

^Product decomposes to the corresponding C 60 anion. 
c Scan rate >1 .0 V s _1 . 

^Compare potentials to those of C 60 in this solvent reported in Table 2, Ref. 32. 

irreversible. 

f Peak potential. 
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values under similar conditions (see also 
Table 4) [84], 

The highly hydrogenated derivative, 
C 60 H 36 displays only one reversible re- 
duction in THF, which appears to involve 
two electrons [87]. Reductions are observed 
at —3.24 and —3.18 V vs. Fc/Fc + when 
the voltammetry is conducted at +14 and 
— 38 °C respectively. These highly nega- 
tive potentials approach the value for the 
reduction of benzene (see Table 10), and 
support the notion that as fullerene double 
bonds become saturated, reduction be- 
comes more difficult. No oxidation was 
obtained in THF, but the compound ox- 
idizes irreversibly in DCM and MeCN at 
+1.22 and +1.25 V vs. Fc/Fc + at —47 and 
— 28 °C respectively. 

6. 1.4. 1.2 Alkylfullerenes The original 
alkylfullerenes prepared by Kadish and 
coworkers have the general formula C 60 R 2 
(dialkylfullerenes) (see Fig. 7) and C 60 R 4 
(tetraalkylfullerenes) and were studied by 
CV or DPV. C 60 R 2 exist as either 1,2 or 1,4 
isomers, while many more isomers exist 
for C 6 oR 4 - In most cases, dialkylfullerenes 
exhibit three reversible reduction waves 
that are 90-150 mV more negative than 
the corresponding ones for pure C 60 , and 
no significant effect in the reduction po- 
tential is observed by changing the alkyl 
group (see Table 11) [88-93]. The first 



reduction potentials of 1,2 and 1,4 iso- 
mers are the same within experimental 
error, but the second and third reduc- 
tions differ by 50 mV, with the 1,2 isomer 
being easier to reduce [90]. The tetraalkyl- 
fullerenes are ca. 140 mV more difficult 
to reduce than the dialkyl derivatives and 
ca. 260 mV more difficult to reduce than 
the parent Cgo- A pentaphenylfullerene 
has also been studied by CV, and its 
first reduction occurs at a potential that 
is ca. 500 mV more negative than that of 
C 60 in the same solvent, supporting elec- 
trolyte and temperature [94]. Apparently, 
as the fullerene cage becomes increas- 
ingly functionalized, reductions become 
more difficult, since each sequential loss 
of a double bond induces a cathodic shift 
[91]. Evidence for the latter has been ob- 
tained in studies involving mono- through 
hexakis-methano adducts of C 60 [95]. Inter- 
estingly, decomposition of alkylfullerenes 
to the parent C 60 upon electrochemical 
reduction has not been reported, indi- 
cating that their anions are more stable 
than those of hydrofullerenes. In fact, 
a pA" a of 5.7 has been determined for 
+BuC6oH, a value that makes this alkyl- 
fullerene one of the strongest acids made 
up of only carbon and hydrogen, and con- 
sequently its conjugate anion, f-BuC6o - , 
one of the most stable hydrocarbon anions 
[92, 93], 


(3a): R = H 
(3b): R = fert-Bu 
(3c): R = cyclopropyl 


Fig. 7 Selected alkylfullerenes 
(3a-c). 
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Tab. 11 Half-wave redox potentials (in V vs. Fc/Fc + ) of alkylfullerene derivatives using various 
solvents supporting electrolytes and temperatures 



Solvent 3 Supporting 
electrolyte 

Temperature 

t°c 1 

El ox 

Ef ed E 2 red E} red ^ red 

References 

Qo (CH 3 ) 2 

PhCN b 

TBACIO 4 

25 


— 1 ,03 c —1 ,45 c — 2.00 c 

88 

l,2-C 60 (PhCH 2 )2 

PhCN b 

TBACIO 4 

RT 


— 0.96 c — 1 .3 7 C — 1 ,89 c 

89, 90 

1 ,4-Q 0 (PhCH 2 ) 2 

PhCN b 

TBACIO 4 

RT 


— 0.97 c —1 ,42 c — 1 ,94 c 

89, 90 

Qo (QHs ) 2 

PhCN b 

TBACIO 4 

RT 


— 1 ,00 c —1 ,43 c 

91 

Qo (QHg ) 2 

PhCN b 

TBACIO 4 

RT 


—0.99° —1 ,39 c 

91 

Qo (CH 3 ) 4 

PhCN b 

TBACIO 4 

n/r d 


— 1 .1 7 C — 1 ,57 c 

91 

Qo (n-QH 9)4 

PhCN b 

TBACIO 4 

n/r d 


— 1 .1 4 C —1 ,55 c 

91 

t-BuQoH 

THF b 

n/r d 

n/r d 


-1.01 -1.57 -2.18 

92 

Qo 

ODCB 

TBAPFe 

n/r d 

+1.37 e 

-1.09 -1.48 -1.93 -2.42 

93 

t-BuQoH 

ODCB 

tbapf 6 

n/r d 

+1.43 e 

-1.22 -1.59 -2.13 

93 

(3a) f 

ODCB 

TBAPFe 

n/r d 

+1.36 

-1.18 -1.56 -2.06 

93 

(3b) f 

ODCB 

TBAPFe 

n/r d 

+1.41 

-1.19 -1.59 -2.09 

93 

(3c) f 

ODCB 

TBAPFe 

n/r d 

+1.38 

-1.20 -1.58 -2.10 

93 

QoPhsH 

THF b 

TBACIO 4 

-78 


-1.45 -2.10 

94 


a See Table 2 for solvent abbreviations. 

^Compare potentials to those of Qo in this solvent reported on Table 2, Ref. 32. 

c Ei /2 recalculated from the original data using the reported value for Fc/Fc + in 0.1 M 

TBACI 04 /PhCN solution of —0.45 V vs. SCE, which appears in Ref. 37. 

d Not reported. 

irreversible. 

f See Fig. 7. 


6. 1.4. 1.3 Fluorofullerenes Electron affi- 
nities of polyfluorinated C6o derivatives 
such as C60F48 and C60F46 are almost 
1.5 eV higher than those of the parent 
fullerene [96]. As expected, these com- 
pounds undergo their first reduction at 
potentials considerably more positive than 
those of pure C60 under similar condi- 
tions (see Table 12) [97-99]. For example, 
C60F48 undergoes a first, reversible, one- 
electron reduction at +0.79 V (vs. SCE). 
Its second reduction is irreversible, and 
formation of C60F48 2- is followed by a 
chemical process involving the loss of 
F“ and formation of C6oF47 _ . The latter 
species undergoes a reversible reduction 
to form C60F47 2- at +0.37 V (vs. SCE). 
Other polyfluorinated derivatives such 
as C60F18 and C6 qFI 36 undergo similar 


irreversible reduction processes under the 
same conditions, suggesting that the fluo- 
rine atoms are involved in the mechanism 
of the chemical reactions coupled to the 
electron transfer process [97, 100]. Some 
of these polyfluorinated compounds have 
been used as cathode materials on solid- 
state lithium cells [101]. 

6. 1.4. 1.4 Other Singly bonded Derivatives 

A few other derivatives of C60 bearing 
functional groups attached to the sphere 
via single bonds deserve mention here. 

One of these is C6oPhsCl, which was 
reported as the first derivative of C60 
to undergo two reversible one-electron 
oxidations, labeled Oi and O2 in Fig. 8(a) 
(see Table 12) [102]. Another striking 
feature of this compound involves its 
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Fig. 8 (a) Multiple-scan CV curve of a 

0.5 mM CeoPhsCI, 0.05 M 
Bu4NPF6-CH2Cl2 solution. 

Scan rate = 0.5 V s -1 ; T = — 50°C; the 
working electrode is platinum. The 
initial scan starts anodically and the 
successive scans are performed without 
the renewal of the diffusion layer, (b) A 
limited region of scan (a) that excludes 
the B, Oi, O 2 , and III processes. 

(c) Digitally simulated CV curve of scan 
(b) according to the mechanism 
outlined in the text. Reprinted with 
permission from Ref. 102. Copyright © 
2000 American Chemical Society. 



E 


(b) [V] 



0.5 0.0 -0.5 -1.0 -1.5 -2.0 
E 

(c) [V] 


behavior upon reductive/oxidative cycling. 
In the cathodic scan, three reductions 
are observed, labeled I, II, and III, but 
notably the first one is an irreversible, 
two-electron reduction, observed at —1.05 
(vs. SCE). If a successive anodic scan is 


run, two additional irreversible oxidation 
peaks, labeled A and B in Fig. 8(a), are 
detected. However, reversing the scan 
immediately after A to exclude B, Oi, 
and O2, makes A reversible (see Fig. 8b). 
Backed by digital simulations (Fig. 8c) 
and by analogy with the behavior of 
C60PI15H [94], the authors suggest that 
the compound breaks into a Cl - and a 
C 60 Ph 5 “ anion upon reduction at this 
potential. The individual fragments then 
undergo separate irreversible reoxidation 
processes and appear to reassemble into 
the original molecule as shown in Sch. 1. 

Komatsu and coworkers prepared 1- 
octynyl-C6o, (4), reduced it chemically 
using r-BuOK, and observed the re- 
dox properties of the resulting anion, 
(4~), by CV (see Table 12) [103]. A one- 
electron irreversible oxidation is observed 
at —0.39 V (vs. Fc/Fc + ), and the corre- 
sponding reduction is shifted to —1.20 V. 
The authors have proposed that this 
large negative shift of the cathodic peak 
(A pp = 0.81 V) is due to a chemical pro- 
cess involving the formation of a dimer 
of the corresponding radical as shown in 
Sch. 2. 

The ferrocene -fullerene dyad, (5) (see 
Fig. 9), represents the first example of 
a fullerene-based dyad where the donor 
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1(1 st e) 

A 


Scheme 1 Mechanistic details 

— >■ C 60 Ph 5 CI 

k { -Ct 

II 

for the CV behavior of CgoPhsCI. 
Reprinted with permission from 
Ref. 102. Copyright © 2000 
„ American Chemical Society. 

C 6 oPh 5 ' 

A 

l(2 nd e) 

^6oP^5 - 

^ C 60 Ph 5 2 - 

cr 

B 

cr 



Hex 



Scheme 2 Electrochemistry of 
l-octynyl-C6o carbanion (4), 
including the formation of a 
dimer upon a one-electron 
oxidation. Reprinted with 
permission from Ref. 103. 
Copyright © 1 996 American 
Chemical Society. 



(ferrocene) and acceptor (fullerene) groups 
are connected via a single bond [104]. 
The main goal behind the concept of 
fullerene-based donor- acceptor dyads is 
to develop systems with unique elec- 
tronic and photophysical properties. To 
this end, effective coupling between two 
electroactive groups must be established 
in order to promote intramolecular en- 
ergy transfer or electron transfer, and/or 
to generate long-lived charge separated 
states. The CV of dyad (5) reveals two 
oxidation processes. The first one, oc- 
curring at +0.73 V (vs. Fc/Fc + ), is a 
reversible, ferrocene-based, one-electron 
process, while the second one, occurring 
at +1.47 V is irreversible and centered 
on the azafullerenyl nitrogen. The first 
oxidation is significantly positively shifted 


by 183 mV with respect to that of the 
parent ferrocene, (6). This indicates the 
existence of intramolecular charge trans- 
fer, ICT, from the ferrocene donor to 
the azafullerenyl acceptor. In addition, 
four successive, reversible, one-electron 
reductions are observed (see Table 12) 
with relatively constant potential separa- 
tion. The four reductions are fullerene- 
based and are shifted negatively by ca. 
50 to 57 mV with respect to those of the 
parent analog (7), again indicating the 
presence of intramolecular electronic in- 
teractions [104]. 

6 . 1.4. 2 Cycloaddition Products 

A wide variety of fullerene adducts have 
been synthesized by covalent addition 
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Fig. 9 Ferrocenyl hydroazafullerene (5), a singly bonded ferrocene-fullerene dyad, and 
reference compounds (6) and (7). 


across fullerene double bonds [25]. Cy- 
cloadditions and specially, Diels -Alder [8] 
and 1,3-dipolar [82] cycloadditions are the 
most commonly employed methods for 
the preparation of [60] fullerene deriva- 
tives bearing a five-, or a six-membered 
ring connection to the Cgo surface. 

In general, the redox properties of these 
derivatives also depend upon the number 
of addends linked to the Cgo cage, and with 
few exceptions they reduce at potentials 
within the range observed for all other 
derivatives of C6o [105]. 

One of the first studies of the 
electrochemical properties of cycloaddition 


products reported the electron-withdraw- 
ing effect of silicon and oxygen on the 
reduction potential of several fullerene 
derivatives (see Fig. 10 and Table 13) [106]. 
Although in all cases the presence of 
substituents shifts the first reduction to 
more negative potentials, the effect fol- 
lows the order Si > C > O, indicating that, 
as expected, oxygen has the strongest 
electron-withdrawing effect. This study 
inspired many researchers to pursue the 
preparation of C6o derivatives whose re- 
duction potential could be tuned by the 
use of different electron-withdrawing sub- 
stituents (see the following) [107-111]. 


Tab. 13 Half-wave reduction potentials at room temperature (in V vs. Fc/Fc + ) of 
representative examples of cycloaddition derivatives of C 60 with oxygen-, carbon- and 
silicon-containing groups 



Solvent 1 ^ 

Supporting 

electrolyte 

Ei 

Ei 

Ei 

References 

Qo 

ODCB 

TBAPF 6 

-1.13 

-1.50 

-1.95 

106 

(8) 

ODCB 

TBAPFg 

-1.23 

-1.58 

-2.11 

106 

(9) 

ODCB 

TBAPFg 

-1.23 

-1.60 

-2.14 

106 

(10) 

ODCB 

TBAPFg 

-1.21 

-1.57 

-2.11 

106 

(11) 

ODCB 

TBAPF 6 

-1.14 

-1.52 

-2.02 

106 

(12) 

ODCB 

TBAPFg 

-1.13 

-1.50 

-1.99 

106 

(13) 

ODCB 

TBAPFg 

-1.28 

-1.66 

-2.16 

106 

(14) 

ODCB 

TBAPFg 

-1.29 

-1.67 

-2.18 

106 


167 


a See Table 2 for solvents abbreviations. 
b Scan rate = 200 mV s -1 . 
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Fig. 10 Some representative examples of cycloaddition derivatives 
of C6o bearing oxygen-, carbon-, and silicon-containing groups. 


One other remarkable property of 
fullerenes and their derivatives is that they 
are very easily excited from the ground 
state to the singlet excited state by low 
energy light in the UV and visible re- 
gions. This singlet state is short lived 
(a few nanoseconds) as it rapidly con- 
verts to the much longer-lived triplet state 
(tens to hundreds of microseconds). The 
combination of this property with the 
high electron affinity of fullerenes re- 
sults in materials capable of photoinduced 
electron transfer [110]. In fact, upon irradi- 
ation, some fullerene derivatives efficiently 
give rise to a rapid charge separation 
followed by a slow charge recombina- 
tion in the dark [79]. Consequently, the 
search for systems with a more effi- 
cient and long-lived charge separation, 
and thus suitable for use in photovoltaic 


devices, has stimulated the investigation 
of the redox behavior of cycloaddition 
products of C6o containing either electron- 
donor or electron- withdrawing units. In 
the following sections, the electrochem- 
ical characteristics of these two types 
of cycloadducts will be described in de- 
tail. 

6. 1.4. 2.1 Cgo Electron-acceptor Cyclo- 
adducts A few examples of recently pre- 
pared cycloaddition products containing 
electron-withdrawing groups are shown 
in Fig. 11. Their corresponding redox 
potentials are listed in Table 14. 

In compounds (15), (16), and (17), at- 
tachment of cyano groups to the Cgo 
substituent has been carried out in an 
attempt to increase the electron affinity 
of the fullerene sphere. Indeed, the first 
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Ph 


Ph 

NL / 

ch 3 

N vJ 

N 


,n 



(\ 

Til 

(18a): R = C 6 H 5 
(18b): R = p-MeO-C 6 H 4 
(18c): R = p-N0 2 -C 6 H 4 


(19) 




( 21 ) 



(22a): R = H 
(22b): R = (CH=CH ) 2 
(22c): R = Br 


Fig. n Some selected cycloaddition derivatives of Cgo with more positive reduction 
potentials than unsubstituted Cgo- TEG = Triethylene glycol monomethyl 
ether (-CH 2 CH 2 OCH 2 CH 2 OCH 2 CH 2 OCH 3 ). 


reduction potential of (15) is positively these derivatives in PhMe/MeCN show 
shifted by 170 mV with respect to that four reduction waves, two of which are 
of pure C 60 [112]. (16) and (17) in- addend-based and the other two are 
corporate the electroactive tetracyano-p- fullerene-based. The first reduction of (16) 
quinodimethane (TCNQ) and dicyano-p- appears as a two-electron, reversible wave 
quinodimethane (DCNQI) substituents, at —0.38 V, and the first and third re- 
respectively. Consequently, the CVs of ductions of (17) appear as one-electron, 
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Tab. 14 Half-wave reduction potentials (in V vs. SCE, T = 25 °C) of some cycloaddition derivatives 
of Qo 



Solvent a 

Supporting 

electrolyte 

El 

El 

e 3 


Es 

e 6 

References 

05) 

CH2CI2 

TBAPFg 

-0.40 

-0.97 

-1.42 

- 

- 

- 

112 

(16) 

PhMe/MeCN 

TBACIO4 

— 0.38 b 

-0.65 

-1.06 

-1.67 

- 

- 

113 

(H) 

PhMe/MeCN 

TBACIO4 

— 0.32 b 

-0.64 

— 0.98 b 

-1.07 

- 

- 

113 

Qo 

ODCB/MeCN 

TBACIO4 

-0.59 

-0.99 

-1.48 

-2.05 

- 

- 

115 

(183) 

ODCB/MeCN 

TBACIO4 

-0.55 

-0.97 

-1.46 

-2.22 

- 

- 

115 

(18b) 

ODCB/MeCN 

TBACIO4 

-0.57 

-0.99 

-1.44 

-2.23 

- 

- 

115 

(18c) 

ODCB/MeCN 

TBACIO4 

-0.51 

-0.91 

-1.19 

-2.21 

- 

- 

115 

(19) 

ODCB/MeCN 

TBACIO4 

-0.68 

-1.09 

-1.64 

-2.22 

- 

- 

115 

Qo 

THF 

TBAPF 6 

-0.35 

-0.94 

-1.50 

-1.99 

-2.50 

- 

116 

(20) 

THF 

TBAPFe 

-0.29 

-0.79 

-1.34 

-1.84 

— 2.66 c 

—3.1 5 C 

116 

(21)-trans-1 

THF 

TBAPF 6 

-0.26 

-0.67 

-1.36 

-1.75 

— 2.42 c 

- 

116 

(21)-trans-2 

THF 

TBAPFg 

-0.27 

-0.74 

-1.53 

-1.93 

— 2.60 c 

- 

116 

(21 ) -cis-2 

THF 

TBAPFg 

-0.33 

-0.84 

-1.52 

-1.99 

— 2.67 c 

- 

116 

Qo 

PhMe/MeCN 

TBACIO4 

-0.60 

-1.00 

-1.52 

-2.04 

- 

- 

113, 117 

(22a) 

PhMe/MeCN 

TBACIO4 

— 0.51 b 

-0.68 

-1.17 

-1.74 

- 

- 

117 

(22b) 

PhMe/MeCN 

TBACIO4 

-0.63 

— 0.77 b 

-1.11 

— 1 .32 b 

- 

- 

117 

(22c) 

PhMe/MeCN 

TBACIO4 

—0.21 b 

-0.64 

-1.07 

— 1 .68 

- 

- 

117 


a See Table 2 for solvents abbreviations. 
b Addend-based reductions. 
c Data obtained at — 60°C. 

reversible waves, at —0.32 and —0.98 V 
respectively. These reductions are all 
addend-based [113]. However, the first 
C6o-based reductions of ( 16 ) and ( 17 ) oc- 
cur at potentials ca. 50 mV more positive 
than those of pure Cgo (shown under E 2 
in Table 14), suggesting that the cyano 
groups are too far removed from the 
sphere to induce any substantial effect 
on its reduction potential. Similar obser- 
vations of clearly separated addend-based 
and C6o-based electrochemistry have been 
obtained previously for other related dyads 
[83, 114], 

The electrochemical properties of cy- 
cloaddition derivatives of C 60 bearing 
pyrazolines such as (18a-c) (see Fig. 11) 
have been reported recently [115]. Their 
first reduction potential occurs 40-80 mV 


more positive than the corresponding one 
for pure C 60 , demonstrating an increase 
in the electron affinity of the C 60 chro- 
mophore (see Table 14). Interestingly, the 
analog compound, ( 19 ), bearing a pyrro- 
lidino rather than a pyrazolino substituent, 
is 90 and 130 mV more difficult to reduce 
than C 60 and (18a), respectively, suggest- 
ing that the presence of two heteroatoms 
as opposed to one in the attached ring may 
be responsible for the observed shift in 
potential. 

The observation of six fullerene- 
based reductions for a series of N- 
methylfulleropyrrolidinium iodide salts, 
including ( 20 ) in Fig. 11, has been 
described. In general, these derivatives 
exhibit reduction potentials that are 
positively shifted by up to 200 mV with 





6. 7 Fullerenes 


171 


Fig. 12 Nomenclature used to 
describe bis-adducts. 


respect to those of C6o (see Table 14) 
[109]. In a more recent study [116], the 
same authors reported the electrochemical 
properties of the corresponding bis- 
fulleropyrrolidinium ions (21), which are, 
in general, slightly easier to reduce than the 
monoadduct (20). The nomenclature used 
to describe bis-adducts of C6o is shown 
in Fig. 12. More interesting, however, is 
the comparison of the redox potentials of 
(21) with those of the parent C 60 - The 
presence of the two positive charges in (21) 
produce a stabilizing effect of the reduced 
bis-adducts, particularly for the trans - 1 and 
trans-2 isomers, where the positive charges 
are located on opposite hemispheres. The 
first and second reductions are 90 and 
270 mV, respectively, more positive for 
the trans - 1 isomer than for C6o- The 
optimal electrochemical behavior of these 
derivatives has prompted the investigation 
of their photoinduced ICT properties, 
which are currently under way [110]. 

Finally, cycloadducts (22a-c) exhibit an 
addend-based first reduction wave, which 
is very close to the first reduction potential 
of pristine C6o- Remarkably, as shown 
in Table 14, the choice of substituent 
on the p-benzoquinone moiety affects 
the redox behavior of these derivatives. 
By controlling the relative energy of the 
LUMO of the organic addend with respect 
to the LUMO of C6o, the first reduction 
process may be forced to occur at either the 
C6o cage or the organic addend, allowing 
for tunability of these electron-acceptor 


c/s-1 
cis-2 
cis - 3 

equatorial 
trans-4 
trans-3 
trans-2 

trans - 1 

systems and making them very attractive 
for further applications [117]. 

6. 1.4. 2. 2 C6o -Electron Donor Cycloadducts 

A strong driving force behind the syn- 
thesis of novel C6o-based donor- acceptor 
(D-A) molecules is the fact that photo- 
voltaic devices using a composite blend of 
C6o or C(,o derivatives as the acceptor and a 
donor conducting polymer derived from 
polyphenylene vinylene (PPV) or poly- 
thiophene demonstrated a highly efficient 
charge separation [118]. The performance 
of this type of device is sensitive to the 
morphology of the blend, which ideally 
should form a bicontinuous microphase 
separated network to allow bipolar charge 
transport. In this type of bulk heterojunc- 
tion device, however, if the donor and 
acceptor molecules in the two phases are 
incompatible, uncontrolled phase separa- 
tion is observed, producing a bad contact 
at the junction. To avoid this, an alter- 
native approach is based on covalently 
connecting donor (hole conducting) and 
acceptor (electron conducting) moieties 
[119, 120], 

Evidently, the existence of electronic in- 
teractions between the D and A units 
in the ground state can be unequivo- 
cally established on the basis of elec- 
trochemical studies. A recent report 
has reviewed the electrochemical prop- 
erties of donor-linked fullerenes as a 
function of the attached chromophores 
including transition metal structures, 
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porphyrins, phtalocyanines, tetrathiaful- 
valenes (TTF), ferrocene, oligomers, den- 
drimers, supramolecular arrays, dimethy- 
laniline (DMA), and other heterocyclic 
donors [121]. The results described here 
correspond to recent selected examples 
of cycloaddition C6o-based D-A sys- 
tems (see Figs. 13 and 14), which ex- 
hibit remarkable electrochemical proper- 
ties. Their redox properties are summa- 
rized in Table 15. 

S everal fullerene-oligophenyleneviny- 
lene (OPV) hybrids such as (23) have been 
prepared. Comparison of the reduction po- 
tentials of (23) with those of C6o shows a 
shift to more negative values by 100 mV. 
In contrast, a slightly positive shift was ob- 
served for the OPV-based oxidation of (23) 
by about 40 mV with respect to the cor- 
responding model compound, (24). The 
shifts appear to be a consequence of a 
small electronic interaction between the 


donating OPV moiety and the accepting 
C6o sphere. This was confirmed by photo- 
physical investigations [122]. 

The use of functionalized polypyridyl- 
ruthenium(II) complexes with an electron- 
accepting fullerene core as building blocks 
in devices that perform light and/or redox- 
induced functions is an area under intense 
study. The presence of more than one 
ruthenium center provides greater flexi- 
bility in terms of redox potentials, excited 
state energies, and ground state absorp- 
tion than a single metal center [127]. 
Polypyridylruthenium(II) complexes are 
known for their multiple reduction pro- 
cesses (see Fig. 15a), and dyad (27) is 
no exception. In fact, dyad (27) con- 
sists of a bimetallic ruthenium complex 
bridged to a fulleropyrrolidine moiety 
via a rigid androstane spacer. Conse- 
quently, the CV of (27) displays ad- 
ditional reduction processes associated 



Fig. 13 Representative examples of cycloaddition derivatives of C60 bearing electron-donor moieties. 
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(28a): M = H 2 
(28b): M = Zn 



(30a): (o-) 
(30b): (m-) 
(30c): (p-) 



(29a): M = H 2 
(29b): M = Zn 



(31a): R = COOCH 3 
(31b): R = H 
(31c): R = CH 3 


Fig. 14 More representative examples of cycloaddition derivatives of Cgo bearing 
electron-donor moieties. 


with the C6o chromophore (see Fig. 15b). 
To properly assign reduction poten- 
tials, model compounds (25) and (26) 
were prepared and electrochemically an- 
alyzed as well. It can be clearly estab- 
lished from the reduction potentials in 
Table 15 that the first, third, and fifth 
reduction processes are ligand centered, 
while the second, fourth, and sixth are 
fullerene-based. The absence of poten- 
tial shifts with respect to the model 
compounds indicate that there is essen- 
tially no electronic interaction between the 
fullerene and the bimetallic ruthenium 
complex [123], 


Phtalocyanine dyads (28a, b) and sub- 
phtalocyanine dyads (30a-c) (Fig. 14) are 
porphyrin analogs with unique electro- 
chemical properties. Comparison of the 
redox potentials of (28a) and (28b) with 
those of model compounds (25) and (29a) 
and (29b) (see Table 15) indicate that 
the dyads retain the electronic proper- 
ties of the individual units. However, 
all the phtalocyanine-centered processes 
in both dyads are positively shifted with 
respect to those of the model phtalocya- 
nines, (29a, b). Additionally, the observed 
C6o-centered reduction potentials of both 
dyads are shifted to more negative values 
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Tab. 15 Half-wave redox potentials in V (vs. Fc/Fc + , SCE, or Ag/Ag + ) of representative examples of 
Qo-based donor-acceptor systems 



Solvent 3 

Supporting 

electrolyte 

Ei°* 

e 2 ox 

Ei red 

E 2 red 

E^red 

E/ ed 

Es red 

References 

C 60 b 

ODCB 

TBAPFe 

_ 


-0.55 

-0.93 

-1.36 

-1.82 

_ 

122 

(23) b 

ODCB 

TBAPFe 

+1.35 c 


-0.65 

-1.02 

-1.53 

-1.95 

- 

122 

(24) 

ODCB 

TBAPFe 

+1.35 

■ 1 .55 

-0.64 

-1.01 

-1.52 

-1.97 

- 

122 

(25) de 

THF 

TBAH 

- 

- 

-0.47 

-1.05 

-1.70 

-2.16 

-2.93 

123 

(26) e 

THF 

TBAH 

+1.54 f 

+1 . 71 f 

-0.23 

-0.91 

-1.41® 

-1.81 

-1.97 

123 










-2.26 


(27) e 

THF 

TBAH 

+1.52 f 

+1.70 f 

-0.23 h 

-0.49 

— 0.89 h 

-1.07 

— 1.41® ,b 

123 










-1.71 ®' h 


(25) M 

ODCB 

TBAPFe 

- 

- 

-0.66 

-1.02 

-1.53 

-1.97 

- 

124 

(28a) b 

ODCB 

TBAPFe 

+0.85 

+0.96 

-0.66 

— 0.79 b 

-1.02 

— 1 .1 8 h 

-1.57 

124 

(28b) b 

ODCB 

TBAPFe 

+0.67 

+1.32 

-0.70 

— 1 ,07 h - i 

-1.07 

— 1 ,22 h 

-1.63 

124 

(29a) b 

ODCB 

TBAPFe 

+0.74 

+0.94 

-0.86 

-1.18 




124 

(29b) b 

ODCB 

TBAPFe 

+0.61 

+1.26 

-1.08 

-1.38 

-1.62 



124 

(25) d -i 

THF 

TBAPFe 

- 

- 

-0.91 

-1.43 

-2.02 

— 

- 

125 

(30a)i 

THF 

TBAPFe 

0.82 

- 

-1.02 

-1.39 h 

-1.56 

— 

- 

125 

(30b)i 

THF 

TBAPFe 

0.78 

0.99 

-1.00 

—1 ,35 h 

-1.51 

- 

- 

125 

(30c)i 

THF 

TBAPFe 

0.85 

1.04 

-1.04 

-1.38 h 

-1.57 

- 

- 

125 

Qo' 

ODCB 

TBAPFe 

- 

- 

-1.11 

-1.52 

-1.99 

-2.48 

- 

126 

(31a))- k 

ODCB 

TBAPFe 

0.13 

0.65 

-1.21 

-1.63 

-1.99 

-2.57 

- 

126 

(31b) 1 

ODCB 

TBAPFe 

-0.08 

0.43 

-1.17 

-1.53 

-2.05 

-2.49 

- 

126 

(31c)' 

ODCB 

TBAPFe 

-0.15 

0.41 

-1.18 

-1.55 

-2.06 

-2.52 

- 

126 


a See Table 2 for solvents abbreviations. 
b Ag/AgCI as reference electrode, 
irreversible process, peak potentials. 
d N-methylfulleropyrrolidine. 
e SCE as reference electrode. 
f Acetonitrile solution. 

^Obtained from digital simulations. 
b Addend-based reduction processes. 

'The first Pc-based reduction wave was overlapped with the second Ceo-based one. 

)Half-wave redox potentials vs. Fc/Fc+. 

k An additional quasireversible wave is observed at —2.24 V. 


when compared to those of the model 
fulleropyrrolidine (25). Specifically, in the 
case of the Zn-complexed dyad (28b), 
all C6o-based reductions are shifted to 
more negative values by about 50-100 mV. 
These results clearly indicate some de- 
gree of charge transfer in the ground state 
from the donating phthalocyanine to the 


fullerene acceptor. In order to establish 
whether the effects observed were due to 
inter- or intramolecular interactions, CVs 
and OSWVs were obtained for 1 : 1 molar 
mixtures of the corresponding model com- 
pounds. Analysis of those results indicate 
that although small shifts are also observed 
for the mixtures indicating a small degree 





Fig. 15 Cyclic voltammograms 
at 25 °C in THF of: (a) (26) and 
(b) (27). Scan rate = 0.5 V s _1 , 
working electrode: Pt. Reprinted 
with permission from Ref 123. 
Copyright © 2001 Wiley-VCH 
Verlag. 


of intermolecular interactions (through 
space), the shifts observed for the cova- 
lently linked dyads are larger, and conse- 
quently intramolecular interactions must 
also be present [124]. 

For subphtalocyanine dyads (30a-c), 
electrochemical studies suggest that in 
the ground state the electronic effects 
that dominate are through-bond and 
not through-space, since they follow the 
expected behavior for the ortho and para, 
and the weakest electronic effect for the 
meta isomer [125]. 

The last group of dyads considered 
here are those that incorporate TTFs 
in their structure. TTFs are powerful 
organic donors, which, when linked to 
the fullerene core and engaged in charge- 
separation processes, gain rather than lose 
aromaticity [128]. The modification of the 
donor strength on the TTF moiety in 
dyads (31a-c) allows the tuning of the 
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HOMO-LUMO gap of these structures, 
which have important consequences on 
their electrochemical and photophysical 
properties [126]. 

6.1 .4.3 Cyclopropanated Derivatives of Cgo 

In this group of derivatives, we have 
included all compounds in which attach- 
ment of the substituent results in the 
formation of a cyclopropane ring on the 
surface of Cgo- The bridging atom may 
be carbon, nitrogen, a transition metal, 
or oxygen (epoxyfullerene). Basic struc- 
tures for these compounds are shown in 
Fig. 16. The electrochemistry of represen- 
tative examples of all of these derivatives 
has been reviewed previously [83], and 
only general observations are presented be- 
low, along with some specific examples of 
new derivatives with novel electrochemical 
behavior. 
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6 . 1.4. 3.1 C-bridged Cyclopropanated Deri- 
vatives: Methanofullerenes and Fulleroids 

The so-called methanofullerenes [129] and 
fulleroids [130] have the general for- 
mula C 61 R 1 R 2 . Their difference results 
from the location of the cyclopropane ring 
on the C 60 surface. In methanofullerenes, 
the bridge is located across the junction 
of two six-membered rings forming a 
[6,6]closed structure, while in fulleroids 
the bridge occurs at the junction be- 
tween a five- and a six-membered ring 
forming a [5,6]open structure on the 
C 60 surface (see Fig. 16a,b). Two other 
isomers, [6,6]open and [5,6]closed are 
possible, but have not been identified. 
They do not preserve the [5]radialene 
structure of C 60 , and are, therefore, unsta- 
ble [131, 132]. The [5,6]open or fulleroid 
isomer is the kinetic product during 
synthesis [130, 133], and it may be 


induced to isomerize to the [6,6]closed 
or methanofullerene product either ther- 
mally, photochemically, or electrochemi- 
cally [83]. As with their cycloaddition prod- 
uct analogs, methanofullerenes reduce 
at potentials 100-150 mV more negative 
than pure C 60 , but this may vary depend- 
ing on the electron-donating/withdrawing 
ability of the addend and on its orientation 
[83]. In addition, it has been demonstrated 
that as the number of addends increase, 
reductions occur at increasingly more neg- 
ative potentials and become irreversible. 
The latter effect is attributed to the step- 
wise loss of conjugation, which results in 
higher energy LUMOs. For the same rea- 
son, oxidations occur at increasingly more 
positive potentials as more addends are 
attached to the fullerene core [83]. 

An important difference between 
methanofullerenes and fulleroids is that 
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while fulleroids retain the 60 7r -electron However, this loss of conjugation does 
configuration of the parent C6o, formation not seem to affect the electron affinity 
of methanofullerenes results in partial of methano fullerenes. Numerous studies 
loss of conjugation. The two bridgehead have shown that the redox potentials 
carbon atoms in methanofullerenes are of methanofullerenes do not differ 
sp 3 hybridized, and consequently only significantly from those of their fulleroid 
58 tz -electrons remain on the surface, analogs [83], and until the year 2000, 




R = C 8 H 17 

(36) 
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differences had been observed only 
after the third [35, 134], fourth [35], 
or fifth [135, 136] electron reduction 
depending on the temperature, solvent, 
and substituent. However, a study on 
TEMPO-C 61 in THF (see (32) and (33) 
in Fig. 17) presented quite interesting 
results [137]. Oxidations and reductions 
occur essentially at the same potentials for 
both isomers on the CV timescale (see 
Table 16), and reductions are, as expected, 
cathodically shifted by ca. 100 mV with 
respect to pristine C6o- However, the first 
reduction wave of fulleroid (32) appears 
irreversible at room temperature, while the 
corresponding wave for methanofullerene 
(33) is reversible. Bulk electrolysis of 
fulleroid (32) at a potential corresponding 


to the first reduction results in its 
isomerization to methanofullerene (33) 
after injection of a single electron, contrary 
to other reported cases of fulleroid to 
methanofullerene conversions. 

A few other interesting molecular 
architectures exhibiting uncharacteristic 
electrochemical behavior have been 
constructed on the basis of the 
methanofullerene building block. These 
include two methanofullerene-substituted 
bipyridine ligands complexed to rhenium 
and ruthenium ((35) and (36) in 
Fig. 17), which were prepared as possible 
candidates for photoinduced electron 
transfer processes [138]. In addition, 
three fullerene crown ether conjugates 
((38), (39), and (40) in Fig. 18) have 


Tab. 16 Half-wave redox potentials (in V vs. Fc/Fc + ) of selected cyclopropane derivatives of Cso at 
25 °C 



Solvent a 

Supporting 

electrolyte 


Ef ed 

Ef ed 

E 3 red E 4 red E s red 

References 

(32) b 

THF 

TBAH 

+0.94 

-0.42 

-1.01 

— 1 .5 7 C -1.65 -2.12 

137 

(33) b 

THF 

TBAH 

+0.95 

-0.44 

-1.03 

-1.50 6 -1.64 -2.11 

137 

TEMPO b 

THF 

TBAH 

+0.85 

-1.47 



137 

(34) 

DCM 

TBAPFs 


-1.03 

-1.41 

-1.83 

138 

Re 

DCM 

TBAPFs 

+0.92 c 

-1.88 



138 

(35) 

DCM 

tbapf 6 

+0.96 d 

-0.99 

-1.37 

-1.83 d 

138 

Ru 

DCM 

TBAPFs 

+0.92 

-1.76 



138 

(36) 

DCM 

TBAPFs 

+0.91 

-1.02 

-1.40 

— 1 .81 d 

138 

(37) 

DCM/MeCN 

TBAPF 6 e 


-0.94 

-1.36 


139 

(37) 

DCM/MeCN 

TBAPFs/ KPF 6 f 


-0.95 

-1.36 


139 

(38) 

DCM/MeCN 

TBAPFs 6 


-1.04 

-1.51 


139 

(38) 

DCM/MeCN 

TBAPF 6 /KPF 6 f 


-0.95 

-1.36 


139 

(39) 

DCM/MeCN 

TBAPFs 6 


-1.02 

-1.48 


139 

(39) 

DCM/MeCN 

TBAPF 6 /KPF 6 f 


-0.97 

-1.43 


139 

(40) 

DCM/MeCN 

TBAPFs 6 


-1.05 

-1.47 


139 

(40) 

DCM/MeCN 

TBAPF 6 /KPF 6 f 


-1.01 

-1.46 


139 


a See Table 2 for solvent abbreviations. 
b Vs. SCE. 

Hrreversible. 
d Dielectronic process. 

e ln the presence of one equivalent of [2.2.2]cryptand. 

f ln the presence of one equivalent of [2.2.2]cryptand and a 10-fold excess of KPFg. 
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been synthesized with the goal of 
forming fullerene-based amphiphilic, 
supramolecular complexes, which may 
be tunable by metal ion recognition and 
capable of monolayer formation [139]. The 
redox potentials of all these compounds 
are presented in Table 16 along with those 
of model analogs (34), Re,Ru, and (37), 
respectively, for comparison. 

In the cathodic region, the voltam- 
mograms of (35) and (36) display two 
reversible one-electron reduction waves 
and a third two-electron reduction pro- 
cess. The first two waves correspond to 
C6o-centered reductions, while the third 
corresponds to the overlap of simultane- 
ous one-electron processes taking place at 
the metal center as well as the fullerene. 
In addition, a metal-centered oxidation 
is observed in both dyads. In the case 
of the ruthenium dyad, (36), oxidation 
and reduction potentials remain essen- 
tially unchanged when compared to the 
corresponding ones in model compounds 
Ru and (34), respectively, indicating that 
there is no electronic interaction between 
the ruthenium complex and the fullerene. 
The two moieties must be far from each 
other in an extended conformation that 
prevents through-space interaction. On the 
other hand, the Cgo -centered reduction po- 
tentials of the rhenium dyad, (35), are ca. 
40 mV more positive than those of model 
compound (34). The metal-centered oxida- 
tion of the dyad is also shifted to a more 
positive potential. These results suggest 
that the dyad adopts a conformation in 
which the two moieties are in close prox- 
imity, so that a small electronic interaction 
between the two takes place [138]. 

Electrochemical studies of fullerene 
crown ether conjugates (38), (39), and 
(40) yielded fascinating results. The three 
compounds differ only in the points 
of attachment of the tangential crown 


moiety to the fullerene, causing the crown 
to be at three different distances from 
the surface of the sphere. The distance 
increases in the order (38) < (39) < (40). 
A significant degree of perturbation of 
the electronic properties of the fullerene 
moiety was observed in all three cases 
in the presence and absence of crown 
ether bound potassium. In the absence 
of bound cation, which was imposed 
by the addition of one equivalent of 
[2.2.2]cryptand, the proximity of the ether 
oxygens to the surface of the sphere 
induces a negative shift of ca. 80-110 mV 
in the first reduction potentials of all three 
compounds with respect to those of the 
model compound (37). This negative shift 
is attributed to a through-space electron- 
donating effect of the crown ether oxygens. 
Remarkably, however, addition of a 10- 
fold excess of KPF6 causes a shift toward 
more positive potentials of 90, 50, and 
40 mV respectively for (38), (39), and (40). 
These positive shifts correlate directly with 
the distance of the bound potassium to 
the C6o surface in all three compounds. 
At these distances, potassium withdraws 
electron density away from the fullerene 
surface, causing the observed positive 
shift [135, 139], 

At this point, it is important to 
indicate that a very large number 
of C-bridged cyclopropanated fullerene 
derivatives undergo irreversible reduction 
processes leading to the removal of the 
addend and recovery of the pristine 
parent fullerene. The process has been 
advantageously used in electrosynthetic 
procedures, and thus a separate 
section covering the electrochemically 
induced retro-cyclopropanation reaction 
is presented later in this chapter (see 
Sect. 6. 1.5. 2). A number of other C- 
bridged cyclopropanated derivatives will 
be discussed there. 



6 . 1.4. 3. 2 Other Cyclopropanated Deriva- 
tives of Cgo Like their C-bridged relatives, 
N-bridged cyclopropanated derivatives of 
C^o also exist in two isomeric forms: 
[6,6]closed or epimino- and [5,6]open or 
azahomofullerenes (see Fig. 16). The redox 
properties of significant representatives 
of this family of derivatives have been 
reviewed before [83, 140], and their one sig- 
nificant characteristic is that as expected, 
the electron-withdrawing ability of bridg- 
ing nitrogen increases the electron affinity 
of the sphere. As a result, these compounds 
generally reduce at potentials close to the 
reduction potentials of pure C6o- 

A large number of cyclopropanated 
derivatives of C6o in which the bridging 
atom is an electron rich transition metal 
(see Fig. 16) such as Pt, Pd, Ni, Ir, W, Mo, 
and Rh has been reported. Their electro- 
chemical properties have been reviewed 
[83, 141, 142] and, in general, reductions 
are C6o centered and negatively shifted 
with respect to those of pure Cgo, while ox- 
idations are metal centered. In most cases, 
however, the first reduction is accompa- 
nied by breakage of the carbon-metal 
bonds and recovery of the pristine [60] 
fullerene. In multiadduct derivatives, the 
breakage occurs in a stepwise manner. 

Reduction of epoxyfullerene C6oO re- 
sults in the formation of a polymer film 
on the surface of the electrode [143, 144]. 
Three one-electron voltammetric waves are 
observed, the first one of which corre- 
sponds to the formation of CgoO - , which 
decomposes to C 60 - The second wave 
corresponds to the formation of C6o 2- , 
which is the polymer initiator, and the 
third wave corresponds to C6o 3- - 

6 . 1.4. 4 Cgo -dimers 

The proximity of two C6o units introduces 
yet another novel method of influencing 
the electronic behavior of each of the 
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spheres, since the presence of one may af- 
fect the electrochemistry of the other. With 
this in mind, several fullerene dimers have 
been prepared to date, using different con- 
necting bridges. Some of these structures, 
( 41 - 50 ), are shown in Fig. 19 [145-156], 
and their corresponding redox potentials 
are listed in Table 17. Initial studies were 
not very encouraging. For example, com- 
pound ( 42 ) and others bearing an acetylene 
or a phenylene spacer displayed superim- 
posable two-electron redox waves corre- 
sponding to the simultaneous reduction 
of the individual spheres, indicating an 
absence of electronic coupling between 
the two spheres [145, 146, 149]. C 120 , 

( 41 ), underwent a homolytic cleavage upon 
one-electron reduction, resulting in the re- 
covery of two C 60 molecules [147]. Cleavage 
has also been inferred from voltammetric 
results of a C 60 -C 70 cross-dimer [148]. 

The first breakthrough was achieved with 
dimer ( 43 ), C 120 O, whose voltammetry, 
after deconvolution, displayed three sets 
of closely spaced but separate and inde- 
pendent one-electron reduction waves (see 
Table 17). Similar results have been ob- 
tained recently for dimers ( 44 - 50 ) (see 
Fig. 20). One notable feature in the voltam- 
metry of these dimers, which is also 
evident from the redox potentials listed 
in Table 17, is the increased separation 
between waves in each consecutive pair. 

This property has been attributed to an 
increase in Coulombic repulsion between 
the negatively charged fullerene cages as 
each individual cage is reduced. 

6 . 1.4. 5 Electrochemistry of C 70 Derivatives 

The redox behavior of C 70 derivatives 
is very similar to that of derivatives of 
C 6 o- Fewer examples have been char- 
acterized electrochemically, but the re- 
dox potentials of some representative 
ones, including C 70 H 2 , the methano [70] 
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Fig. 19 C6o-dimers. 


Tab. 17 Half-wave redox potentials (in V vs. Fc/Fc+) of Qo dimers at room temperature 



Solvent a 

Supporting 

electrolyte 

r red 
C] a 

c red, b 
b 

c red 
^2 a 

E 2b ' ed ’ c 

c red 
C 3 a 

E, h red ’ d 

References 

(43) 

ODCB 

TBAP 

-0.84 

-0.88 

-1.24 

-1.30 

-1.82 

-1.96 

149 

(44) 

ODCB 

TBAP 

— 1 ,20 e 


— 1 ,60 e 


— 1 .82 e 


150 

(45) 

ODCB 

TBAP 

-1.04 

-1.12 

— 1 .44 

-1.53 

— 1 .99 

-2.16 

151 

(46) 

ODCB 

TBAP 

-1.09 

-1.15 

— 1 .52 

-1.58 

— 2.1 1 

-2.19 

152 

(47) 

ODCB 

TBAP 

-1.11 

-1.20 

-1.56 

-1.63 

-2.03 

-2.32 

152 

(48) 

ODCB 

TBAP 

-1.19 

-1.38 

-1.62 

-1.86 

-2.12 

-2.41 

153 

(49) 

ODCB 

TBABF 4 

-1.04 

-1.13 

-1.46 

-1.54 

-1.94 

-2.08 

154 

(50) 

ODCB 

tbabf 4 

-1.06 

-1.15 

-1.50 

-1.58 

-1.98 

-2.12 

155 


a See Table 2 for solvent abbreviations. 

^Potential corresponds to first reduction of the second fullerene cage. 
Potential corresponds to second reduction of the second fullerene cage. 
d Potential corresponds to third reduction of the second fullerene cage. 
e Waves are split in two. 
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(c) [mv vs. Fc/Fc + ] 

Fig. 20 Differential-pulse voltammogram of C 121 , (45) (a), 
square-wave voltammogram ofCi 22 H 4 , (44) (b), and Cgo (c) in 
o-dichlorobenzene with 0.1 M TBAP as supporting electrolyte. The 
first reduction potential of C 60 is shown by the dotted line. Reprinted 
with permission from Ref. 1 52. Copyright © 2001 American Chemical 
Society. 


fullerene derivatives C 70 R 2 with R = 
C0(C 2 H 5 0) 2 H or C0 2 CH 2 C0 2 Et, and 
(51-53) (see Fig. 21), are shown in 
Table 18 [44, 85, 157-160], 


Notably, methano [70] monoadducts and 
the dihydro derivatives reduce at potentials 
ca. 90-130 mV more negative than pure 
C 70 . Also, as with their C 60 analogs, the 
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first reduction of C70 methanoadducts 
becomes increasingly more difficult as the 
number of addends increases, as shown by 
the mono to tetrakis series C71R2— C74R8 
in Table 18 [44]. 

The isoxazoline derivative, (51), displays 
essentially no shift in reduction potentials 
with respect to those of C70, indicating 
a strong electron-withdrawing effect from 
the isoxazoline moiety [157]. 

Even more remarkable results were ob- 
served, however, for the C70PI12 through 
C70PI110 series [159]. In this series, ad- 
dends are located around the “waist” of 


the C70 spheroid, and each singly bonded 
phenyl addend saturates a carbon atom in 
the cage, decreasing the it -electron con- 
jugation. Interestingly, however, the di- 
and tetraphenyl adducts appear to be elec- 
trochemically and chemically stable, both 
displaying reversible reductions at poten- 
tials that are more positive than those 
of the corresponding parent C70. This 
phenomenon is attributed to the inductive 
effect of the phenyl groups that renders the 
cage a better electron acceptor. As the cage 
is sequentially saturated in C70PI16-10, 
reduction potentials become increasingly 



6. 7 Fullerenes 


o 

■P 


QC 


£ 

3 

44 

2 O' 

s£ 

H 

.ft) 


€ i" 

o 2 

s-ts 
§■-2; 
</> *> 


o 

00 


LO LO LO 


N - O'* 
CN O 
CN CN 

I I 


I I I I I 


I I I I I I 


O i — i — 

I I I 


o o o 

LO LO LO 

I I I 


O i— 

I I 


LO LO 
CN CN 
+ + 


CL CL Q. 
< < < 
CO CO CD 


CU CD CL> 

^ ^ ^ 


Cl cl 
< < 
CD CO 


N" N- N - N" 
N - N - N - N - 


CN LO 
O O 
CN CN 

I I 


I I I I 


I I I I 


I I I I 


VO vo VO IX) 

LL LL LL LL 
CL CL a O. 
< < < < 
CO CO CO CO 


5 

2 

2 

2 


2 

u 

U 

U 

U 

U 

U 

Q 

Q 

Q 

Q 

Q 

Q 


LO O 
°o Lo 
CN CN 

I I 


O m O O 
N - i — ro ro 
CN CN CN CN 

I I I I 


I I 


i— CN CN 

I I I 


I I I I 


CN CN 

I I 


o o o 

I I I 


I I I 


ro CN CN N" CT) ro 
O O O O O ‘ 

I I I I I I 


LO LO LO LO LO LO 
CN CN CN CN CN CN 
+ + + + + + 


I I I I I I 
<<<<<< 
m m m m m m 


I I I I I I 


I I 

o o 

U U 
^oo o 
U rC 


0 

n- 

1 

CN 

u, 

CN 

04 O 

CtC (J 

£ £ II 

U U oo 


O 

U 


I 

u 


CN N- LD 00 CJ 

QC QC DC DC U 

K R R S II 

U U U U Qc! 


OJ CL Q_ CL Q_ a. 

o o o o o o 

U U U U U U 


•§* 


3 


185 



186 


6 Carbon 


H Q_ Q_ □_ 
< < < < 
CD CO CD CQ 


u u u u 

(U (U CJ CJ 
^ ^ ^ ^ 


£ £ • 
v «- o “O . 

OJ CL ^ JJ 
_S> <L) o t 9 

-D TO CL W 

™ |S | 

8j o o £ 

on U Z ±: 


; £ 2 £ 

;£ l£ 

“a° 

' c ti 

L <L) nj £3 

!g 8.-5 

; -1 .« i 

: s-j sr 

I £ ~ O 

i Jr ro > 

! O u 2 

bo _c .IT 



more negative. For C 70 PI 110 and C 70 PI 16 , 
irreversibility is observed after the first 
and third waves, respectively, and waves 
corresponding to the redox potentials of 
pristine C 70 are observed. This suggests 
the presence of an electrochemical, chem- 
ical, electrochemical (ECE) mechanism, 
which results in addend removal. Inter- 
estingly, this irreversibility is not observed 
in CyoPhg until the fourth wave. 

Electrochemical studies of [70] fullerene 
crown ether derivatives (52) and (53) 
also yielded fascinating results [160]. The 
reduction potentials of both compounds 
were obtained in the presence and absence 
of KPF 6 to determine the effect of cation 
complexation by the crown ether on the 
electron affinity of the cage. In the case 
of (52), the cathodic scan shows two 
reversible redox couples in the absence of 
added cation. Addition of one equivalent 
of KPFg results in an anodic shift of 
80 mV with respect to the noncomplexed 
compound, suggesting an electrostatic 
effect between the positively charged ion 
and the reduced cage. Interestingly, (53), 
which bears two crown ether addends 
tangential to the cage, also displays two 
reversible reduction waves in the absence 
of added cation, but addition of only one 
equivalent results in the appearance of two 
new redox couples that must correspond 
to the 1 : 1 and 1 : 2 host-guest complexes. 
Addition of two equivalents of KPFg results 
in only one redox couple that is anodically 
shifted by 170 mV with respect to the 
corresponding couple in uncomplexed 
(53). Note that the magnitude of the cation- 
induced anodic shift in (53) is about twice 
that observed for (52), indicating that there 
is no cooperative effect between the two 
binding sites. 

A mixture of hydrofullerenes C 7 oH 3 g _46 
composed of 50% CyoHjg, 20% C 70 IT 38 , 
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14% C 70 H 44 , and 15% C 70 H 46 was stud- 
ied by CV in THF and DCM at various 
temperatures. At +13 °C, reduction of the 
mixture in THF is characterized by one 
reversible and one irreversible wave at 
—3.18 and —3.37 V vs. Fc/Fc + , respec- 
tively. At temperatures below — 34 °C, only 
a single reversible reduction is observed at 
—3.16 V. Oxidation of the mixture in DCM 
at —31 °C is characterized by a broad, irre- 
versible peak at +1.22 V vs. Fc/Fc + [161], 

6.1 .4.6 Electrochemistry of C 76 , C 78 , and 
Cg 4 Derivatives 

Very few studies have been carried out 
on derivatives of the higher fullerenes. 

The reason for this may be attributed 
to the lower abundance of the parent 
compounds in fullerene soot, which has 
prevented their ample use in synthetic 
investigations. To complicate matters, C 76 , 

C 78 , and C 84 exist as 2, 5, and 24 possible 
constitutional isomers, respectively; a fact 
that makes separation and purification 
procedures more difficult. As a result, only 
a couple of studies have been published on 
the electrochemistry of derivatives of the 
higher fullerenes [44, 54]. 

The redox properties of three pairs of 
diastereomeric mono-methanoadducts of 
Cyg bearing a bis(phenylbutyl)malonate 
addend (see 54 in Fig. 22) have been stud- 
ied by steady-state voltammetry (SSV) [44]. 

Two of the three pairs of diastereomers 
reduce at potentials more positive than 
those of the parent [76] fullerene, while 
the other pair is actually more difficult 
to reduce. Interestingly, in contrast with 
similar Cgo and C 70 derivatives, the di- 
and trianions of these C 76 monoadducts 
are much more chemically stable. In fact, 
the retro-cyclopropanation reaction (see 
Sect. 6 . 1.5. 2 below), which removes the 
malonate addend, occurs in very low yields 
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EtOOC 
EtOOC 

(55) 



(56) 

Fig. 22 C2-symmetrical C76 diastereoisomer (S, S/ A) -54, C21/-C78 tris-adduct (±) -55 and, 
C2-symmetrical monoadduct (56) of achiral D2rf-Cg4. 

for these compounds, supporting their couples. Indeed, CPE of these derivatives 
higher stability. of C78 results in an electrochemically 

The redox properties of two bis-adduct induced retro-cyclopropanation reaction in 
and four tris-adduct derivatives of C78 (see which the pristine cage is recovered (see 
(55) in Fig. 22) have also been reported Sect. 6. 1.5. 2 below). 

[44]. In all cases, at least four one- The only electrochemical study on 
electron reduction steps and one oxidation derivatives of Cs4 describes the use 
are observed. All reductions occur at of the Bingel-retro-Bingel protocol, now 
more negative potentials than those of known as the retro-cyclopropanation re- 
the pristine cage, while the oxidation is action (see Sect. 6. 1.5. 2), to isolate the 
facilitated. The first one-electron reduction two major isomers of pure Cs4 by 
is reversible, but the second one is removing bis(phenylbutyl)malonate ad- 
irreversible for half of the derivatives. In dends from mono and bis-adducts of 
fact, the second reduction results in a Cs4 (see (56) in Fig. 22) [54]. CV pro- 
chemical transformation leading to the files in DCM (+0.12 M TBAPFg) of two 
observation of the parent cage redox different monoadducts and four different 
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bis-adducts were obtained before CPE was 
performed. The voltammetries revealed 
that in all cases only the first reduction 
out of four that was observed at 25 °C 
was reversible. Lowering the temperature 
improved reversibility. 

A very clear pattern was observed for a 
large number of bismalonate derivatives 
of C6o, C70, C76, C78, and C84. The second 
or in some cases the third reduction 
appears irreversible, and CPE leads to the 
recovery of the parent fullerene. A detailed 
account of a systematic investigation of 
this phenomenon is presented in the next 
section. 

6.1.5 

Electrosynthesis 

The use of controlled potential electrolysis 
of fullerenes has thus far been used as a 
synthetic tool in two general ways. One 
method has involved the preparation of 
fullerene derivatives from the reaction 
of electrochemically generated anions of 
the pristine cages with electrophiles. 
The second method has involved an 
electrochemically induced retro-synthetic 
reaction of fullerene derivatives, which 
results in a number of different products, 
some of which have not been achieved 
by chemical synthesis. Both methods are 
described in the following, but special 


emphasis is placed on the second method 
due to its novel results. 

6.1 .5.1 Electrosynthesis of Cgo and C 70 
Derivatives 

C60 is considered an electrophile or elec- 
tron acceptor because of its high electron 
affinity. Once reduced, C60 behaves as a 
nucleophile or electron donor. The high 
stability of its anions has been used advan- 
tageously in reactions with electrophiles 
such as alkyl halides and gem-dihalo 
compounds. Reaction of the C60 dianion 
with alkyl halides results in the forma- 
tion of C60R2 (R = CH3, C2H5, /7-C4H9, 
or C6H5CH2) and C60R4 (R = CH3, n- 
C4H9, or C 6 H 5 CH 2 ) [88, 91, 162, 163], 
Addition of a gem-dihalo compound yields 
methanofullerenes of the type CgiRR' 
(R = H or C0 2 Et and R' = H, C0 2 Et, 
f-butyl, or CN) [164], The experimental 
method to produce these derivatives elec- 
trosynthetically has been described in de- 
tail elsewhere [[83] and references therein], 
and the same procedure has been used 
more recently to prepare the C70 derivative 
C7 o(C6HsCH2)2 [ 165]. In addition, several 
(inorganic) fulleride salts have also been 
obtained using electrosynthetic and elec- 
trocrystallization methods. These methods 
are also described in a recent review [166]. 

A mechanistic study on the formation of 
C60R2 and C6 oRR' from the C60 dianion 


(57) : cis - 2 

(58) : cis - 3 

(59) : e 

(60) : trans-4 

(61) : trans - 3 

(62) : trans - 2 



Fig. 23 C 60 bis-adducts 

(57-62). 
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Potential 

[volts vs. Ag wire] 

Fig. 24 (a) CV of c/s-2 bis-adduct (57) in CH2CI2 (+0.1 M BU4NPF6) using a 

scan rate of 100 mV s _1 . (b) Voltammogram recorded after coulometrically 
controlled one electron per molecule electrolysis, followed by reoxidation, 
clearly showing that the second reduction has become more chemically 
reversible. The working electrode was a glassy carbon minielectrode. Reprinted 
with permission from Ref. 168. Copyright© 1998 American Chemical Society. 
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Scheme 3 Retro-Bingel and isomerization reactions. 



6. 7 Fullerenes 1 91 


and the alkyl halides RX and R'X reports 
that the reaction occurs in two distinct 
steps. In the first step, an electron transfer 
occurs from C6o 2- to RX resulting in the 
formation of C6oR~- This is followed by 
an Sn 2 reaction of CgoR - with R'X where 
C6 oRR' is produced [167]. 

6. 1.5. 2 Electrochemically Induced 
Retro-cyclopropanation Reactions 

The removal of methano addends from 
fullerenes using CPE is an efficient 
and versatile procedure, which has been 
successfully employed in the separation of 
enantiomers and constitutional isomers of 
the higher fullerenes, for the isomerization 
of bis- and tris-adducts of C6o, and more 
recently, for the selective removal of one 
addend in the presence of another. 

These studies were initiated upon ob- 
serving that the ds-2-bis-methano- 
fullerene, (57), was the only one of six bis 
isomers available synthetically (see Fig. 23) 
that exhibited an irreversible second re- 
duction wave by CV and SSV [105]. A 
one-electron CPE of (57) in DCM at the first 
reduction potential followed by reoxidation 


resulted in the complete disappearance of 
(57) and the appearance of a mixture of 
other bis isomers. The CV of (57) before 
electrolysis and that of the resulting mix- 
ture after electrolysis is shown in Fig. 24. 
Interestingly, CPE of all other synthetic 
isomers, (58-62), at their first reduction 
potential did not result in any isomeriza- 
tion and only the corresponding starting 
materials were recovered [168]. Isomeriza- 
tion of (58-62) occurred, however, after 
addition of two electrons per molecule by 
CPE followed by reoxidation. Interestingly, 
column chromatography of the products 
yielded two fractions. The first fraction 
contained a mixture of bis-adducts whose 
product distribution was essentially the 
same regardless of which isomer was elec- 
trolyzed: 23% e, 44-53% trans- 2, and ca. 
10% each of trans- 1, trans- 3, and trans- 4. 
No cis isomers were recovered. These re- 
sults indicated that the methano adducts 
were migrating on the surface of C 60 to 
form certain isomers preferentially, which 
according to theoretical calculations were 
indeed the isomers with higher stability 
[169]. The second fraction contained only 



Fig. 25 

Spiromethanofullerenes that 
exhibit retro-cyclopropanation 
reactions under reductive 
electrochemistry. 
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monoadduct, (63) (see Sch. 3), which re- 
sulted from the loss of one of the Bingel 
addends. 

After addition of two-electron equiv- 
alents, the current for the CPE per- 
formed earlier on (58-62) did not reach 
background levels. In fact, a substantial 
amount of current remained. If electrolysis 
was allowed to continue until the current 
decreased to background level, a total of 
six electrons per molecule were added, and 
analysis of the products after reoxidation 
indicated that both addends had been com- 
pletely removed, producing C 6 o in about 
75% yield. These results are summarized 
in Sch. 3. 


Clearly, depending on the number of 
electrons per molecule added during CPE, 
either removal of the addends [170] or 
an isomerization reaction was attained. 
The former reaction was initially called the 
retro-Bingel reaction [64], since it was the 
reverse of the Bingel addition of methano 
addends to C 6 o [171]. The generality of the 
retro-Bingel and isomerization reactions 
has since been tested using other multiple- 
malonate adducts of C 6 o [172, 173]. In fact, 
the reaction has made it possible to isolate 
the C 21 ; isomer of C 78 , a new C 78 bis- 
adduct, and new isomers of Cs 4 [44, 54]. 

Further investigation has proved that ad- 
dend removal is not limited to Bingel-type 
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(a) 

Fig. 26 Reductive electrochemistry data for 
(70). (a) Solid line: cyclic voltammogram after 
one-electron reduction; dashed line: cyclic 
voltammogram after 2.2 electron reduction. 

(b) Dashed line: cyclic voltammogram after 2.2 


electron reduction; solid line: cyclic 
voltammogram after reoxidation. Reprinted with 
permission from Ref. 1 77. Copyright © 2003 
American Chemical Society. 





6. 7 Fullerenes | 1 93 

adducts. Other cyclopropanated deriva- not result in the formation of C 60 , and the 
tives of C^o such as (64-66) and (68) starting material was not recovered either. 

(see Fig. 25) also undergo efficient ad- This observation along with the fact that 
dend removal to form Cgo upon CPE reduction of Cs 4 to the dianion in DCM led 
in DCM, a fact that has led to renam- to formation of Cs 4 > (CH 2 )„ [54] pointed 
ing the reaction “the electrochemically in the direction of anion reactivity with 
induced retro-cyclopropanation reaction the solvent. Thus, CPE of several cyclo- 
of fullerenes” [174, 175]. A particularly propanated derivatives including (64) was 
interesting observation provided more conducted in THF instead. After addition 
insight into the possible mechanism of of 1.8 electrons per molecule, reoxida- 
the reaction. CPE of compound (67) did tion, and purification, product analysis 



( 71 ) ( 72 ) 

Fig. 27 Cyclopropanated derivatives (71) and (72). 



0 -500 -1000 -1500 -2000 


(a) £ (mV) vs. Ag wire 

Fig. 28 Reductive electrochemistry data for 
(72). Cyclic voltammetric curves for a 0.1-mM 
CH 2 CI 2 solution of (72) at 100 mV s _1 , glassy 
carbon as a working electrode, Pt-mesh as a 
counter electrode, and a Ag wire as a 
quasi-reference electrode, T = 25 °C, TBAPF6 
(0.1 M) was used as supporting electrolyte. 



(b) £ (mV) vs. Ag wire 

(a) Cyclic voltammogram of (72). (b) Solid line: 
starting CV under high vacuum conditions; 
dashed line: cyclic voltammogram obtained after 
one-electron reduction of (72). Reprinted with 
permission from Ref. 1 78. Copyright © 2003 
Wiley-VCH Verlag. 



194 


6 Carbon 



Scheme 5 Proposed mechanism for the formation of dimeric C70 derivatives from 
electroreduced (72) (radical position and connecting bond between the C 70 units are chosen 
arbitrarily with respect to possible regioisomers). Reprinted with permission from Ref. 178. 
Copyright © 2003 Wiley-VCH Verlag. 
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indicated the presence of 27% recovered 
(64), 40% C6o, and more interestingly, 14% 
bis-adducts, (68) [175, 176]. Similar results 
were obtained for other adducts, and a 
possible mechanism involving the forma- 
tion of a dimer intermediate in which two 
fullerene cages share one or two addends 
was proposed to explain these results [175], 
Throughout these investigations at- 
tempts to isolate reaction intermediates 


had been fruitless, and the fate of removed 
cyclopropane groups was unknown. To 
this end, methanofullerene (70) bear- 
ing a fluorescent bis-pyrene malonate 
was prepared according to Sch. 4 and 
submitted to CPE [177]. After transferring, 
approximately 2.2 electrons per molecule 
followed by reoxidation, product analysis 
yielded 48% Cgo, 50% of the highly 
fluorescent bis-pyrene malonate (69), and 



Fig. 29 Selective removal of bis(ethoxycarbonyl)methano addends in mixed Cgo 
bis-adducts. 
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traces of another fluorescent compound 
with polarity close to that of C 60 - Thus, the 
elusive addend appeared to be intact af- 
ter electrolytic removal. More significant, 
however, was the observation that the CV 
obtained before reoxidation showed the 
presence of a new redox couple at 500 mV 
more positive than the first fullerene- 
based reduction (see Fig. 26). This redox 
couple was attributed to a stable interme- 
diate since its CV trace remained intact 
until reoxidation, at which point it disap- 
peared. 

Similar observations were made in a 
separate study carried out with compound 
(71) (see Fig. 27) [178]. In this case, the 
appearance of the new redox couple oc- 
curred after transferring 2.3 electrons per 
molecule, and most remarkably and once 
again, at a potential 500 mV more positive 
than the first fullerene-based reduction. At 
about the same time, two relevant articles 
reporting the formation of singly bonded 
C 6 o and C 70 dimers [179, 180] appeared. 
Furthermore, since a redox couple similar 
to the ones mentioned earlier had been 
previously observed during CPE of a C 70 - 
Bingel monoadduct (72 in Fig. 27) [64], the 
electrolytic behavior of (72) was restudied, 
paying particular attention to the forma- 
tion of dimeric species. The CVs before 
and after a one-electron CPE of (72) are 
shown in Fig. 28, where the expected new 
redox couple can be clearly observed at 
a potential approximately 500 mV more 
positive than the first reduction. To obtain 
additional information about this interme- 
diate, the EPR spectrum of the electrolysis 
mixture was recorded. The two signals ob- 
served were in reasonable agreement with 
those reported for an ionic complex of 
the C 70 dimer mentioned earlier [180]. At- 
tempts to trap this intermediate resulted 


in decomposition, which is probably the 
result of weakness of the intercage bond. 
However, CPE of (72) followed by quench- 
ing with CH 3 1 yielded a product displaying 
a m /z = 2081 peak by matrix assisted laser 
desorption ionization (MALDI) mass spec- 
trometry, a value that is consistent with 
dimer formation (plus two methyl groups, 
molecular oxygen, and sodium) as shown 
in the postulated mechanism in Sch. 5. 
Support for the ring-opening step of the 
mechanism has been obtained by digital 
simulation [181]. 

The usefulness of the retro- 
cyclopropanation reaction is even more 
remarkable than previously anticipated. 
It was questioned whether this reaction 
allowed the selective removal of a Bingel- 
type addend while leaving addends of 
a different type unaffected. A variety of 
mixed bis-adducts such as those shown 
in Fig. 29, were prepared, all of which 
contained a bis(ethoxycarbonyl)methano 
group [182]. In all cases, CPE led 
to the selective removal of the Bingel 
addend in over 60% yield, while the 
other one was retained, confirming 
that the reaction may be used 
in a synthetic protection -deprotection 
protocol to prepare novel fullerene 
derivatives. 
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6 . 2.1 

Introduction 

Carbon dioxide is the ultimate source of 
the various carbon-based materials used 
in our daily lives. These include food, 
fossil fuels, natural and synthetic fibers, 
wood for construction materials, and so 
on. The process that fixes the carbon 
in these materials is photosynthesis, the 
biological conversion of sunlight, water, 
and carbon dioxide into a variety of reduced 
organic materials. During photosynthesis, 
sunlight is transformed into electrical 
energy in the form of separated charges, 
then via electron transfer and chemical 
steps this energy is changed into chemical 
energy stored in the form of C— H and 
C— C bonds by reduction of carbon dioxide. 
Photosynthesis occurs on a very large scale 
fixing some 200 gigatons of carbon dioxide 
annually [ 1 ], Because of its importance, it 
is natural that scientists would want to 
mimic the fixation of carbon dioxide. 

The abundance and nontoxic nature of 
carbon dioxide also make it an attrac- 
tive carbon feedstock. Potential sources 
of carbon dioxide include the atmosphere 
(where it is present in concentrations of ap- 
proximately 370 ppm), natural reservoirs 
including natural gas wells and pure CO2 
wells, waste streams of fermentation reac- 
tions, and flue stacks from power plants, 
cement production, and so on. Because 
CO2 is not toxic, development of chemical 
processes in which CO2 can be used to 


replace toxic substrates such as phosgene 
and volatile organic solvents are being 
sought. The nontoxic nature of CO2 makes 
it an ideal substrate and solvent for drug 
synthesis and food processing. 

Use of CO2 is also attractive from 
the perspective of reducing the amount 
of CO2 that human activities contribute 
to the atmosphere (approximately 20-30 
gigatons of CO2 per year) [ 2 ]. However, 
two conditions must be met to achieve 
CO2 mitigation if CO2 is used as a 
feedstock: ( 1 ) the energy source required 
for these processes should not come from 
the combustion of fossil fuels, and ( 2 ) the 
source of CO2 should not be a natural 
reservoir that already sequesters CO2. If 
the combustion of fossil fuels is the source 
of the energy for a process that uses CO2, 
it is likely that more CO2 will be produced 
by combustion than is consumed in the 
chemical process. However, if the source 
of energy is one that does not produce 
CO2 (such as wind turbines, solar cells, 
or nuclear reactors), production of carbon- 
based products from CO2 reduction using 
these energy sources would result in a net 
fixation of CO2. Even after these materials 
are degraded or combusted, there would be 
no net contribution to atmospheric carbon 
dioxide. If the source of CO2 is a natural 
reservoir, CO2 that is already sequestered 
will be released into the atmosphere when 
the carbon-based material produced by 
reduction is burned or degraded via natural 
processes. The overall result would be the 
transformation of sequestered CO2 into 
atmospheric CO2, which has the same net 
effect as the combustion of fossil fuels. 
Finally, the amount of CO2 consumed 
must be very large to have a significant 
impact on the 20-30 gigatons of CO2 
produced by mankind. Only fuels and 
construction materials are consumed on a 



sufficiently large scale to have a significant 
impact on the overall carbon budget. 

It is the objective of this review to provide 
an overview of electrochemical processes 
involving CO2. It is not intended to be an 
exhaustive review, but rather to provide 
a brief but reasonably comprehensive 
introduction to the area. Most of this 
research is in its early stages, and the 
processes discussed represent what may 
be possible in the future in terms of the 
electrochemical production of chemicals 
directly from CO2. This review will be 
organized in terms of the degree of 
reduction of CO2. It will begin with a 
brief discussion of bonding of CO2 to 
different metal complexes to illustrate 
some of the various bonding modes that 
have been observed. The next subject will 
be electrochemical processes, in which 
CO2 is bound and released during an 
electrochemical cycle, but no irreversible 
bond formation or cleavage occurs. Then 
one-electron reductions of CO2 in which 
C— C bonds are formed will be discussed 
followed by two-, four-, six-, and eight- 
electron reductions of CO2. Reductions by 
two or more electrons require the cleavage 
of C— O and/or the formation of C— H or 
C— C bonds. In a few cases, information 
on the mechanism is known, but in most 
cases, mechanistic information is lacking. 
More time is devoted to those processes 
in which the mechanisms are reasonably 
well understood, because they provide the 
basis for rational approaches to improving 
catalytic processes and designing new 
ones. 

6 . 2.2 

CO2 Binding 

6 . 2 . 2.1 Modes of CO2 Binding 

CO2 is a weak acid, and its reactions and 
bonding characteristics reflect this acidity. 
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The lowest unoccupied molecular orbital 
of CO2 resides predominantly on the car- 
bon atom, and hence carbon is the site at 
which bases bind. Water reacts with CO2 
to form carbonic acid, and in the process a 
new C— O bond is formed and the O— C— O 
bond angle decreases from 180 ° to approx- 
imately 120 °. Similarly, amines, alkoxides, 
carbanions, and a variety of other nu- 
cleophiles react with CO2 by forming a 
new bond between the nucleophile and 
carbon. In all of these cases, the result- 
ing CO2 fragment is strongly bent. When 
metal surfaces and transition metal com- 
plexes interact with CO2, it is typically via 
a similar M— C bond. A wide variety of 
bonding modes between transition metal 
complexes and CO2 have been determined 
by X-ray structural studies. This subject is 
reviewed in detail by Gibson [ 3 ]. Four of the 
more common bonding modes observed 
for transition metal CO2 complexes are 
shown schematically by structures ( 1 - 4 ). 

The formation of an M— C bond is the one 
common feature. In these structures, /r 
indicates that the CO2 molecule bridges 
two or more metals with the subscript in- 
dicating the number of metal ions bridged. 

The number of bonds or significant inter- 
actions (n) between CO2 and the metal or 
metals to which it is bound is indicated by 
rf. The simplest bonding mode is p 1 and 
has been observed for Rh(diars)2Cl(CC>2), 

( 1 ) [ 4 ], This structural motif can be viewed 
as the result of a nucleophilic attack of 
the rhodium center on CO2 to transfer a 
pair of electrons to CO2 with formation of 
a Rh(III) complex. It is analogous to the 
attack of a strong carbon nucleophile, such 
as a Grignard reagent, on CO2 to form a 
carboxylic acid. The strength of this inter- 
action is dependent on the ligand trans to 
the C atom of CO2. If this trans ligand is 
lost, to form a five-coordinate complex, less 
electron density is transferred to CO2 [ 5 ]. 
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A second common structural arrangement 
for CO 2 binding to a single metal cen- 
ter is the r) 1 bonding mode observed for 
a variety of metal complexes. Examples 
include both late and early transition met- 
als, such as Ni(PCy 3 ) 2 (C 02 ), (2), [6] and 
Cp , 2 Nb(CH 2 SiMe 3 )(C0 2 ) [7]. This type of 
bonding can be rationalized in terms of 
electron transfer to the carbon atom of 
CO 2 to produce CO 2 bending, and elec- 
tron transfer back to the metal atom via 
a negatively charged oxygen atom. Com- 
plexes of this type typically have O— C— O 
bond angles between 130 and 136°, which 
is somewhat larger than those observed 
for other modes of bonding. A variety of 
examples are known in which a nucle- 
ophilic metal center (Mi ) interacts with the 
carbon atom of CO 2 and one or more elec- 
trophilic metal centers interact with the 
oxygen atoms of CO 2 as shown in struc- 
tures (3) and (4) [8-10]. These electrophilic 
interactions are important because they 
stabilize the M— C bond. The number of 
additional bonds to CO 2 occurring through 
the oxygen atoms ranges from 1 to 4. Co- 
ordination through a single oxygen with 
no M— C bond is also possible. One struc- 
turally characterized example of this mode 
of bonding has been reported, and the 
U-O-C (171.1°) and O-C-O (178.0°) 
bond angles are nearly linear [11]. 

The structures observed for these dis- 
crete metal- CO 2 complexes illustrate that 
the binding of CO 2 can be quite variable. 
The situation is even more complex on 
electrode surfaces. Most metal electrodes 


will be polycrystalline and present multiple 
surfaces with many different binding sites 
on each surface. In addition, it is likely that 
the surface will change as a function of the 
applied potential. This may be the result 
of structural changes; adsorption or des- 
orption of solvents, hydrogen atoms, and 
so on; and/or because surface atoms with 
increasingly negative charge interact more 
strongly with the carbon atom of CO 2 . 
In addition, chemisorption, in which the 
C— O bond is cleaved is much more com- 
mon on metal surfaces than for discrete 
complexes [12]. However, the properties 
that influence the mode of binding on 
surfaces should be the same as those ob- 
served for the structurally characterized 
complexes discussed earlier. 

6. 2. 2. 2 Thermodynamics and Kinetics of 
CO 2 Binding to Substrates 

Table 1 lists some of the binding con- 
stants and rate constants measured for 
the reaction of CO 2 with redox-active 
molecules. Various techniques have been 
used to measure these constants including 
cyclic voltammetry, pulsed radiolysis, and 
bulk electrolysis followed by UV- visible 
spectral measurements. The binding con- 
stants span an enormous range from less 
than 1 to 10 15 M~ x [13-17]. Co(I) and 
Ni(I) macrocyclic complexes have been 
studied in some detail [13-16]. For the 
cobalt complexes, the CO 2 binding con- 
stants (K) and second-order rate constants 
for CO 2 binding (?) are largely deter- 
mined by the Co(II/I) reduction potentials 
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Tab. 1 CO 2 binding constants and rates for selected redox-active compounds 


Compound 

El/ 2 M a 

K 

-O 

T 

- 2 * 

7 

7 

s 

Solvent 

References 

Co(Me 4 [14]l ,3,8,10- 

-0.76 

<0.5 


CH 3 CN 

14 

tetraene) + 








<4 


DMSO 

15 

Co(Me2[14]l ,3-diene) + 

-1.31 

<0.5 


CH 3 CN 

14 



<4 


DMSO 

15 

Co(Me 6 [14]l ,4,8,1 1- 

-1.42 

<4 


DMSO 

15 

tetraene) + 






Co(Meg[14]4,l l-diene) + 

-1.70 

4.0 


CH 3 CN 

14 



7 


DMSO 

15 

Co (Me6[14]4, 14-diene) 

-1.74 

26 


CH 3 CN 

14 

Co(meso-Me6[14]4,l 1- 

-1.74 

1.7 x 10 2 


CH 3 CN 

14 

diene) + 








6.0 x 10 6 


h 2 o 




2.6 x 10 2 


DMSO 

15 

Co (rac- M e 6 [1 4]4 , 11 - 

-1.74 

1.2 x 10 4 


CH 3 CN 

14 

diene) + 








3.0 x 10 4 


DMSO 

15 



1.8 x 10 4 


DMF 

15 



4.0 x 10 4 


PC 

15 



3.0 x 10 3 


THF 

15 



4.5 x 10 8 

1.7 xlO 8 0.38 

h 2 o 

14 

Co(Me4[14]l , 8 -diene) + 

-1.80 

9 x 10 4 


CH 3 CN 

14 



1 x 10 5 


DMSO 

15 

Co(Me 2 [14]4,ll-diene)+ 

-1.91 

7 x 10 5 

3.7 x 10 8 

CH 3 CN 

14 



Irreversible 


DMSO 

15 

Co(Me 2 [14]l-ene)+ 

-2.05 

3 x 10 6 


CH 3 CN 

14 

Ni([14]ane) + 

-1.89 

Irreversible 


DMSO 

15 



16 

3.2 xlO 7 2.0 xlO 6 

h 2 o 

16 

Co(7,7'dimethylsalen)“ f 

-1.73 

500 


THF, NaTf 

15 


-1.65 

120 


THF, LiTf 

15 


-1.84 

2 


THF, Bu 4 Tf 

15 

2,6- Di- ( Bu-benzoqui none 

- 1.86 

1.1 x 10 15 


CH 3 CN 

17 

(- 2 ) 






Phenanthrenequinone 

-1.59 

6.7 x 10 11 


CH 3 CN 

17 

(- 2 ) 






2,3-Dicyanobenzoquinoine 

-0.77 

5.6 x 10 3 


CH 3 CN 

17 

(- 2 ) 






2,3-Dichloro-5,6- 

-0.65 

3.6 


CH 3 CN 

17 

dicyanobenzoquinone 






(- 2 ) 







a V vs. SCE for the (ll/l) redox couples ofthe cobalt and nickel complexes and the quinone 
(—1 /— 2) couples. ^Equilibrium constant for the reaction of a metal complex or a quinone dianion 
with CO 2 . c Second-order rate constant for CO 2 binding. d First-order rate constant for loss of CO 2 
from a M— CO 2 complex. e Solvent used in the study . f Different binding constants for this compound 
reflect the effects of using different salts of the triflate anion (Tf) as indicated in the solvent column. 
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List of Ligands 



Me 6 [14]4,1 1 -diene Me 4 [14]1 ,3,8,10-tetraene Me 2 [14]1 ,3-diene 



Me 6 [14]1,4,8,1 1-tetraene 



Me 4 [14]1 ,8-diene 



Me 8 ([14]4,1 1 -diene 

Me 6 [14]4, 14-diene 

Yh 

" N 



In 

In 

‘•A 

Me 2 [14]4,1 1 -diene 

Me 2 [14]1-ene 



7,7'dimethylsalen [14]ane triphosphine 


with minor roles being played by specific 
steric interactions. It can be seen that 
no measurable binding is observed for 
reduction potentials more positive than 
— 1.65 V vs. the ferrocene/ferrocenium 
couple. For redox potentials more negative 
than —1.9 V, the binding was classified as 
irreversible [15]. Studies of solvent effects 
for [Co(rac-Me6[14]4,ll-diene)] + indicate 
that changing from one organic solvent 
to another does not significantly change 
the binding constants of CO2 to these 


metal complexes [14, 15]. However, the 
equilibrium constants for the rac and meso 
isomers of [Co(Me6[14]4,ll-diene)] + are 
approximately 10 4 larger in water than 
in acetonitrile (CH3CN), dimethylsulfox- 
ide (DMSO), and other organic solvents. 
This may be due to enhanced hydrogen 
bonding in water, and intramolecular hy- 
drogen bonding to ligand NH protons has 
been demonstrated for these complexes as 
well [13]. Comparison of the binding con- 
stants for Ni([14]ane) + reveals that CO2 



binding in water [16] is much weaker, 
K = 16, than in dimethyl sulfoxide in 
which the binding has been characterized 
as irreversible [15]. The reason for this dif- 
ference is not clear. The nature of the 
cation in the supporting electrolyte can 
have a significant influence on the CO2 
binding constants, especially in solvents 
such as tetrahydrofuran (THF), where ion 
pairing is more likely to occur than in sol- 
vents with higher dielectric constants. For 
example, the binding constant of [Co(7,7'- 
dimethylsalen)] -1 for CO2 in THF is over 
100 times larger when the NaCF3SC>3 is 
the supporting electrolyte compared to 
BU4NCF3SO3 (see Table 1) [15]. 

The CO2 binding constants of a series of 
quinone dianions (see Table 1) are much 
larger than those of the Co(I) macrocycles 
for the same redox potential. This is prob- 
ably a reflection of much stronger C— O 
bonds compared to M— C bonds. The bind- 
ing constants of the quinone dianions also 
exhibit a linear dependence on potential of 
the (— 1/— 2) couple of the quinones [17]. 
Because the binding constants of the 
quinones vary over a large range as a func- 
tion of the oxidation state, they have been 
studied for their ability to bind and release 
CO2 when carried through an electro- 
chemical cycle [17]. Pumping experiments 
in which CO2 concentrations have been in- 
creased from 0.5% CO2 in a CO2/N2 feed 
gas to 100% CO2 in an exit gas have been 
described using 2,6-di-'Bu-benzoquinone 
as the CO2 carrier in propylene carbon- 
ate [18]. Such cycles might be useful for 
recovery of CO2 from dilute gas streams 
or from the atmosphere. Electrochemical 
cycles based on molten carbonate fuel cells 
have also been proposed for CO2 separa- 
tion and recovery [19, 20]. 

From the data in Table 1, it can be 
seen that CO2 binding constants for 
electrochemically active molecules span 
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an enormous range. Understanding the 
features that control this binding will be 
critical for developing catalysts or carriers 
that are ideal for specific applications. 

6 . 2.3 

Electrochemical CO2 Reduction 

Because CO2 is the final product of com- 
bustion, reactions of CO2 generally require 
a significant input of energy and result in 
the reduction of CO2. This energy require- 
ment can be chemical energy stored in 
highly reactive bonds and intermediates, 
but of more relevance to this review are the 
reduction potentials required for electro- 
chemical reactions. The electrochemical 
potentials required for the reduction of 
CO2 to a variety of one-carbon products 
are shown in reactions (1-5) [12], These 
potentials are all within a couple of tenths 
of a volt of the potential required for the 
reduction of protons to hydrogen. 



E°V(SHE) 

C0 2 (g) + 2H + (aq) + 2e“ 


> HCOOH(aq) 

-0.11 V 

(1) 

C0 2 (g) + 2H + (aq) + 2e“ 


* CO(g) + H 2 0(L) 

- 0.10 V 

(2) 

C0 2 (g)+4H+(aq) + 4e- 


» CH 2 0(aq) + H 2 0(L) 

- 0.028 V 

(3) 


C0 2 (g) + 6H + (aq) + 6e“ 


> CH 3 OH(aq) + H 2 0(L) + 0.031 V 

(4) 

C0 2 (g) + 8H + (aq) + 8e“ 

> CH 4 (g) + 2H 2 0(L) + 0.17 V 

(5) 
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-2.2 V 



kdimer=5x10 8 IVMs 1 

k C o 2 = 3.2 x 10 3 IVCs -1 
k H20 = 7.7x 10 2 M-V 


In general, reactions (1-5) require cat- 
alysts, and so the chemistry discussed 
in the following sections will deal pre- 
dominantly with the role of catalysts in 
different chemical transformations. Cata- 
lysts are of two basic types, homogeneous 
and heterogeneous. Homogeneous cata- 
lysts are molecules that are evenly dis- 
tributed throughout a solution, and as a 
result, the catalytic reactions occur in so- 
lution. A heterogeneous catalyst is a solid, 
and the catalytic reaction occurs at the 
interface between the solid and a liquid 
or a gas phase. It is generally easier to 
determine mechanisms for reactions that 
occur in solution, than it is for reactions 
that occur on electrode surfaces. The con- 
centrations of catalysts and reagents are 
more easily controlled in solution, and a 
wider range of spectroscopic studies are 
routinely available, especially nuclear mag- 
netic resonance techniques. It is also easier 
to control structural features of homoge- 
neous catalysts. This makes it possible 
to probe detailed structure -activity rela- 
tionships. For these reasons, most of the 
mechanistic studies discussed in the fol- 
lowing sections are of homogeneous or 
molecular catalysts. 

Heterogeneous catalysts on the other 
hand, offer significant practical advan- 
tages. Perhaps the most important of 
these is that heterogeneous catalysts are 
generally more easily recovered from the 
reaction mixture. If the catalyst is the 


electrode itself, or if it is attached to 
the electrode surface, removing the elec- 
trode from the solution also results in 
the separation and recovery of the cata- 
lyst. For homogeneous catalysts, solvent 
removal and separation of the catalyst 
from the supporting electrolyte are re- 
quired. A second attractive feature of 
heterogeneous catalysts is that they are fre- 
quently more robust than homogeneous 
catalysts. In general, this review will em- 
phasize mechanistic studies, and as a 
result, homogeneous catalysis is strongly 
emphasized. However, there are a number 
of very interesting reactions catalyzed by 
heterogeneous catalysts that have no ho- 
mogeneous analogs, and these reactions 
will also be described. 

6. 2. 3.1 One-electron Reduction to Oxalate 

The outer-sphere one-electron reduc- 
tion of CO 2 leads to the formation 
of the *C0 2 ~ radical anion. In dry 
dimethylformamide, the C0 2 /*C0 2 _ cou- 
ple has been experimentally determined 
to be —2.21 V vs. standard calomel elec- 
trode (SCE) or approximately —2.6 V vs. 
the ferrocene/ferrocenium couple [21, 22]. 
From pulse radiolysis experiments, the 
reduction potential of C0 2 is —1.90 V vs. 
the SHE in water (— 2.14 V vs. SCE) [23]. 
Theoretical calculations have been used 
to calculate the contributions of various 
factors to the reduction potential of C0 2 . 
These include the electron affinity of C0 2 , 



stretching and bending contributions that 
are required to change the geometry of 
CO 2 from linear to bent, solvation en- 
ergies, and so on [12]. The interaction 
between the electrode surface and CO 2 
must be negligible, for an outer-sphere 
electron transfer to occur. Once the CO 2 
radical ion is formed, different reaction 
pathways are available depending on the 
medium. Saveant and coworkers have sug- 
gested that the *CC> 2 _ radical anion formed 
at the electrode surface can undergo three 
different homogeneous reactions depend- 
ing on the reaction conditions (Sch. 1) [21, 
22]. In the middle reaction of Sch. 1, two 
•CO 2 - radical anions react to form ox- 
alate. This reaction is fast in both water 
(1.3 x 10 9 M -1 s -1 ) [24] and organic sol- 
vents such as dimethylformamide (5 x 10 8 
M -1 s -1 ) [25]. This reduction involves only 
one electron per carbon atom and results 
in the formation of a C— C bond. This 
C— C bond formation is significant as a 
potential starting point for the synthesis of 
multicarbon organic products. 

It can be seen from the relative rate 
constants shown in Sch. 1 that the prod- 
ucts formed will depend on the reaction 
conditions [26]. The production of formate, 
as shown by the right-hand reaction in 
Sch. 1, will be enhanced in protic sol- 
vents or in more acidic solutions. In water, 
formic acid is the main product. The pro- 
duction of CO, as shown by the left-hand 
reaction in Sch. 1, will be enhanced in 
rapidly stirred solutions in which locally 
high concentrations of the *C 02 - radical 
anion cannot buildup. This will decrease 
the probability of a bimolecular reaction 
between *CC> 2 - radical anions. In quiet 
solutions and high current densities, the 
•CO 2 - radical anion concentration should 
be high in the diffusion layer, favoring 
formation of oxalate. 


6.2 Electrochemical Reactions of Carbon Dioxide | 209 

The reduction of carbon dioxide on 
graphite electrodes modified with cobalt 
phthalocyanine has been reported to yield 
oxalic acid and glycolic acid [27]. Reduc- 
tion of CO 2 at unmodified glassy carbon 
electrodes and graphite electrodes in basic 
aqueous solutions containing tetramethy- 
lammonium ions has also been reported to 
produce oxalate and glycolic acid [28, 29]. 

The relatively positive reduction potential 
(—0.74 V vs. SCE at pH 10) was attributed 
to the specific adsorption of the triethy- 
lammonium cation. The strongly adsorbed 
cations are thought to stabilize the -CC^” 
radical anion formed by CO 2 reduction. 

This interaction of the negative charge 
of the radical anion with the adsorbed 
cations results in significantly more posi- 
tive potentials for CO 2 reduction. In this 
case, oxalate production is also thought 
to occur by dimerization of adsorbed rad- 
ical anions rather than dimerization of 
•C0 2 “ radical anions in solution. Similar 
studies at lead electrodes have also been 
reported [30]. 

Silver and palladium porphyrins [31], 
nickel macrocycles [32], and organic 
molecules such as benzoate esters and 
benzonitrile have been reported to act 
as homogeneous catalysts for the reduc- 
tion of CO 2 to oxalate. It appears from 
mechanistic studies of the aromatic or- 
ganic catalysts that the oxalate formation 
again proceeds through the formation of 
the -C 02 “ radical anion, but in this case, 
the electron transfer is proposed to occur 
via a nucleophilic attack of the aromatic 
radical anion (ArO - *) on CO 2 . In the case 
of a benzoate ester, this nucleophilic at- 
tack involves the formation of a bond 
between the carbon atom of CO 2 and the 
oxygen atom of the radical anion of the 
ester. This C— O bond undergoes a ho- 
molytic cleavage reaction to regenerate the 
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benzoate ester catalyst and the -C 02 - rad- 
ical anion. This inner-sphere mechanism 
is favored over an outer-sphere mecha- 
nism because all of the data could not be 
fit with a single Marcus correlation line 
as expected for an outer-sphere mecha- 
nism. Ni^ complexes are also thought 
to react with CO 2 to form the *C 02 ~ 
radical anion in a similar manner, ex- 
cept that formation and cleavage of a 
Ni— C bond is proposed instead of a C— O 
bond [32], The *C02 _ radical anion that is 
formed in this inner-sphere process un- 
dergoes dimerization to form oxalate in 
dry dimethylformamide solutions as dis- 
cussed earlier. The important point is that 
the CO 2 radical anion can form by ei- 
ther inner-sphere or outer-sphere electron 
transfer mechanisms. Once the radical an- 
ions are formed, rapid dimerization to 
oxalate occurs. 

6 . 2 . 3. 2 Two-electron Reduction to Carbon 
Monoxide 

In Sch. 1, if the *C02 _ radical anion 
reacts with CO 2 in solution, CO is 
formed via a dimeric intermediate in 
which a C— O bond is formed. A second 
electron transfer to this intermediate from 
either the electrode or *C 02 ~ leads to 
the formation of carbon monoxide. The 
ultimate result of this pathway is the 
formation of the two-electron reduction 
product, carbon monoxide, and carbonate. 
In this reaction, a second CO 2 molecule 
acts as the acceptor of the oxide ion formed 
in the two-electron reduction of CO 2 to CO. 
Many of the features of these reactions 
are common to the catalyzed reactions 
discussed in the following. Because free 
•CO 2 - is not present in the catalyzed two- 
electron reductions of CO 2 to CO, the 
reduction potentials can be considerably 
less negative than that required to form 

•co 2 -. 


A number of homogeneous catalysts are 
known for the electrochemical reduction of 
CO 2 to CO. These include macrocylic com- 
plexes of iron, cobalt, and nickel; bipyri- 
dine complexes of Re, Ru, Os, Rh, and Ir; 
and triphosphine complexes of palladium. 
Although this list is not exhaustive, it does 
include the systems that have been most 
extensively studied. In 1980, several of the 
discrete macrocylic complexes of cobalt 
shown in Table 1 were reported to pro- 
duce a mixture of CO and hydrogen when 
electrolyzed under CO 2 in water or aque- 
ous acetonitrile solutions [33]. This led to a 
number of studies directed at understand- 
ing this catalytic process in more detail 
and the development of new classes of cat- 
alysts. From these studies, a rather general 
picture of the mechanism for the tran- 
sition metal catalyzed reduction of CO 2 
to CO has emerged. One such mech- 
anism for [Pd(triphosphine)(solvent)] 2+ 
complexes is shown in Sch. 2 [34, 35]. 
This catalytic mechanism has been studied 
in some detail, and it illustrates impor- 
tant steps that are common to all catalysts 
known to reduce CO 2 to CO. It is also clear 
from Sch. 2 that even a simple two-electron 
reduction of CO 2 to CO involves a number 
of discrete steps that must occur in a co- 
ordinated fashion for catalysis to occur. To 
simplify this catalytic cycle, four general 
processes will be considered. These steps 
are (1) electron transfer to form a reduced 
metal complex, (2) CO 2 binding to the 
metal complex, (3) CO bond cleavage with 
a formal loss of O 2- , and (4) loss of CO. 

In the process of reducing CO 2 to 
CO, two electrons must be transferred, 
but these electron transfer steps have 
intervening chemical steps between them. 
For example, in Sch. 2, one-electron 
transfer occurs immediately before CO 2 
binding, and the second electron transfer 
occurs two steps later, after protonation of 
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[LPd(S)] 2+ 



the bound CO 2 . Clearly, the two-electron 
transfer steps are not concerted. This is 
a fairly general observation for catalyzed 
reductions of CO 2 . 

In Sch. 2, the reduction of Pd m to Pd (I) 
is immediately followed by CO 2 binding 
(step 2) to form a metal carboxylate com- 
plex. For the [Pd(triphosphine)(solvent)] 2+ 
catalysts shown in Sch. 2, this is the 
rate-determining step at high acid con- 
centrations (>0.01 M) with second-order 
rate constants ranging from 5 to 300 M -1 
s -1 [35]. As observed for the binding 
constants illustrated in Table 1, the rate 
constants for the reaction of these palla- 
dium catalysts with CO 2 are dependent 
on the potential of the Pd(II/I) couple. In 
this case, a linear dependence is observed 
between ln(k) and £ 1/2 [36]. The use of 
bimetallic palladium complexes can lead 
to even faster catalysts without increas- 
ing the overpotentials required, but these 
bimetallic complexes are also significantly 
less stable [36]. These enhanced rates pre- 
sumably arise from the second palladium 
atom forming a Pd— O bond in addition to 
a Pd— C bond to the first Pd atom. 


These first two steps, electron transfer 
and CO 2 binding, are also common to 
Fe, Co, and Ni macrocyclic complexes. 
For these catalysts, one-electron reduc- 
tions corresponding to Fe(I/0) [37-40], 
Fe(II/I) [41], Co(II/I) [42-44], and Ni(II/I) 
[45] couples are followed by reaction with 
CO 2 . However, for these catalytic systems, 
which operate at much more negative 
potentials than the Pd complexes, the rate- 
determining step is not the reaction of CO 2 
with the reduced metal species. This reac- 
tion is very rapid. As shown in Table 1, the 
rate of reaction of Co (I, (rac-Me6[14]4,ll- 
diene) with CO 2 is 1.7 x 10 8 M -1 s -1 [14]. 
In addition, £ 1/2 for the M(II/I) couple of 
cobalt and nickel macrocycles under CO 2 
in aprotic media are typically shifted to- 
ward cathodic potentials, but remain fully 
reversible [15]. These results indicate that 
CO 2 binding is fast and reversible for this 
class of complexes. Similarly, the Fe(0) 
species formed on reduction of derivatives 
of Fe (II) tetraphenylporphyrins react very 
rapidly with CO 2 [37, 38]. 

An interesting case arises in the elec- 
trochemical reduction of CO 2 to CO 
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by Re(bipy)(CO) 3 Cl (where bipy is 2,2'- 
bipyridine). For this compound, reduction 
occurs on the bipy ligand [46]. The re- 
sulting radical anion is not reactive with 
CO 2 [47-50]. In order for reaction to occur, 
the chloride ligand must be lost accompa- 
nied by electron transfer to Re [47]. The 
17-electron rhenium species formed by 
this electron transfer reacts with CO 2 , 
and this mechanism results in the so- 
called one-electron pathway observed for 
this catalyst. A second two-electron path- 
way appears to involve reduction to form 
Re(bipy)(CO) 3 _ followed by reaction with 
CO 2 [51]. For this rhenium complex and 
its derivatives, multiple pathways follow- 
ing formation of the carboxylate complexes 
have been proposed [47, 52]. 

As discussed in the preceding two 
paragraphs, electrocatalytic reduction of 
CO 2 to CO by homogeneous catalysts 
always involves the binding of CO 2 to a 
reduced form of the catalyst. Although this 
can be the rate-determining step, normally 
it is not. The rate-determining step appears 
to be controlled by the potential at 
which the catalytic reaction occurs. For 
those catalysts that are reduced at very 
negative potentials, CO 2 binding is not the 
rate-determining step. For those catalysts 
operating at more positive potentials, CO 2 
binding is more likely to be rate limiting. 

For reduced catalysts in solution, pro- 
tonation competes with the reaction with 
CO 2 (step 2 of Sch. 2). Protonation of 
the reduced metal results in the forma- 
tion of a transition metal hydride, which 
may ultimately lead to the formation of 
hydrogen or formate. Protonation can be 
quite fast and favorable. For example, 
[Co I (rac-Me6[14]4,ll-diene)] + has binding 
constants of 2.5 x 10 8 M -1 and 2.5 x 10 11 
M -1 (pK a = 11.4) for the reaction with 
CO 2 and protons, respectively [53]. Simi- 
larly, the rate constants for binding protons 


(3.0 x 10 9 M -1 s -1 ) are larger than that 
for binding CO 2 (1.7 x 10 8 M -1 s -1 ). If 
the species should come to equilibrium 
in aqueous solutions at pH 5 and satu- 
rated with CO 2 (approximately 0.06 M), 
both the [Co^L(C 02)] + complex and the 
hydride should be present at significant 
concentrations. It is not surprising that 
hydrogen is also formed during the re- 
duction of CO 2 to CO by this catalyst in 
water [33]. In order to favor the produc- 
tion of CO, it is necessary to limit the 
availability of protons. [Ni(cyclam)] + has 
binding constants of 63 M and 16 M for 
H + and CO 2 , respectively, in water, and 
rate constants of 3 x 10 7 M _1 s -1 and 
3.2 x 10 7 M -1 s _1 for reaction with H + 
and CO 2 , respectively [16]. In this case, 
for CO 2 saturated aqueous solutions at 
pH 5, the production of the CO 2 complex 
should be favored. As a result, the selective 
production of CO using this catalyst is ex- 
pected. The [Pd(triphosphine)(solvent)] 2+ 
catalysts shown in Sch. 2 produce CO 
with current efficiencies of nearly 90% in 
strongly acidic solutions (0.1 M H + and 
0.18 M CO 2 in dimethylformamide) [36]. 
This means that there is a preference for 
the Pd (I) intermediate to react with CO 2 
and not with protons. 

Once CO 2 has added to the reduced 
metal complex, C— O bond cleavage must 
occur to form CO. This process nor- 
mally begins by the reaction of an acid 
with the oxygen atom of the bound CO 2 
molecule. In Sch. 2, step 3 is the proto- 
nation of the metal carboxylate to form 
a metallocarboxylic acid, p K 3 values for 
metallocarboxylic acids have been reported 
that range from 14 to 2.5 [14]. It is thus rea- 
sonable that the Pd (I) carboxylate formed 
in step 2 is protonated in strong acid. In- 
stead of interacting with protons, metal 
carboxylates can also interact with a sec- 
ond CO 2 molecule or a Lewis acid such as 



Na + or Mg 2+ . In catalytic reactions involv- 
ing Fe (0) porphyrins, protons, a second 
CO 2 molecule, or Mg 2+ and CO 2 play the 
role of oxide acceptor to form water, car- 
bonate, and MgC 03 , respectively [38]. The 
reactions of the iron carboxylate with these 
Lewis acids are thought to be fast and not 
rate determining. For the cobalt and nickel 
macrocyclic catalysts, CO 2 is the ultimate 
oxide acceptor with formation of bicarbon- 
ate salts in addition to CO, but it is not 
clear what the precise pathway is for de- 
composition of the carboxylate to CO [33]. 
The influence of alkali metal ions on CO 2 
binding for these complexes was discussed 
earlier [15]. It appears the interactions be- 
tween bound CO 2 and these ions are fast 
and reversible, and one would presume 
that reactions between protons and bound 
CO 2 are rapid as well. 

For the [Pd(triphosphine)(solvent)] 2+ 
complexes, the metallocarboxylic acid 
formed in step 3 of Sch. 2 is not ready to 
undergo C— O bond cleavage. In order for 
this reaction to occur, an additional elec- 
tron transfer, solvent loss, and a second 
protonation have to occur. Of particular 
interest in this sequence is the loss of a 
weakly coordinated solvent molecule (step 
5), to produce a vacant site on the metal for 
water to occupy as the C— O bond of CO 2 
is broken to form coordinated CO and co- 
ordinated water [34, 35]. This C— O bond 
cleavage reaction is the slow step in the 
catalytic cycle for these catalysts at low acid 
concentrations, and a vacant coordination 
site is required for this reaction to occur. 
C— O bond cleavage is also the slow step 
for Fe(porphyrin) catalysts at low acid con- 
centrations (H + , Mg 2+ , or CO 2 ) [37-39]. 
In this case, a vacant coordination site 
is not required. However, the potentials 
at which catalysis occurs in this case (ap- 
proximately —2.0 V vs. ferrocene/ferrocen- 
ium) is much more negative than those 
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of the [Pd(triphosphine)(solvent)] 2+ com- 
plexes (—1.1 to —1.4V). This more nega- 
tive potential should facilitate loss of water 
(or carbonate) to cleave the C— O bond. As 
a result, a vacant coordination site may not 
be required to achieve high catalytic rates, 
but a large overpotential is observed. 

Breaking the C— O bond, step 7 of 
Sch. 2, results in the formation of a 
metal carbonyl complex in which CO 
is bound to the metal. Completion of 
the catalytic cycle requires CO dissocia- 
tion. Cleavage of the M— C bond of the 
metal carbonyl complex that results from 
C— O bond cleavage is rapid for both 
the [Pd(triphosphine)(solvent)] 2+ and Fe 
porphyrin complexes. For the palladium 
triphosphine system, the Pd (II) and Pd (I) 
species formed during the catalytic cy- 
cle have little affinity for CO [34, 35]. For 
the iron porphyrin system, an Fe (II) (CO) 
intermediate is formed with a strong 
Fe— CO bond, but upon reduction to 
Fe(0) the CO is rapidly expelled [39-42]. 
Studies of Co(salophen) catalysts sug- 
gest that the loss of CO is a possible 
rate-determining step [54]. It was shown 
that a [Co (I) (salophen)(CO)]~ complex is 
formed during the catalytic cycle, and 
that the release of CO from these com- 
plexes is slow. For [Co (I, (rac-Me6[14]4,ll- 
diene)(CO)] + , the rate of CO loss has been 
reported to be 3 s _1 [53]. For the latter two 
cobalt complexes, either the cleavage of 
the Co— C bond or the cleavage of the C— O 
bond may be the rate-determining step, but 
the slow loss of CO provides an upper limit 
to the rate at which these catalysts can op- 
erate. As a result, efforts to improve the cat- 
alytic rates of these cobalt macrocylic com- 
plexes should focus on increasing the rates 
of C— O and M— C bond cleavage reactions. 

The multiple steps shown in Sch. 2 and 
discussed earlier for various catalysts for 
reduction of CO 2 to CO, indicates that 
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even a relatively simple two-electron pro- 
cess can be quite complex. However, these 
complex systems have the following com- 
mon features. (1) The metal is reduced in 
two discrete one-electron steps. (2) The re- 
action of the reduced metal complex with 
CO 2 forms a M— C bond. (3) The oxygen 
atoms of the resulting metal carboxylate 
interact with Lewis or protic acids to pro- 
duce C— O bond cleavage. (4) Finally, the 
M— CO bond must be broken to produce 
free CO. Any of these steps can be the rate- 
determining step. Catalysts that operate 
by this general mechanism significantly 
reduce the overpotentials associated with 
direct electrochemical reduction of CO 2 , 
and the current efficiencies and rates can 
be quite high. 

Inorganic and organometallic com- 
plexes adsorbed on electrode surfaces pro- 
vide a transition between homogeneous 
and heterogeneous catalysts. A very in- 
teresting case is the reduction of CO 2 to 
CO by [Ni(cyclam)] + complexes adsorbed 
on Hg [45]. These complexes appear to 
exhibit higher activities, higher selectiv- 
ities, and higher turnover numbers as 
adsorbed species than they do as homo- 
geneous species. The adsorbed species 
is [Ni (I, (cyclam)] + , and a structural rear- 
rangement is required for adsorption [55, 
56]. The precise nature of this structural 
rearrangement is not known. Similarly, 
carbon electrodes modified with cobalt 
phthalocyanines have been reported to pro- 
duce CO [57-59]. Polymeric thin films of 
Ru(bipy)(CO )2 on carbon and platinum 
have been formed by the electrochemi- 
cal reduction of a variety of precursors in 
solution [60, 61]. These films are active cat- 
alysts for the reduction of CO 2 to CO in 
both organic solvents and in water. Sim- 
ilarly, polymeric films derived from the 
electrochemical polymerization of vinyl- 
bipyridine and vinylterpyridine complexes 


of Re and Co, and polypyrrole/ Schiff-base 
complexes of nickel that catalyze the elec- 
trochemical reduction of CO 2 to CO and 
formate [62-64] have been described. 

Electrochemical reductions of CO 2 at a 
number of metal electrodes have been re- 
ported [12, 65, 66]. CO has been identified 
as the principal product for Ag and Au elec- 
trodes in aqueous bicarbonate solutions 
at current densities of 5.5 mA cm -2 [67]. 
Different mechanisms for the formation 
of CO on metal electrodes have been 
proposed. It has been demonstrated for 
Au electrodes that the rate of CO pro- 
duction is proportional to the partial 
pressure of CO 2 . This is similar to the re- 
sults observed for the formation of CO 2 
adducts of homogeneous catalysts dis- 
cussed earlier. There are also a number 
of spectroscopic studies of CO 2 bound to 
metal surfaces [68-70], and the formation 
of strongly bound CO from CO 2 on Pt 
electrodes [71]. These results are consis- 
tent with the mechanism proposed for the 
reduction of CO 2 to CO by homogeneous 
complexes described earlier and shown 
in Sch. 2. Alternative mechanistic path- 
ways for the formation of CO on metal 
electrodes have proposed the formation of 
M— COOH species by (1) insertion of CO 2 
into M— H bonds on the surface or (2) by 
outer-sphere electron transfer to CO 2 fol- 
lowed by protonation to form a COOH 
radical and then adsorption of the neutral 
radical [12]. Certainly, protonation of ad- 
sorbed CO 2 by a proton on the surface or 
in solution would be reasonable. However, 
insertion of CO 2 into a surface hydride 
would seem unlikely based on precedents 
in homogeneous catalysis. CO 2 insertion 
into transition metal hydrides complexes 
invariably leads to formation of formate 
complexes in which C— H bonds rather 
than O— H bonds have been formed, as 
discussed in the next section. 



6 . 2 . 3 . 2.1 Two-electron Reduction of CO2 to 
Formate/formic Acid As shown on the 
right-hand side of Sch. 1, protonation of 
the radical anion of CO 2 followed by a sec- 
ond electron transfer leads to formation of 
the formate ion. A number of catalysts also 
mediate the reduction of CO 2 to formate, 
but at much less negative potentials. In 
contrast to the electrochemical reduction 
of CO 2 to CO, no C— O bond is broken. 
A C— H bond is formed instead. An exam- 
ple of a proposed catalytic cycle for formate 
formation is shown by reactions (6-10) for 
ds-[Ru(bipy) 2 (CO)H]+ [72]. In reaction (6), 
a one-electron reduction occurs on a 
bipyridine ring, which enhances the 
electron density on the hydride ligand. 
This increased electron density promotes 
insertion of CO 2 into the M— H bond to 
form a formate ligand (reaction 7). CO 2 
insertion is followed by a second one- 
electron reduction of the resulting formate 
complex (reaction 8). Loss of the formate 
ion (reaction 9) and protonation of the re- 
sulting Ru(0) complex by water (reaction 
10) completes the cycle. The key features 
of this catalytic cycle are the formation 
of a nucleophilic hydride that can at- 
tack CO 2 to form a C— H bond and the 
cleavage of the Ru— O bond to eliminate 
formate. 

cis— [Ru(bipy) 2 <CO)H] + + e“ 

> cis— [Ru(bipy)(bipy _ )(CO)H] 

( 6 ) 

cis— [Ru(bipy)(bpy~)(CO)H] + CO 2 

» ds— [Ru(bipy) 2 (CO) (OC(O)H)] 

(7) 

ds— [Ru(bipy) 2 (CO) (OC(O)H)] + e“ 

» ds— [Ru(bipy) 2 (CO) (OC(0)H)p 

( 8 ) 
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ds— [Ru(bipy )2 (CO) (OC(O)H)] - 

* Ru(bipy) 2 (CO) + HCOO~ (9) 

Ru(bipy) 2 (CO) + H 2 0 

> ds-[Ru(bipy) 2 (CO)H]+ + OH“ 

( 10 ) 

In the mechanism shown in reactions 
(6-10), a transition metal hydride acts as 
a hydride donor. The direct reaction of 
metal hydrides and carbon dioxide has 
been studied in some detail [73-76], and 
these studies demonstrate the feasibil- 
ity of hydride transfer to form formate 
complexes. Other studies have suggested 
formyl (MC(O)H) complexes as hydride 
donors in the reduction of CO 2 to for- 
mate [77], and some formyl complexes are 
sufficiently good hydride donors to trans- 
fer a hydride to CO 2 [76, 78]. So, hydride 
transfer reactions from both transition 
metal hydrides and formyl complexes are 
reasonable from an energetic perspec- 
tive. In reactions (6-10), the formation 
of the proposed ruthenium hydride takes 
place via protonation of a reduced metal 
complex, a well-known reaction. The for- 
mation of a formyl complex presumably 
takes place via protonation of a reduced 
carbonyl complex. This could take place 
through a bent carbonyl complex. There is 
some evidence for the formation of bent 
carbonyl complexes for Rh(I I (porphyrin 
complexes [79], and their reactivity with 
hydrogen has been studied. Formation of 
a hydride carbonyl complex followed by 
hydride migration to the carbonyl ligand 
is also possible. Generally, this migra- 
tion reaction is not favored. To provide 
the necessary driving force for migration, 
formyl formation may be accompanied 
by ring closure of a dangling pyridyl lig- 
and [80]. Reactions 6-10 presents a fairly 
simplified mechanism for the formation 
of formate, but it may not be as general 
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as the mechanism shown in Sch. 2 for CO 
formation. Certainly, there is more debate 
regarding the details of proposed steps. 

Formate production has also been re- 
ported for electropolymerized films of 
[Co(4-vinylterpyridine)2] 2+ on glassy car- 
bon electrodes in dimethylformamide so- 
lutions [63]. Interestingly, the product of 
this same catalytic system in aqueous 
solutions is formaldehyde [81]. Other het- 
erogeneous systems that produce formate 
include Cd, Sn, Pb, In, and Zn electrodes 
in aqueous media [12] (see also Vol VII 
5.2.3). It is likely that the pathway to 
formate formation on metal electrodes 
follows the sequence of M— H bond for- 
mation followed by CO 2 insertion to form 
a M— 0C(0)H species followed by desorp- 
tion from the electrode surface. 

6. 2. 3. 2. 2 Two-electron Reductions of CO 2 
Involving Formation of a C— C Bond In- 
stead of forming a C— H bond, two- 
electron reduction of CO 2 may also result 
in the formation of C— C bonds. Reac- 
tion of Grignard reagents with CO 2 has 
been used for many years to prepare car- 
boxylic acids. In general, the uncatalyzed 
electrochemical carboxylation of organic 
halides results in the formation of esters. 
These esters are formed by the reaction 
of the carboxylate anion that forms at the 
cathode with unreacted organic halide in 
solution. As a result, carboxylation of no 
more than 50% of the original halide is 
possible. However, benzyl chlorides can be 
reduced in the presence of CO 2 at graphite 
electrodes in single compartment cells 
with aluminum anodes to form the cor- 
responding carboxylic acid in good yields 
(80-90%) [82]. Using an Fe— Mo cluster, 
[(C2H5)4N]3[Fe 6 M02S 8 (SC2H5)9], electro- 
chemical reduction of CO 2 in the presence 
of thioesters results in the formation of 
a-keto acids [83]. 


From a mechanistic perspective, the best 
understood system for C— CO 2 bond for- 
mation is the catalytic electrocarboxylation 
of bromoarenes in the presence of a tran- 
sition metal catalyst, reaction (11) [84-87]. 
This reaction is selective and occurs at 
room temperature and 1 atm of CO 2 . 

PhBr + 2 e“ + CO 2 > PhC02 _ + Br~ 

( 11 ) 

The carboxylation reaction shown in 
reaction (11) is catalyzed by both nickel 
and palladium phosphine complexes. 
For example, Ni(dppe)Cl 2 (where dppe 
is l,2-bis(diphenylphosphino)ethane) and 
Pd(PPh 3 ) 2 Cl 2 both catalyze reaction (11) 
[84-86]. Mechanistic studies have been 
carried out on these two systems, and 
the results indicate that two different 
mechanisms are involved. In the case 
of the Ni complex, the first step is the 
reduction of Ni(dppe)Cl 2 to a transient 
Ni(dppe) species [85]. This process occurs 
in two one-electron steps (reaction 12). 
Bromobenzene then oxidatively adds to 
Ni(dppe) to form Ni(dppe)(Br)(Ph), reac- 
tion (13). The resulting Ni(II) aryl species 
is reduced in a one-electron process to 
form Ni(dppe)(Ph), which reacts rapidly 
with CO 2 to form a Ni— CO 2 intermedi- 
ate as shown in reaction (14). The rate- 
determining step for the overall catalytic 
reaction is the insertion of CO 2 into the 
Ni-aryl bond, reaction (15) step 1. This re- 
action is followed by a final one-electron 
reduction to regenerate Ni(dppe), the true 
catalyst in the cycle (reaction 15, step 2). 

Ni(dppe)Cl 2 » Ni(dppe)(Cl) 

» Ni(dppe) (12) 

Ni(dppe) + PhBr » 

Ni(dppe)(Ph)(Br) (13) 
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Ni(dppe)(Ph)(Br) > Ni(dppe)(Ph) 

C0 2 

> Ni(dppe) (Ph) (CO 2 ) (14) 

Ni(dppe)(Ph)(C0 2 ) > 

Ni(dppe)(C> 2 CPh) ^ 

Ni(dppe) + PhC0 2 “ (15) 

For the Pd(Ph 3 ) 2 Cl 2 catalyzed carboxyla- 
tion of bromobenzene, Pd(Ph 3 ) 2 Cl 2 is re- 
duced in a single two-electron step to form 
Pd(PPh 3 ) 2 (reaction 16) followed by oxida- 
tive addition of bromobenzene (reaction 

17) [84]. In contrast to the Ni(dppe)(Ph)(Br) 
complex, Pd(PPh 3 ) 2 (Ph)(Br) undergoes a 
single two-electron reduction followed by 
expulsion of the aryl anion (reaction 

18) . The anion then reacts with C0 2 
to form PhC0 2 “ (reaction 19). In this 
case, the role of the Pd complex is sim- 
ply to reduce the overpotential associated 
with the reduction of bromobenzene to 
form the phenyl anion. These two differ- 
ent mechanisms for these closely related 
complexes indicate that it is difficult to 
predict precise reaction pathways. How- 
ever, both complexes effectively carboxy- 
late PhBr. 

Pd(PPh 3 ) 2 Cl 2 Pd(PPh 3 ) 2 (16) 

Pd(PPh 3 ) 2 + PhBr » 

Pd(PPh 3 ) 2 (Ph)(Br) (17) 

Pd(PPh 3 ) 2 (Ph)(Br) 

Pd(PPh 3 ) 2 + Ph“ + Br“ (18) 

Ph - + C0 2 » PhC0 2 “ (19) 

The formation of C— C bonds between 
C0 2 and alkenes and alkynes can also be 


catalyzed. For example, benzonitrile cat- 
alyzes the reductive coupling of C0 2 and 
styrene to form mono- and dicarboxylic 
acid products [88]. This transformation re- 
quires very negative potentials (— 2.15 V 
vs. SCE), and is not very selective. Car- 
bon dioxide can also be incorporated into 
alkynes in a catalytic reaction using nickel 
2,2 , -bipyridine complexes as catalysts [89]. 
The catalytic process requires a single com- 
partment cell and the use of magnesium 
as the counter electrode. For this catalytic 
system, Mg 2+ ions are required for cleav- 
age of a metallocycle, structure (5), to form 
the ultimate product. Depending on the 
nature of the substituents, selectivities in 
this case can be reasonably high. An ex- 
tension of this chemistry is the sequential 
reductive coupling of two molecules of 
C0 2 to butadiene to form 4-hexene-l,6- 
dioic acid, the unhydrogenated precursor 
to adipic acid [90]. Adipic acid is used in 
the synthesis of Nylon. Although these 
C— C bond forming reactions are not com- 
mercially developed, they do indicate that 
in the future, electrochemical coupling of 
various organic substrates to C0 2 may pro- 
vide attractive routes to various carboxylic 
acids and their derivatives. 



6 . 2 . 3. 3 Four-electron Reductions of C0 2 

Four-electron reductions of C0 2 are rather 
unusual. As discussed above, the re- 
duction of C0 2 to formate is observed 
at films of [Co(4-vinylterpyridine) 2 ] 2+ on 
glassy carbon electrodes in dimethylfor- 
mamide solutions [63]. These same films 
are reported to produce formaldehyde in 
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aqueous solutions at potentials of approx- 
imately — 1.3 V vs. ferrocene [81]. Films 
of [Cr( 4 -vinylterpyridine) 2 ] 2+ and [Fe(4- 
vinylterpyridine) 2 ] 2+ on glassy carbon elec- 
trodes also catalyzed the reduction of CO 2 
to formaldehyde with current efficiencies 
of 87 and 28%, respectively. Kinetic studies 
indicated that the reaction is first order in 
catalyst and first order in CO 2 . The reac- 
tion rates were observed to be much lower 
for formaldehyde production than they 
were for the formation of formate. This 
was attributed to a four-electron reduction 
being more difficult than a two-electron 
reduction. 

Another very interesting reaction, is 
the four-electron reduction of CO 2 to 
acetone [91, 92], [Ru(bipy) 2 (qu)(CO)] 2+ 
(where qu is quinoline) catalyzes the re- 
duction of CO 2 to CO in acetonitrile using 
LiBF 4 as the supporting electrolyte. When 
the solvent is changed to a 1 : 1 mixture of 
acetonitrile and DMSO and Me 4 NBF 4 is 
used as the supporting electrolyte, CO is 
the main product (42%) but a significant 
amount of acetone (16%) is also formed. 
In the production of acetone, CO 2 is the 
source of carbonyl moiety, and the Me 4 N + 
functions as the methylating agent. In 
this reaction, it has been proposed that 
[Ru(bipy) 2 (qu)(CO)] reacts with NMe 4 + to 
form [Ru(bipy) 2 (qu)(C( 0 )CH 3 )] + in which 
the carbonyl moiety acts as a nucleophile 
and the methyl group on nitrogen acts as 
an electrophile. Further study and devel- 
opment of this very interesting reaction is 
clearly warranted, because it would provide 
useful insights into pathways resulting in 
the four-electron reduction of CO 2 and the 
formation of C— C bonds. 


catalysts appear to be superior for this re- 
action to date. Reduction of CO 2 at molyb- 
denum electrodes to produce methanol 
(Faradaic efficiencies of 50-100%) pro- 
ceeds at room temperature at —0.8 V vs. 
SCE [94]. The chief drawback to the use 
of molybdenum electrodes for producing 
methanol is that the current densities 
are very low. Other metals showing in- 
teresting activity for the production of 
methanol included Ag, W, and Os [12]. Un- 
fortunately, the mechanisms for methanol 
formation are not known for any of these 
catalysts. 

6. 2. 3. 5 Eight- and Twelve-electron 
Reductions of CO 2 to Methane and 
Ethylene 

The electrochemical reduction of CO 2 
to form hydrocarbons has been stud- 
ied on several electrodes. The production 
of methane at both ruthenium and Cu 
electrodes has been reported. For ruthe- 
nium, electrolysis of CO 2 in aqueous 
solutions containing 0.1 M H 2 SO 4 re- 
sulted in current efficiencies as high as 
20% for methane production at 65 °C [12, 
95], The potentials were modest (—0.39 V 
vs. SCE), but current densities were low 
(0.3 mA cm -2 ). In contrast, constant cur- 
rent electrolysis ofC0 2 saturated solutions 
(0.5 M KHCO 3 in water) at copper elec- 
trodes produced a mixture of products 
including methane, ethylene, hydrogen, 
CO, and formate [98]. At 0 °C, the Faradaic 
efficiency for CH 4 production was 65%. 
At higher temperatures, the efficiency 
for methane production decreased while 
that for ethylene production increased to 
20% at 40 °C. Further studies resulted in 
Faradaic efficiencies of up to nearly 50% 
for ethylene formation when KC1, KCIO 4 , 
or K 2 SO 4 were used as supporting elec- 
trolytes. In some cases, significant quan- 
tities of ethanol (20% Faradaic efficiency) 


6. 2. 3. 4 Six-electron Reduction to Methanol 

Although traces of methanol have been 
observed in the reduction of CO 2 using ho- 
mogeneous catalysts [93], heterogeneous 
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were also formed [98]. The production of 
hydrocarbons is favored for potentials neg- 
ative of —1.3 V versus the NHE, and CO 
formation is favored for potentials pos- 
itive of —1.2 V. More recent studies of 
single crystal electrodes of copper and plat- 
inum have shown that the products formed 
are dependent on the crystal plane and 
the presence or absence of steps [99-101]. 
For homogeneous catalysts, such features 
correspond to vacant or weakly solvated 
coordination sites. 

Scheme 3 accounts for the various prod- 
ucts formed, and it is consistent with 
known transformations in organometallic 
chemistry. In the first step, CO 2 is reduced 
in a proton-coupled two-electron process 
to form adsorbed CO. That CO is an 
intermediate in the reduction of CO 2 to hy- 
drocarbons is supported by the following 
observations. (1) Reduction of CO at cop- 
per electrodes under the same conditions 
gives a similar distribution of hydrocarbon 
products. Reduction of formate, on the 
other hand, gave no hydrocarbon prod- 
ucts [98, 102]. (2) CO on the electrode 
surface could be detected by cyclic voltam- 
metry measurements. Fourier transform 


infrared measurements showed a band 
at 2087 cm -1 , consistent with a terminal 
CO ligand bound to Cu [103]. (3) Factor 
analysis suggests that CO, methane, and 
ethylene production are strongly corre- 
lated [104]. All of the data together leave 
little doubt that hydrocarbon formation 
proceeds through adsorbed or bound CO. 
The steps for the formation of this bound 
CO are probably similar to those shown 
in Sch. 2. 

CO formation on copper electrodes 
appears to be accompanied by hydride 
formation as well [103]. In Sch. 3, the 
surface bound CO is reduced by a hy- 
dride transfer reaction to form a formyl 
species as shown in step 2. There are 
precedents in organometallic chemistry 
for late transition metal hydrides reducing 
bound CO [105-109]. Protonation of the 
adsorbed formyl in step 3 results in the for- 
mation of a hydroxy carbene species [110, 
111]. This hydroxycarbene species could 
be considered to be an adsorbed and 
rearranged form of formaldehyde, and the 
reduction of formaldehyde at a copper 
electrode has been reported to form hy- 
drocarbons [102]. However, reduction of 
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formaldehyde at copper electrodes has also 
been reported to form primarily methanol 
and hydrogen [98]. Hydride transfer to 
the hydroxycarbene species, step 4, is ex- 
pected to form an adsorbed hydroxymethyl 
species [106, 112]. Reactions of MCH2OH 
complexes with protons or Lewis acids fol- 
lowed by loss of water (step 5) result in 
the formation of an adsorbed methylene 
species [113-115]. A hydride transfer, step 
6, then normally leads to the formation 
of a methyl complex, M— CH3 [106, 116]. 
Protonation of the M— CH3 species (step 
7) leads to methane [106, 116]. If instead 
of a hydride transfer step, two methylene 
units couple as shown in step 8, then ethy- 
lene will be produced. The coupling of two 
methylene units would be anticipated to 
require more energy than methylene inser- 
tion into a Cu— H bond. This would explain 
the preference at low temperatures for 
methane formation while higher tempera- 
tures favor ethylene formation. Similarly, 
the formation of methane from a Cu— CH3 
group requires a proton. This would ac- 
count for the electrolyte dependence for 
methane versus ethylene production. Hori 
has suggested that different pH values 
of the solutions at the interface with the 
electrode are responsible for the observed 
electrolyte dependence, even though bulk 
solution pH values may be the same [98]. 
Those supporting electrolytes that favor 
higher proton concentrations near the 
electrode surface favor methane forma- 
tion, while lower proton concentrations 
favor ethylene formation. The coupling of 
methylene groups may also be involved 
in the formation of carbon deposits that 
deactivate the electrode surface [102]. Ex- 
periments in which the electrode potential 
is periodically cycled to positive potentials 
have shown that carbon formation and 
electrode deactivation can be reduced or 
eliminated [117, 118]. 


The eight- and twelve-electron reduc- 
tions of CO2 to methane and ethylene, 
are very exciting results for two rea- 
sons. First, these results demonstrate that 
complex multielectron reductions are pos- 
sible. Second, they illustrate the close 
relationship that exists between reactions 
observed for discrete molecular com- 
plexes and reactions observed on metal 
surfaces. 

6.2.4 

Sequential Two-electron Reductions of CO2 
Catalyzed by Enzymes 

In the preceding sections, we have dis- 
cussed the reduction of CO2 by one, 
two, four, six, eight, and twelve electrons. 
A single homogeneous or heterogeneous 
catalyst catalyzes all of these reactions. 
Another possible route to multielectron 
reduction of CO2 is to carry out sequential 
two-electron reductions, with each step us- 
ing a different catalyst. In fact, this is the 
process that is used in nature. In photo- 
synthetic reactions using the Calvin cycle, 
CO2 reacts with a 5-carbon sugar, ribu- 
lose bisphosphate, to form two molecules 
of phosphoglyceric acid. This reaction is 
catalyzed by the enzyme ribulose bisphos- 
phate carboxylase (RuBisCO) and involves 
both the formation and cleavage of C— C 
bonds [119]. In this respect, it is similar to 
the carboxylation reactions described ear- 
lier. The phosphoglyceric acid is phophory- 
lated and then reduced in a second two- 
electron step involving nicotinamide ade- 
nine dinucleotide phosphate (NADPH). 
Overall, a four-electron reduction of CO2 
to the level of a sugar (or formaldehyde) is 
achieved in photosynthesis. 

Using biological catalysts, or enzymes, 
is therefore an attractive approach for try- 
ing to reduce CO2 to a variety of specific 
products. However, the direct reduction of 



enzymes at electrode surfaces is not gen- 
erally feasible. The active sites frequently 
lie within the interior of the enzyme, and 
therefore they are not readily accessible 
to the electrode surface. This requires the 
use of mediators such as methyl viologen. 
These mediators are reversibly reduced at 
the electrode surface and are small enough 
to diffuse into the interior of the enzyme 
to effect reduction of the active site. In one 
of the first studies using this approach, a 
semiconductor electrode was illuminated 
in the presence of methylviologen, CO 2 , 
and formate dehydrogenase [120]. In this 
case, illumination of the semiconductor 
results in charge separation with the elec- 
trons going to the semiconductor solution 
interface where reduction of methylviolo- 
gen occurs. The reduced methylviologen 
carrier in turn reduces the active site 
of formate dehydrogenase, which reduces 
CO 2 to formate. This example illustrates 
not only the use of an electron medi- 
ator, but also the coupling of photon 
absorption and charge separation with 
CO 2 reduction. Numerous examples of 
photoelectrochemical reduction of CO 2 at 
semiconductor electrodes have been re- 
ported, but the mechanistic details are 
generally not known [121-123]. Reduction 
of CO 2 to CO using carbon monoxide de- 
hydrogenase has also been reported [124]. 

More complex reductions of CO 2 by en- 
zyme cascades have also been achieved. 
A combination of an electron mediator 
and two enzymes, formate dehydrogenase 
and methanol dehydrogenase, was used 
to reduce CO 2 to methanol. This system 
operates with current efficiencies as high 
as 90% and low overpotentials (approxi- 
mately —0.8 V vs. SCE at pH 7) [125]. The 
high selectivity and energy efficiency of 
this system indicate the potential of en- 
zyme cascades. There are also drawbacks 
to these systems. In general, enzymes are 
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not very stable and are frequently sensitive 
to light, oxygen, pH, and so on. Like ho- 
mogeneous catalysts, they are difficult to 
separate from the reaction mixture. How- 
ever, studies such as these indicate that in 
the future cascades of enzymes, homoge- 
neous catalysts, or heterogeneous catalysts 
or combinations of all of these different cat- 
alyst types may be able to efficiently reduce 
CO 2 to a variety of products selectively and 
efficiently. 


Electrochemical reactions involving CO 2 
are an important class of reactions. They 
provide the basis for developing new meth- 
ods for CO 2 recovery and the production 
of future feedstocks and fuels. Fundamen- 
tal studies that increase our understanding 
of the ways in which CO 2 interacts with 
electrochemically active molecules and 
surfaces are critical to the rational devel- 
opment of catalysts that can reduce CO 2 
along specific pathways to desired prod- 
ucts. Preliminary studies of CO 2 binding 
to molecular compounds have established 
that electron density plays an important 
role in the strength and rates of these in- 
teractions. However, the use of secondary 
interactions to control binding of CO 2 is 
in its infancy. A thorough understanding 
of these secondary interactions is of funda- 
mental importance for designing electro- 
chemical CO 2 pumps and highly selective 
catalysts. One- and two-electron reductions 
can lead to the formation of oxalate and car- 
boxylates in which C— C bonds are formed. 
This is an essential step in the formation 
of more complex molecules from CO 2 . 
The direct production of ethylene at cop- 
per electrodes is a striking example of 
a very complex multielectron reduction 


6.2.5 

Summary 
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that uses only CO2 to produce a chemi- 
cal feedstock that is used in a large range 
of reactions. Two-electron electrocarboxy- 
lation reactions suggest the possibility of 
selectively building up complex molecules 
in a predetermined manner. A better un- 
derstanding of the factors controlling low 
energy pathways for the formation of C— C 
bonds is critical for future development 
of feedstocks from CO2. The multielec- 
tron reduction of CO2 to methanol and 
methane represent important initial stud- 
ies that indicate that production of high 
energy-density fuels by electrochemical re- 
duction of CO2 should be considered an 
attractive future approach for storing solar 
and wind energy and other intermittent 
forms of energy. 
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6.3.1 

Electrochemical Reduction and Oxidation 
of Carbon Monoxide 

Electrochemical reduction of carbon 
monoxide in dry nonaqueous media at 
moderate to low pressures leads to the 
formation of the 1,3-cyclobutanedione 
dianion (squarate) at current efficiencies, 
up to about 45% depending on the cathode 
material [1, 2]. In aqueous solution, 
electroreduction can lead to the formation 
of methane and other hydrocarbon 
products. The role of the metal/adatom 
in determining the extent of CO and 
hence hydrocarbon formation during the 
reduction of carbon dioxide is related to 
the ability of the electrode material to favor 
CO formation (Cu, Au, Ag, Zn, Pd, Ga, Ni, 
and Pt) and stabilize HCCO - [3, 4]. 

Electrooxidation of carbon monoxide to 
carbon dioxide at platinum has been exten- 
sively studied mainly not least because of 
the technological importance of its role in 
methanol oxidation in fuel cells [5] and in 
poisoning hydrogen fuel cells [6]. Enhanc- 
ing anodic oxidation of CO is critical, and 
platinum surfaces modified with ruthe- 
nium or tin, which favor oxygen atom 
adsorption and transfer to bound CO, can 
achieve this [7, 8]. 

Fundamental studies of CO binding to 
platinum surfaces have shown that the 
vibrational stark effect and binding ener- 
getics are related to the nature of surface 
coordination of CO as terminally bound 
or bridging [9, 10]. The spectroelectro- 
chemical behavior of polynuclear platinum 


carbonyls have been studied as mod- 
els for surface-bound CO [11]; see Sect. 

6.3.2 below. 

6.3.2 

Binary Metal Carbonyls 

In the mid-1960s, Dessy and cowork- 
ers [12, 13] provided an extensive survey 
of the anodic and cathodic reactions of 
transition metal organometallic species, 
including binary (homoleptic) carbonyls, 
and this provided a stimulus for many 
later detailed studies. Whereas the electro- 
chemistry of heteroleptic transition metal 
carbonyls is covered elsewhere in this vol- 
ume, that of the binary carbonyls, which 
is covered here, provides paradigms for 
the electrochemistry of their substituted 
counterparts. A key aspect is the genera- 
tion of reactive 17-electron or 19-electron 
intermediates that can play key roles in 
the electrocatalytic processes and electron- 
transfer catalysis of CO substitution by 
other ligands. 

6. 3. 2.1 Mononuclear Carbonyls 

Specific reviews of the electrochemistry of 
mononuclear carbonyls have not appeared. 
The primary oxidation of the mononu- 
clear carbonyls leads to the formation of 
17-electron radical cations with half-lives 
in the order of seconds or less in MeCN 
electrolytes [14, 15]. Decay may take place 
by disproportionation, CO loss, and/or 
nucleophilic attack. Electrogeneration in 
solvents of low nucleophilicity such as 
trifluoroacetic acid can enhance the sta- 
bility of the cations and indicates that 
nucleophilic attack is a major pathway for 
decay. This is concordant with the sta- 
bility order [Cr(CO) 6 ] + > [Fe(CO) 5 ] + 
[Ni(CO) 4 ]+, where the lower coordination 
numbers favor nucleophilic attack and 



further oxidation [16]. This is also consis- 
tent with the observation that [MofCOpp 
and [W(CO) 6 ] + , which have larger metal 
centers and a tendency for seven co- 
ordination in M(II) oxidation states, so 
far remain undetected in electrochemi- 
cal systems. In general, the substitution 
of CO in mononuclear 18-electron sys- 
tems by donor ligands such as amines, 
phosphines, or halides allows oxidation to 
occur at less positive potentials because 
the 17-electron metalloradicals are stabi- 
lized and less reactive. For example, the 
17-electron neutral complexes [CrfCOpX], 
where X = halide or pseudohalide, are 
stable, isolable species [17]. The impor- 
tance of a cationic charge in promoting 
nucleophilic attack is emphasized by the 
comparative stability of the paramagnetic 
17-electron species [VfCOp], which are in- 
definitely stable in nonpolar solvents, and 
[Cr(CO) 6 ] + , which is not so [14, 18, 19]. 
In the 17-electron carbonyl complexes, 
the M— CO bonds are weakened by di- 
minished backbonding to CO; this favors 
an intimate associative mechanism involv- 
ing nucleophilic attack and concerted CO 
loss from a 19-electron intermediate or 
transition state. It accounts for the rel- 
ative stability of the 18-electron cation 
[Mn(CO) 6 ] + vis-a-vis [Cr(CO) 6 ] + and of 
the lower reactivity of the 17-electron car- 
bonyl cations with donor coligands such 
as phosphines or amines [ 20 ]. 

Electrochemical reduction of mononu- 
clear binary carbonyls on the prepara- 
tive timescale generally leads to CO loss 
and the formation of dinuclear dianionic 
products. For example, M(CO )6 (M = Cr, 
Mo, or W) undergoes irreversible elec- 
trochemical reduction near —2.7V versus 
SCE in tetrahydrofuran (THF) containing 
[NBu 4 ][BF 4 ]. The product of the reductions 
are the dinuclear dianions [M 2 (CO)io] 2_ 
[14, 21], although under some conditions 
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polynuclear products can also been ob- 
tained [22]. It was initially proposed that 
the primary step involved a single-electron 
transfer with fast CO loss and subsequent 
dimerization of the 17-electron radical an- 
ion [M(CO) 5 ]“ [21]. A subsequent study 
showed that a common intermediate de- 
tected on the voltammetric timescale was 
the 18-electron species [M(CO)s] 2 ~ formed 
by a two-electron ECE process and that the 
overall one-electron reduction observed 
in preparative electrolysis arises by the 
attack of this dianion on the parent ma- 
terial in the bulk solution - the same 
mechanism operates for the reduction of 
Fe(CO )5 to [Fe 2 (CO) 8 ] 2_ , but electrolysis 
in a flow cell allows the synthesis of the pri- 
mary mononuclear product [Fe(CO) 4 ] 2_ 

[23, 24], 

6. 3. 2. 2 Dinuclear and Polynuclear Binary 
Carbonyls 

The electrochemical oxidation and reduc- 
tion of Mn 2 (CO)io provides an exemplar 
for organometallic metal -metal-bonded 
systems. Electrochemical oxidation in a co- 
ordinating solvent (S) or in the presence of 
a ligand (L) leads to a two-electron cleavage 
of the metal -metal bond and the forma- 
tion of the 18-electron cation [Mn(CO)s (S 
or L)] + - electrochemical reduction of this 
type of product generally leads to the regen- 
eration of the metal -metal-bonded prod- 
uct; for example, when S = MeCN, the 
parent molecule Mn 2 (CO)io is regenerated 
essentially in a quantitative manner. Elec- 
trochemical reduction of Mn 2 (CO)io also 
leads to the cleavage of the metal-metal 
bond in a two-electron process, which gen- 
erates the monoanion [Mn(CO) 5 p. 

Reoxidation of this anion leads to the re- 
generation of the parent material at inert 
anodes via the formation of the 17-electron 
radical [12-14, 25]. These reactions are 
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summarized in Sch. 1. The thermodynam- [29-31]. Electron-transfer catalysis of sub- 

ics of these and related systems have been stitution of CO by a donor ligand in 

studied. For the two-electron couples, such a trinuclear iron carbonyl system pro- 

as 2[Mn(CO)5(MeCN)] + /Mn2(CO)io, E vided early examples of how the gen- 
was estimated to be +0.30 versus SSCE eration of reactive metalloradical species 

(saturated sodium chloride calomel elec- can give rise to intermediates that ox- 

trod e), and for Mn2(CO)io/2[Mn(CO)5]“ idize at the potential of the primary 

it was estimated to be —0.69 V versus reduction process, with consequently low 

SSCE. These values were obtained by an charge consumption; that is, the elec- 

equilibration technique. For one-electron tron acts as a catalyst [32-34]. Major 

couples such as Mn(CO) 5 /[Mn(CO) 5 ], structural changes can result from the elec- 

is was found to be —0.08 V versus SSCE, trochemical reduction of trinuclear binary 
as measured by fast-scan microelectrode carbonyls [35, 36] This is exemplified by the 
cyclic voltammetry [26]. Cross-coupling electrochemical reduction of Ru 3 (CO)i 2 ; 
reactions of electrogenerated radicals this irreversible two-electron process pro- 
[27] and electrochemical substitution ceeds via an EE mechanism, with the 
processes have been studied in situ by FTIR opening of the triruthenium ring being 
spectroelectrochemistry [28]. concerted with the first electron-transfer 

The electrochemistry of polynuclear step. The reduction product, presumed 
carbonyl complexes has been reviewed to be open-chain [Ru 3 (CO)i 2 ] 2_ , is very 



Scheme 1 Electrochemical transformations of Mn2(CO)io- 



rapidly consumed by a second-order pro- 
cess to give [Ru 3 (CO)n] 2 - and by a com- 
peting first-order process to give a species, 
possibly an acetone adduct, which then 
slowly decays to [Ru 3 (CO)n] 2- [35]. 

Structural reorganization associated 
with successive reversible two-electron 
reductions of [Os6(CO)i8], as illustrated 
by Sch. 2, can have low energy barriers. 
The primary reduction proceeds without 
the detection of an intervening monoanion 
and with a small activation energy barrier 
for the conversion of the bicapped 
tetrahedron to the octahedral dianion of 
8 kcal mol -1 , as shown in Sch. 2; the 
structure of the tetraanion in Sch. 2 is 
deduced from theoretical calculations [36], 

An intriguing link between the elec- 
tronic and bonding properties of large, 
ionizable metal polynuclear carbonyl clus- 
ters and that of chargeable metal sur- 
faces on which CO is adsorbed has been 
found. Thus, infrared spectroelectrochem- 
istry has been used to explore the vi- 
brational properties of the high-nuclearity 
platinum carbonyl clusters [Pt 24 (CO) 3 o]" - , 
[Pt 26 (CO) 32 ]"-, and [Pt 38 (CO) 4 4 ]"“ as a 
function of the charge n in a range of 
solvents. The clusters exhibit reversible 
voltammetric and spectroelectrochemical 
behavior, with a sequence of redox steps 
spanning n = 0 to —10, with Ef be- 
tween ca 0.5 and —2.5V versus ferroce- 
nium-ferrocene. Largely, two-electron 
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steps are observed for [Pt 26 (CO) 3 2 ]" - , in- 
volving even-charge states (« = — 2, —4, 

—6, —8, and —10). Sequential one-electron 
steps are found for [Pt 24 (CO) 3 o]” - and 
[Pt 3 8 (CO) 44 ]" - , although the regions of 
electrode potential over which odd-charge 
states (n = — 1, —3, —5, —7) are stable 
(i.e. the spacings between Ef' values) 
are markedly smaller than those for the 
even-charge states. The CO stretching fre- 
quencies for the bridging (v(CO)b) and 
especially the terminal (v(CO)t) coordi- 
nated CO ligands decrease systematically 
as n becomes more negative; for exam- 
ple, v(CO)t for [Pt 24 (CO) 3 o]' 1- diminishes 
by 15-20 cm -1 per added electron. Com- 
parisons with the potential (and conse- 
quent) charge-dependent properties of CO 
adlayers at corresponding platinum elec- 
trode-solution interfaces can be made 
because these systems also display de- 
creases in v(CO)t and v(CO)b as the 
electrode potential, E, and hence the sur- 
face charge, is made more negative, as 
usually ascribed either to increased dtr (Pt) 
to jt*(CO) backbonding or to a Stark effect 
(Sch. 3). 

The v(CO)t-£ slopes for saturated 
CO adlayers at both single-crystal and 
polycrystalline Pt-nonaqueous interfaces 
are noticeably smaller than those for 
the corresponding solvated Pt carbonyl 
clusters. These differences are explained 
as being chiefly due to larger “effective 



o Represents Os(CO) 3 


Scheme 2 Structural reorganization accompanying the electron-transfer 
reactions of Os6(CO)ig. 
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Scheme 3 Terminal i'(CO) frequencies (squares) versus redox 
potential for [Pt 24 (CO) 3 o]"~; the circles show the corresponding 
response of i’(CO) on poly crystalline platinum (from Ref. 37 with 
permission). 


surface” capacitances (i.e. charge- E f 
dependencies) for the clusters than those 
measured for the electrode-solution inter- 
faces and have been rationalized by a sim- 
ple geometric electrostatic model [37]. The 
electrochemical behavior of the bimetallic 
[H 6 _„Ni 3 8 Pt 6 (CO) 48 f“ (n = 4-6) clusters 
show that up to six different oxidation 
states are accessible. The difference in 
the formal electrode potentials of con- 
secutive redox couples of both series is 
almost constant and is around 0.3 V. It 
is argued that this is because there is no 


well-defined HOMO-LUMO gap, and the 
clusters display semiconductor-like behav- 
ior; moreover, the transition from semi- 
conductor to metallic behavior might occur 
upon a ca 50% increase in the nuclearity 
of clusters currently available [38]. 
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7.1.1 

Molecular Nitrogen 

A single study reports the electrochemical 
oxidation of molecular nitrogen (dinitro- 
gen) at platinum microelectrode, together 
with the oxidation of inert gases [1]. There 
have been several reports of the het- 
erogenous electroreduction of dinitrogen 
to ammonia. These include studies of 
gas-diffusion electrodes coated with met- 
allophthalocyanines [2, 3], industrial iron 
catalysts at high pressure [4], and ruthe- 
nium electrodes [5]. Ammonia has been 
synthesized from its elements at atmo- 
spheric pressure in a solid-state proton 
(H + )-conducting cell reactor. Hydrogen 
flowing over the anode was converted 
into protons that were transported through 
the solid electrolyte and reached the cath- 
ode (palladium) over which nitrogen was 
passing. At 570 °C and atmospheric pres- 
sure, about 78% of the electrochemically 
supplied hydrogen was converted into 
ammonia [6]. 


Electroreduction titanium(IV) iso- 
propoxide under molecular nitrogen at 
1 atm in diglyme led to the generation 
of titanium nitride species that could 
be hydrolyzed to yield ammonia [7]. The 
electrochemical reduction of dinitrogen 
to ammonia in aqueous electrolytes us- 
ing vanadium(IV) catecholate mediators 
and other transition metal systems has 
been reported, including the titanocene 
species [8-10], 

7.1.2 

Nitrogen Hydrides: Ammonia 
and Hydrazine 

The kinetics of the electrochemical oxida- 
tion of ammonia on platinum to dinitrogen 
in basic electrolytes has been extensively 
studied. In the widely supported mech- 
anism originally suggested by Gerischer 
and Mauerer[ll], the active intermedi- 
ate in the selective oxidation to N 2 is 
a partly dehydrogenated ammonia ad- 
sorbate, NH 2 , a ds or NH a d s . The atomic 
nitrogen adsorbate N a d s , which is appar- 
ently formed at more positive potentials, 
is inactive toward N 2 production at room 
temperature. Generally, only platinum and 
iridium electrodes exhibit steady-state N 2 
production at potentials at which no sur- 
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face oxides are formed in contrast to metals 
with a high propensity for atomic nitrogen 
formation, such as ruthenium, rhodium, 
and palladium which show at the most 
only a transient activity toward N 2 produc- 
tion [12]. Surface-enhanced Raman spec- 
troscopy (SERS) has recently revealed a 
band near 460 cm -1 on palladium exposed 
to ammonia which has been attributed 
to inactivating chemisorbed atomic N [13]. 
Both ammonia and hydrazine also have 
potential utility in fuel cells. 

The selective electrosynthesis of hy- 
drazine either by oxidation of ammonia 
or by reduction of dinitrogen has not been 
achieved because both thermodynamically 
and kinetically hydrazine is easier to oxi- 
dize than ammonia, and easier to reduce 
than dinitrogen. Indirect methods for its 
electrosynthesis have been reported [14, 
15]. For example, NCI 3 was electrosynthe- 
sized in CCI 4 by diaphragmless electrolysis 
of NH 4 CI in H 2 O-CCI 4 . Treating this so- 
lution with an aqueous solution of NH 3 
yielded NH 2 CI. The latter transforms to 
3,3-diaziridines under the action of a 
methylethylketone-containing aqueous so- 
lution of NH 3 , which on hydrolysis with 
sulfuric acid gave the hydrazinium sulfate 
in 75% to 77% yield based on NH 2 CI [15]. 
Both hydrazine and ammonia have poten- 
tial utility as anode reactants in fuel cells. 
Thus, there have been a wide range of 
studies of hydrazine oxidation at carbon 
and noble metals and these anode mate- 
rials are modified by ad-atoms, inorganic 
complexes such as Prussian blue, or by 
electropolymers [16-25]. 

7 . 1.3 

Dinitrogen Complexes of the Transition 
Metals 

The chemistry and electrochemistry of 
well-defined dinitrogen complexes have 


been studied in the context of under- 
standing how the iron -molybdenum or 
related metallocenters in the Mo, V, and 
Fe - nitrogenases might function; how 
stoichiometric or electrocatalytic systems 
might be developed for nitrogen fixation 
at low temperatures and pressures; and 
how new routes from molecular nitrogen 
to organonitrogen products might be un- 
covered. Molecular nitrogen forms more 
or less stable complexes with transition 
metals in low or intermediate oxidation 
states. Two major types of coordination 
are observed: end-on terminally bound 
and bridging between two transition metal 
centers. In the terminally bound mode, 
it behaves as a er-donor/jr* -acceptor lig- 
and in a fashion similar to that of carbon 
monoxide. In the bridging mode, dini- 
trogen is a a -donor and a jt * -acceptor 
ligand or n -donor ligand, depending on 
the d tt -donor/acceptor capacity of the 
metals. For both modes of bonding, the 
stable species have an 18-electron, closed- 
shell configuration around the metal 
center [26]. 

Mononuclear 18-electron dinitrogen 
complexes generally undergo successive 
reversible one-electron oxidations to 
moderately stable 17-electron and unstable 

16- electron species, which parallels the 
behavior of their carbonyl analogs. 
Measurements of formal oxidation 
potentials have been widely used to 
probe the influence of coligands on 
dinitrogen complexes, and correlations 
of E \/2 measured by cyclic voltammetry 
with infrared v(N 2 ) frequencies have 
been noted [27, 28]. A further analogy 
with the electrochemistry of transition 
metal carbonyl systems is the observation 
of certain octahedral Mo and W bis- 
dinitrogen systems of a redox linked 
cis-trans isomerism associated with the 

17- electron/ 18-electron couple [29, 30]. 
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17-electron dinitrogen intermediates are Dinitrogen complexes of molybdenum 
involved in electrosynthetic pathways to and tungsten have been electrosynthe- 
dinitrogen complexes and also in the sized from molecular nitrogen at 1 atm 
formation of N-C bonds through radical and higher oxidation state (II, IV, or 
attack on bound N 2 (see Sect. 3.4) V) Mo or W precursors. For example, in 



Scheme 1 Electrosynthesis of dinitrogen complexes of Mo and W from 
M (I I) precursors. 
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a tetrahydrofuran electrolyte at mercury yields ammonia and regenerates the 
or platinum trans-[Mo n Cl2(Ph2PCH2CH2 parent dinitrogen complex in good 
PPh2)2] was reduced to trans-[Mo yield thus establishing the basis for 
(N2)2(Ph2PCH2CH2 PPh2)2]. which could an electrochemical nitrogen fixing cy- 
be isolated in good yield - the proposed cle [ 36 , 37 ] Sch. 2 . A catalytic reduction 
mechanism of this reduction is given of molecular nitrogen through a molyb- 
in Sch. 1 [ 31 , 32 ]. The electrosyntheses denum triamidoamine dinitrogen com- 
of this dinitrogen complex and its tung- plex has been developed by Schrock 
sten analog is possible from molecu- and Yandulov. This system probably 
lar nitrogen and Mo or W (IV) oxo, involves similar hydrazide and imide 
imide, or hydrazide precursors [ 33 - 35 ]. intermediates [ 38 - 41 ], The relevance of 
Hydrazide derivatives can be directly electron-transfer chemistry of molybde- 
synthesized by protonation of trans-[M num and tungsten model compounds 
(N2)2(Ph2PCH 2 CH2PPh2) 2 ] (where M= to the mechanism of biological nitrogen 
Mo or W). The electrochemical reduc- fixation at the functional group level 
tion of the tungsten hydrazide trans- has been discussed [ 42 ]. The formation 
[W(NNH2)(TsO)(Ph2PCH2CH2PPh2)2] + of nitrogen-carbon bonds by reactions 
(TsO = P-C6H5SO3) under dinitrogen of trans -[ M (N2)2(Ph2PCH2CH2PPh2)2] 



= Ph 2 PCH 2 CH 2 PPh 2 
P P ‘ 


Scheme 2 Electrosynthesis of 
ammonia via tungsten 
bis(ditertiaryphosphine) species. 
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(M = Mo or W) with alkyl halides has 
opened the way for the electrosynthe- 
sis of organoamines, organohydrazines, 
cyanides, aminocarbynes organonitriles, 
and amino acids. These are discussed in 
Sect. 3.4 [35, 43, 44], 

The electrochemistry of dinitrogen 
bridging two porphyrin ligated ruthenium 
centers has been studied as a possible 
route to fixed nitrogen [45-47]. Diazene 
stabilized by bonding to two iron centers 
in a FeS system has been advanced as a 
structural model of a plausible intermedi- 
ate in biological nitrogen fixation [48-50]. 
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7.2.1 

Fundamentals 

The redox transformations of nitrogen 
oxides and nitrogen containing oxyan- 
ions have been thoroughly studied in 
connection with nitrogen fixation, with en- 
vironmental problems, and recently with 
the physiological effect of NO. Although 
values calculated from thermodynamic 
data have been published [1-3], reliable 
electrochemically determined ones are 
available only for some redox reactions. 
This is the result of the rather com- 
plex nature of the electrode processes, 
for example, follow-up reactions and pH 
dependences. The E ^ values of several 
transformations involving different oxida- 
tion states are rather close to each other 
and, which makes the thing more com- 
plicated, to the decomposition of H 2 O. It 
means that at a given potential rather com- 
plex reaction schemes may be operative, 
and the pH changes occurring during the 
reaction may also alter the composition of 
the reaction products. 

The electrochemical transformations of 
the oxygen containing compounds involve 
all the 10 oxidation states. The most 
important reactions are as follows: 

N0 3 “ + 2H+ + e“ » N0 2 (g) 

+ H 2 0 E^ = 0.775 V [3] 


N0 3 “ + 3H+ + 2e“ » HN0 2 

+ H 2 0 E* = 0.864-0.98 V [2] 

N0 3 “ + 2H+ + 2e“ > N0 2 “ 

+ H 2 0 E^= 0.965 V [2] 

N0 3 “ + 4H+ + 3e“ > NO(g) 

+ 2H 2 0 E^= 0.960 V [2] 

2N0 3 “ + 10H+ + 8e“ » N 2 Ofg) 

+ 5H 2 0 E*= 1.116 V [3] 

2N0 3 “ + 12H+ + 10e“ > N 2 (g) 

+ 6H 2 0 E*= 1.246 V [3] 

N0 3 “ + 10H+ + 8e“ * NH 4 + 

+ 3H 2 0 £- 0 '= 0.875 V [3] 

HN0 2 + H+ + e“ » NO(g) 

+ H 2 0 E* = 0.983 V [2] 

2HN0 2 + 4H+ + 4e“ » N 2 0(g) 

+ 3H 2 0 E*= 1.297 V [3] 

2HN0 2 + 6H+ + 6e“ > N 2 (g) 

+ 4H 2 0 E^= 1.454 V [3] 

HN0 2 + 7H+ + 6e“ * NH 4 + 

+ 2H 2 0 E^= 0.864 V [3] 

2NO + 2H+ + 2e“ » N 2 0(g) 

+ H 2 0 E^= 1.59 V [3] 

2NO + 4H+ + 4e“ > N 2 (g) 

+ 2H 2 0 E*= 1.678 V [3] 

The standard potential values presented 
above are mostly derived from thermo- 
dynamic data [3]; however, where it was 
possible, the electrochemically measured 
values [2] are given. 
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7.2.2 

Practical and Theoretical Importance of the 
Field 

Electrocatalytic processes have been used 
for the production of useful chemicals, 
for instance, N 2 O and NH 2 OH from 
nitrates. 

During the last decade, groundwater, 
the main source of drinking water, has 
been contaminated worldwide with ni- 
trate owing to the extensive use of artifi- 
cial fertilizers. High nitrate concentration 
in drinking water is fatal for infants, 
leading to the “blue baby syndrome,” 
and through a transformation into ni- 
trosamine can cause cancer and hyper- 
tension. 

Owing to these problems, the elabora- 
tion of denitrification technologies is a 
central task of environmental chemistry. 
Electrochemical denitrification is consid- 
ered as a possible version because of its ad- 
vantageous environmental compatibility, 
versatility, safety, and cost-effectiveness in 
comparison with biological, ion exchange, 
chemical, and catalytic methods. 

The physiological importance of ni- 
tric oxide should also be mentioned. It 
plays an important role in smooth muscle 
relaxation, platelet inhibition, neurotrans- 
mission, immune regulation, and penile 
erection (Nobel Prize in 1998 for the dis- 
covery of its role in the cardiovascular 
system). The importance of NO in biologi- 
cal systems stimulated the development of 
electrochemical sensors and the investiga- 
tion of the electrochemical behavior of that 
compound. 

From theoretical aspects, the simple 
inorganic compounds of nitrogen may 
serve as model species for the clarifi- 
cation of elementary steps involved in 
electrocatalytic transformations at poly- 
crystalline and single-crystal electrodes. 


7.2.3 

Electrochemical Transformations of NO2 - , 
no 3 _ (HN 0 2 , HNO3) 

The problem of the kinetics and mech- 
anism of electroreduction of NC> 2 _ and 
NO 3 - has been the subject of several stud- 
ies since the 1960s [4-16]. 

The mechanism of the reduction is very 
complex; a series of homogenous and het- 
erogeneous chemical reactions may occur, 
beside the pure electrochemical processes. 

For instance, the first steps of the 
reduction of HNO 3 were described [12] by 
the relatively simple reactions: 

HNO 3 [HN0 3 ] ads 

H + + e < > H ads 

[HNOjU + 2 H ads * HN0 2 + H 2 0 

However, these steps are followed by 
further charge transfer steps: 

HN0 2 + H+ ± > NO+ + H 2 0 

NO+ + e" > [NO] ads 

[NO] ads + H+ + e" > [NOH] ads 

[NOH] ads + 2H+ + 2e“ » NH 2 OH 

and also by autocatalytic processes in the 
solution phase: 

HNO 3 + HNO 2 » 2 NO 2 + H 2 0 

2N0 2 + 2NO ± > 2N 2 0 3 

2N 2 0 3 + 2H 2 0 ± > 4HN0 2 

HNO 3 + 2NO + H 2 0 » 3HN07 

It was established that for the interpreta- 
tion of phenomena occurring at a platinum 
electrode, the competitive adsorption of 
hydrogen and the anions (involving the 
reacting ones) should be taken into con- 
sideration [13-15]. 
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Fig. 1 Polarization curves of HNO 3 (c = 5 x 10 2 mol dm 3 ) obtained in the 
presence of various supporting electrolytes. (1) 1 mol dm -3 HCIO 4 ; 

(2) 1 mol dm ~ 3 HCIO 4 + 1 x 10 _1 mol dm -3 H 3 PO 4 ; (3) 1 mol dm * 3 H 2 SO 4 ; 
(4) 1 mol dm ~ 3 HCIO 4 + 1 x 10 ~ 4 mol dm -3 HCI. 


Thus, the anion dependent shape of the 
polarization curves presented in Fig. 1 can 
be explained 

1 . in terms of displacement of the reacting 
anion by the hydrogen adsorption 
occurring at low potentials; 

2 . by the adsorption competition of the 
anion of the supporting electrolyte with 
the reacting species. 

An electrocatalytic effect of Pb adatoms 
on Ag, Pt, and Au electrodes in NO 3 - 
reduction has been described [17-19]. 

The role of complexes and modifiers 
in the reduction has been discussed 
in [20-24]. The investigation of the liquid 
phase catalytic hydrogenation of NO 3 - , 
N0 2 -, and NH 2 OH at tungsten carbide 
catalyst furnished interesting information 
concerning the electrocatalytic properties 
of the latter [25]. 

In the course of electrooxidation and/or 
reduction of NH 3 , NH 2 OH, NO 3 - , and 
N0 2 - at Pt-black electrodes, adsorbates 
of very similar properties have been 
found [26]. 


These adsorbates can be reduced to 
ammonia and oxidized to nitrogen. In 
contrast to the adsorbates of the other 
compounds, adsorbed nitrite can also be 
reduced to nitrogen oxides (in addition 
to ammonia). The combination of cyclic 
voltammetry (CV) and on-line mass spec- 
trometry (MS) has proved that the adsor- 
bates do not consist solely of triple bonded 
nitrogen. 

The adsorption and oxidation of hy- 
drazine on electrodispersed and electro- 
faceted Pt electrodes [27] furnish another 
interesting example for the influence of 
crystalline surface composition on the elec- 
trocatalytic properties of the electrode. 

Reduction of NO (and N 02 - ) was 
studied at polycrystalline [28] and single 
crystal [29] Pt electrodes and a structure- 
sensitive behavior has been observed. 

A comparative study of NO 3 - and N 02 ~ 
reduction at platinum metals has been 
reported in [30]. 

The oxidation of NO 2 - was reinves- 
tigated by Piela etal. [31, 32] at gold, 
platinum, glassy carbon, and oxide layer 



244 7 Nitrogen 


covered gold and platinum electrodes 
recently. 

It was observed that the oxide layer 
formed on gold and platinum surfaces 
hinders the oxidation process. According 
to the authors, the electrooxidation on pure 
electrode surfaces can be described by the 
following reaction sequence: 

NO 2 * NC >2 + e 

2N0 2 + H 2 0 ± > 2H + + N0 3 “+N0 2 _ 

N0 2 _ + H 2 0 ± > 2H + + N0 3 “+2e“ 

This reaction scheme involves the 
second-order homogeneous dispropor- 
tionation of NO 2 . It was stated that the 
rate of the latter process is independent of 
the electrode material, the supporting elec- 
trolyte, the presence of oxygen, and the pH 
of the solution. 

Various modified electrodes have been 
used for the investigation of the oxidation 
process [33-37]. 

An aluminum electrode modified by 
a chemically deposited palladium pen- 
tacyanonitrosylferrate film was reported 
in [33]. Vitreous carbon electrode modi- 
fied with cobalt phthalocyanine was used 
in [34]. Electrocatalytic activity of nanos- 
tructured polymeric tetraruthenated por- 
phyrin film was studied in [35]. Code- 
position of Pt nanoparticles and Fe(III) 
species on glassy-carbon electrode resulted 
in significant catalytic activity in nitrite 
oxidation [36]. It was shown that the pho- 
tocatalytic oxidation at a Ti 02 /Ti film 
electrode can be electrochemically pro- 
moted [37]. 

The oxidation and reduction behavior of 
nitrite at carbon nanotube microelectrodes 
was studied with the aim of preparation of 
a sensor [38]. 

The investigation of electrochemical, 
electrocatalytic, and catalytic reduction of 
nitrite and nitrate have attracted much 


attention during the last decades owing 
to their role in pollution of surface water 
and groundwater systems. The motivation 
of these studies was, on the one hand, to 
elaborate methods for the reductive elimi- 
nation of these contaminating species and 
to create sensors for their detection and 
quantitative determination, on the other 
hand [39-49], 

A series of publications was devoted to 
the electrocatalytic reduction of nitrate by 
the Eindhoven group [50-54]. On the ba- 
sis of these works, a comparative study 
was performed to determine the reactivity 
of nitrate ions in 0.1 mol dm -3 concen- 
tration on eight different polycrystalline 
electrodes (platinum, palladium, rhodium, 
ruthenium, iridium, copper, silver, and 
gold) in acidic solution using cyclic voltam- 
metry, chronoamperometry, and differ- 
ential electrochemical mass spectroscopy 
(DEMS) [50], 

It was found that the electrocatalytic ac- 
tivity strongly depends on the nature of the 
electrode; it decreases in the order Rh > 
Ru > Ir > Pd and Pt for the transition- 
metal electrodes and in the order Cu > 
A g > Au for the coinage metals. It was 
concluded that the rate-determining step 
on Ru, Rh, Ir, Pt, Cu, and Ag is the 
reduction of nitrate to nitrite. It was as- 
sumed that chemisorbed nitric oxide is the 
key surface intermediate in the nitrate re- 
duction. It was suggested that ammonia 
and hydroxylamine are the main products 
on transition-metal electrodes. This is in 
agreement with the known mechanism 
for NO reduction, which forms N 2 O or 
N 2 only if NO is present in the solution. 
On Cu the production of gaseous NO was 
found, which was explained by the weaker 
binding of NO to Cu as compared to the 
transition metals. 

In a recent study [51], the influence 
of nitrate concentration and acidity on 
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Scheme 1 


the reduction of nitrate at platinum was 
investigated. In this work, two different re- 
duction mechanisms were distinguished: 
direct and indirect mechanism. According 
to the authors, the reduction occurs via 
direct mechanism at low nitrate concen- 
trations involving the following steps: 

N0 3 - [N0 3 -] ads 

(in equilibrium) 

[N0 3 -] ads + 2H+ + 2e" > [N0 2 ~] ads 

+ H 2 0 (rate determining) 

[N0 2 -] ads + 2H+ + 2e“ > [NO] ads 

+ H 2 0 (fast) 

[NO] ads + 4H+ + 3e“ > NH 3 OH+ 

(fast) 

[NO] ads + 6H+ + 5e“ > NH 4 + 

+ H 2 0 (fast) 

The indirect mechanism is considered 
only at high nitrate concentrations (>2 M) 
in highly acidic environment (>2 M) in the 
presence of nitrite. 

It is assumed that under the condi- 
tions mentioned, nitrate itself is not the 
electroactive species. Another species is 
involved in the electron transfer reaction 
and the product of this reaction reacts 
with HN0 3 to reproduce the electroactive 
species. The following schematic overview 
(Sch. 1) of the indirect reaction was given 
in [51]: 


The adsorption and reduction of N0 3 “ 
ions at Au and Pt electrodes was studied by 
in situ fourier transform infrared (FTIR) 
spectroscopy [55]. Possible adsorption ge- 
ometries were suggested for adsorbed 
nitrate ions and for nitrite ions formed 
by reduction. 

The effect of inorganic cations on 
the electroreduction of nitrate ions at 
platinized platinum electrodes has been 
studied in [56, 57]. 

It was shown that modification of 
the electrode surface by Ni 2+ , Co 2+ , 
Cd 2+ , Ge 4+ , and Sn 2+ cations (adatoms) 
enhances the catalytic activity and there 
are changes in the selectivity with respect 
to ammonium ions and hydroxylamine. 

Electrochemical quartz crystal microbal- 
ance studies at Sn-modified Pt and Au 
electrodes allowed a further insight into 
the kinetics and mechanism of the reduc- 
tion process [58, 59]. The problems con- 
nected with the chemisorption of N0 3 “ 
ions were discussed in [30, 60]. 

Electrochemical aspects of liquid phase 
heterogeneous transformations [61-69] 
have also to be mentioned. In these cases, 
either the solid phase is a catalyst or 
the solid phase is a reaction partner. 
At least two coupled redox partners are 
present. The catalytic reduction of nitrate 
with molecular hydrogen in acidic aqueous 
phase at a solid catalyst 

N0 3 “ + 2H+ + 4H 2 » NH 4 + 


+ 3H 2 0 
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is composed of two coupled electrochemi- 
cal processes [61]. 

N0 3 “ + 10H+ + 8e“ » NH 4 + 

+ 3H 2 0 

H 2 2[H] ads > 2H+ + 2e“ 

Instead of H 2 , another reducing agent 
can be used, for example, HCOOH. Thus, 
the study of electrochemical properties of 
the catalyst could contribute to a better 
understanding of the catalytic process 
(for detailed information see [62, 63], 
some other papers relevant to the field 
are [64, 65]). 

Reduction of nitrate (and nitrite) occurs 
by interaction with the metal, for example, 
by metallic iron that has been widely 
studied for elaborating a technology to 
remove nitrate from water [66-70]. The 
very principle of this procedure that 
the anodic transformation (dissolution) 
corrosion of metallic iron Fe(0) leading to 
the formation of Fe(II) and Fe(III) species 
is coupled with the reduction process. The 
effect of pH and the iron-to-nitrate ratio, 
temperature, and mass transport were 
studied under various conditions in order 
to elaborate a suitable technology. 

7.2.4 

Electrochemistry and Electrochemical 
Detection of NO 

Mostly noble metal electrodes [71-75] and 
modified glassy-carbon electrodes [76-81] 
have been used. In the case of platinum 
electrodes, the formation of four products 
characterized by the following equations 
was observed [74, 75]. 

2NO + 2H+ + 2e“ > N 2 0 + H 2 0 

2NO + 4H+ + 4e“ * N 2 + 2H 2 0 

2NO + 6H+ + 6e“ > 2NH 2 OH 


2NO + 10H+ + 10e“ » 2NH 3 

+ 2H 2 0 

At high potentials, N 2 0 was the unique 
product while the other products appeared 
at lower potentials. In [74], the catalytic ac- 
tivities of Pt, Pd, Rh, and Ru electrodes 
were compared in the presence of per- 
chloric acid supporting electrolyte and the 
following reaction scheme (Sch. 2) was 
given by the authors. 

In works by Ogura and coworkers 
[76-81], the optimal conditions for the 
transformation of NO into NH 3 were 
studied using modified glassy-carbon elec- 
trodes and platinum electrodes in the 
presence of various iron complexes. 

They arrived at the conclusion that in 
the electrode processes, NO linked to the 
complex (ML) is involved according to the 
following reaction scheme: 

ML+ NO 1 > ML(NO) 

ML(NO) + 2H+ + 2e“ 

» ML(NHOH) 

NL(NHOH) + 2H+ + e“ 

» ML + NH 3 OH+ 

NH 3 OH+ + 2H+ + 2e“ < > 

NH 4 + + H 2 Q 

NO + 6H+ + 5e“ » NH 4 + + H 2 0 

Detailed and fundamental studies of 
the mechanistic aspects of the electro- 
chemical reduction and oxidation of nitric 
oxide were carried out by the Eindhoven 
group [82, 83] on a series of metals (Pt, Pd, 
Rh, Ru, Ir, and Au) both in the case of poly- 
crystalline and well-defined single-crystal 
surfaces. It was found that the reduction 
process at all metals studied shows a high 
selectivity with respect to N 2 0 production 
at high potentials while at low potentials 
the formation of NH 3 is the dominant 
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process. N2 is formed at intermediate po- 
tentials. 

A marked difference was found in the 
behavior of adsorbed NO and NO in 
solution phase. Adsorbed NO can be 
reduced only to hydroxylamine and/or 
ammonia, while the reduction of NO in 
solution leads to the formation of N2O and 
N2 as well. 

The following mechanism for the reduc- 
tion of bulk NO was suggested in the case 
of polycrystalline platinum: 

NO so i > [NO] ads 

[NO] ads + NO sol + H+ + e" 

> [HN2O2U 

[HN2O2U + > N 2 0 + • • • 

where the second step is rate determining. 
The protonated NO dimer is only formed 
when NO is present in the solution. 

In the case of single-crystal platinum, 
the formation of NH3 was formulated as 
follows: 

[NO] ads + H+ + e" [HNO] ads 

(equilibrium) 


[HNO] ads + H+ + e" > [H 2 NO] ads 

(rate-determining step) 

[H 2 NO] ads + 4H+ + 3e“ > NH 4 + 

+ H 2 0(fast) 

In a series of publications by the Al- 
icante group (see [84] and [85] and ref- 
erences cited therein), the voltammetric 
(cyclic voltammetry) and spectroscopic 
(in situ FTIR) characterization of NO 
adlayers on Pt (h,k,l) and Rh (h,k,l) was 
performed. 

It was found that the N— O stretch- 
ing frequency is potential dependent. For 
Rh(lll), it was observed that with in- 
creasing potential the bridge-bonded NO 
changes into linearly bonded species. 

Adsorption and oxidation of NO adlay- 
ers on Pt(lll) was studied by using in situ 
surface X-ray diffraction and ex situ X-ray 
photoemission spectroscopy [86]. Molecu- 
lar adsorption of NO was observed inde- 
pendently of the preparation of the adlayer. 

A surface mediated oxidation process of 
NO toward NO2 was observed at higher 
potential. 
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The oxidation mechanism of nitric oxide 
at single and polycrystalline platinum and 
other metals was surveyed in [82]. 

In the case of polycrystalline platinum, 
the existence of an electrochemical equi- 
librium 

NO ads + H 2 0 [HN0 2 ] ad s 
+ H+ + e" 

is assumed as the first step in the oxidation. 
The question of the further steps is 
a subject of intense speculation as the 
oxidation reaction is very sensitive to the 
oxidation state of the Pt surface causing 
poor reproducibility of the experiments. 
Studies on Au, Pd, Ru, and Ir lead to the 
conclusion that NO oxidation is not very 
metal dependent. 

As mentioned earlier, monitoring of NO 
in biological samples in vivo and in real 
time is desirable in many fields of NO 
research. Although several techniques are 
available for measurement of NO in biolog- 
ical samples, the electrochemical method 
is most advantageous because of its speed 
and sensitivity. Since the first commer- 
cially available electrochemical NO detec- 
tion system, many NO electrodes have 
been developed with dimensions from mi- 
crometer to centimeter, and with detection 
limits in the low nanomolar range. De- 
pending on the working principle, three 
main types of electrodes can be distin- 
guished [87]: 

1. Electrodes based on the principle of 
Clark’s electrode with gas permeable 
membranes. These sensors are used in 
many different fields. 

2. Electrodes obtained by coating Nafion 
and cellulose acetate on electrode sur- 
face or the combination of Nafion/NO 
selective membranes and nonconduct- 
ing polymer-modified electrode. 


3. Sensors based on the electrocatalytic ox- 
idation of NO by a modified layer (Ir0 2 , 
palladium metalloporphyrin modified 
electrodes). 

More details are given in [88-94]. 

The electrochemical reduction of nitric 
oxide in solid-state electrochemical cell 
is an interesting field surveyed in [95]. 
The working principle of the cells is the 
cathodic reduction of NO to nitrogen and 
oxygen anions. In [95], the properties of 
various types of solid-state electrochemical 
cells used for NO reduction are presented 
and discussed. It is shown that the cathode 
materials with a high redox capacity and 
oxygen vacancies are most active for the 
electrochemical reduction of nitric oxide, 
whereas noble metal-based electrodes 
show a much lower selectivity. As an 
alternative route, the promotion of the 
reduction with a reductive agent is also 
considered. 

According to [96], electrochemical meth- 
ods, especially the application of cyclic 
voltammetry, could be a powerful tool to 
find suitable catalysts for NO* removal 
from combustion products. Investigation 
of electrocatalytic properties of vitamin Bi 2 
toward oxidation and reduction of nitric 
oxide was reported in [97]. The catalytic ac- 
tivity of meso-tetraphenyl-porphyrin cobalt 
for nitric oxide oxidation in methanolic 
solution and in Nafion film was reported 
in [98], 

7 . 2.5 

Reactions of N 2 0 

Indirect evidences for N 2 0 adsorption 
are reported in a study [99] of the effect 
of Pb, Cd, and T1 adatoms on the 
reduction process of N 2 0 at polycrystalline 
Pt electrodes. N 2 0 reduction was studied 
in detail owing to its use as a probe 



of hydrogen adsorption and/or anion 
adsorption [100]. 

In a series of publications by Attard and 
coworkers (see [101] and literature cited 
therein), the adsorption and reduction of 
N 2 O at single crystal and polycrystalline 
noble metal electrodes were studied. It 
was demonstrated that N 2 O adsorption 
can be a useful tool to probe the anion 
adsorption. According to the authors, the 
reduction of N 2 O can be described by 
the preequilibrium characterized by K 
equilibrium constant, 

Pt + N20 (g) < > Pt-N 2 0 (ads) 

followed by 

ki 

Pt-N 2 0 (ads) > Pt-0 + N 2(g )(slow) 

Pt-O + 2H+ + 2e“ » Pt + H 2 0(fast) 

It was assumed that the equilibrium 
follows a Langmuir isotherm with com- 
petitive adsorption of ions (the coverages 
of which are potential dependent), then 
the rate of reduction was formulated as 

Rate = k\K / j n 2 o 

(1 - 0n 2 o - Pinion ^hydrogen Pixide i 

I I 

potential dependent 

It was demonstrated that there is a direct 
correspondence between the potential of 
zero total charge and the maximum rate of 
N 2 O reduction. 

Reduction of N 2 O was used as model 
electrocatalytic reaction on well-defined 
surfaces [102, 103], Pt(lll) and Pt(100) 
electrodes covered with Rh adlayers were 
prepared for these studies. It was shown 
that the adsorptive and catalytic activity of 
the adlayers differs from those of the bulk 
single-crystal electrodes. 
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In [104], the electrochemical reduction 
of N 2 O involving protons transported 
through a polyelectrolyte-coated porous 
glass wall was reported using zinc, lead, 
iron, and copper cathode. 

In [105], a reduction procedure involv- 
ing the permeation of hydrogen through 
palladized Pd sheet electrodes is de- 
scribed. The electrocatalytic activity of 
various metal (Ti, Zr, Nb, No, Fe, Ni, 

Pd, Pt, Cu, As, Au, Zn, Al, In, Sn, 

Pb) and metal oxide (ZnO, In 2 C> 3 , SnC> 2 , 
doped Fe 2 C> 3 , NiO) electrodes in N 2 O 
reduction was compared in [106, 107]. 

It was shown that the Faradaic effi- 
ciency for N 2 formation strongly depends 
on the electrode materials. The general 
scheme 

N 2 O + metal > N 2 + metal oxide 

Metal oxide + 2nH + + 2ne“ 

> metal + nH 20 

was suggested for the interpretation of the 
phenomena observed. 

A significant part of these studies was 
carried out with noble metal electrodes 
mainly with Pt and Pd, thus information 
relevant to the subject of the present 
section can also be found in Chapter 17 
dealing with the electrochemistry of Pt 
and Pd. 
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8.1 

Introduction 


Sulfur is a rather exceptional element for 
several aspects. It can assume various 
oxidation states [1] and in these oxidation 
states it exists in a great number of 
different chemical forms. Sulfur is a 
constituent of a large number of industrial 
products (H2SO4, rubber vulcanization, 
for instance) and is also at the origin of 
a major pollutant (SO2) [2]. Sulfur can 
exist in more than ten allotropic forms 
at room temperature, that is, in a variety 
not found with any other element [3-5]. 
Orthorhombic sulfur is the most stable 
form at room temperature. It contains 
crown-shaped Ss molecules, which are 
stacked in a complex array. It can also 
be mentioned that the liquid and gaseous 
phases of sulfur are very complex [6, 7]. 
Undoubtedly, the existence of catenated 
species is a general feature of sulfur 
chemistry and is the basic reason for its 
complexity. 

Sulfur has been intensively studied for 
at least 30 years because it is very attractive 
as a cathode-active material for high- 
energy density electrochemical cells [8]. 
This is easily understood because sulfur 
can be reduced to sulfide and has a high 
theoretical specific capacity. 


In this review, we shall mainly consider 
the electrochemical behavior of sulfur and 
polysulfide ions (i.e. the reduced forms 
of sulfur) in solution. Recent works (see 
Sect. 8.3.1) gave a better understanding of 
the elementary steps leading from sulfur 
Sg to polysulfide ions S„ 2_ (or S„ _ ) in non- 
aqueous solvents. This has been achieved 
by using spectroscopic techniques for the 
identification of chemical species, the di- 
rect coupling of spectroscopic and electro- 
chemical techniques, and by using digital 
simulation calculations for the validation 
of the proposed models. 

Only the inorganic polysulfides (and 
more specifically the alkali polysulfides) 
will be considered. Furthermore, we shall 
not review the electrochemical properties 
of S x O y ions or molecules. It must be noted 
that a comprehensive review, devoted to 
the oxidation of sulfur(IV) oxides, oriented 
toward the atmospherically relevant pro- 
cesses and mechanisms, appeared in 1995 

[9] . However, the solutions of SO2 have 
been the matter of recent works, which 
clarify the understanding of the electro- 
chemical reduction of SO2 in solution 

[10] , but these works will not be reviewed 
here. 

In the first section, the main characteris- 
tics of solutions of sulfur and polysulfides 
in nonaqueous solvents and water are 
summarized. Then, the electroreduction of 



256 8 Sulfur 


sulfur and redox properties of poly sulfides 
will be analyzed. The electrooxidation of 
sulfur will also be examined. Finally, some 
electrochemical applications of sulfur and 
polysulfides are presented. 

8.2 

Sulfur and Polysulfide Ions in Solution 

8 . 2.1 

Nonaqueous Solvents 

When sulfur Ss is solubilized, two cases 
are experimentally observed: 

1. The cyclic molecule Ss is maintained. 
This is the more usual case and it is 
observed in various solvents: DMSO 
(dimethyl sulfoxide), DMF (dimethyl 
formamide), CS2, methanol, and so on, 
[2, 11, 12]. In this review, we shall 
denote them as classical solvents. The 
solutions of sulfur in these solvents are 
almost uncolored, slightly yellow, and 
absorbing in the UV range. A strong 
coloration of these solutions would 
indicate the presence of impurities 
(e.g. amines) in the solvent. The best 
evidence that the Ss molecule is kept 
intact in these solutions is provided by 
Raman spectroscopy [13, 14]. It must 
be noted that the rate of dissolution is 
rather slow; the equilibrium is reached, 
at room temperature, after about one 
day. 

2. Sulfur Sg is dissolved through a dis- 
proportionation process, which can be 
reversible or not reversible. The only 
solvent, which dissolves sulfur by a 
reversible disproportionation process, 
is liquid ammonia NH3. In this sol- 
vent, the dissolution of sulfur gives 
the reduced form S6 2- in equilibrium 
with S3 - , and oxidized forms of sulfur, 


mainly S4N - . Along with the formation 
of this species, NH4 + , the correspond- 
ing acid to NH3 , is formed. In a solution 
of sulfur in liquid ammonia, there is no 
more sulfur in the form of Ss, but a 
large fraction of sulfur is still in the 
zero oxidation state in a form that is 
not yet identified [15], and denoted as 
S n ,am, assuming that this species in- 
volves n sulfur atoms interacting with 
ammonia. This notation allows writ- 
ing the disproportionation process of 
dissolution of sulfur in ammonia [16] 
as: 

10 

— Sn.am + 4NH3^^S4N 
n 

+ S 6 2- + 3NH 4 + 

The dissolution of sulfur in ammonia 
has been known for more than 100 years 
[17]. The identification of the chemical 
species in these solutions was a matter 
of confusion until the identification of 
S4N - and S3 - , by Chivers and Lau [18] 
and Bernard et al. [19], using Raman spec- 
troscopy. When considering the species 
formed in the dissolution process, it is 
quite remarkable that this dissolution is 
reversible: sulfur is recovered after evap- 
oration of ammonia. These solutions are 
strongly colored (blue), mainly due to the 
electronic absorption band of S4N - at 
580 nm. It must be mentioned that this 
dissolution is moderately fast at room 
temperature (but much slower than the 
dissolution of alkali metals) and that the 
rate is much slower when temperature 
decreases. It should also be mentioned 
that concentrated solutions of sulfur in liq- 
uid ammonia can be used as the solution 
at the positive electrode of a secondary 
battery. The solution at the negative elec- 
trode can be a solution of alkali metal in 
liquid ammonia [20], the electrodes being 



separated by a membrane. Both electrode 
solutions of this battery are liquid down to 
about 200 K. The emf of the cell in open 
circuit is close to 2.35 V. However, it is not 
possible to get satisfactory density currents 
from this cell. 

The dissolution of sulfur in primary and 
secondary amines also gives highly colored 
solutions [ 21 , 22 ], but this “dissolution” 
is not reversible. The color of these 
solutions is caused by polysulfides. The 
presence of reduced forms of sulfur in 
these solutions suggests the existence 
of a disproportionation process, but the 
oxidized form(s) of sulfur have not yet 
been identified. Therefore, the process of 
“dissolution” of sulfur in amines is not 
clarified. 

The understanding of the reduction 
process of sulfur requires the identification 
of the reduced forms of sulfur, that 
is, polysulfides S,, 2- or S,, - . The phase 
diagrams of M 2 S— Ss systems (where 
M is an alkali-metal cation) have been 
reviewed [23], as also the properties of 
polysulfide melts [24]. Many polysulfides 
have been characterized in the solid state 
by x-ray diffraction, infrared and Raman 
spectroscopy [25]. The identification of 
polysulfides in solution is often rather 
difficult. The reason is that the dissolution 
of a M 2 S„ polysulfide leads, for most of 
them, to a disproportionation process of 
the type: 

2S „ 2 , 2 + S „_! 2 

Consequently, the dissolution of a well- 
defined solid polysulfide can lead to 
the coexistence of several polysulfides. 
Furthermore, the dissolution of S 6 2- 
occurs with its dissociation into S 3 - : 

S 6 2- ^^2S 3 - 
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The identification of the radical anion 
S 3 - has been unambiguously clarified 
less than 35 years ago, after some years 
of confusion between S 3 - and S 2 - . 

This species is characterized by a visible 
absorption band (~610 nm) and by a 
Raman vibration band (~540 cm -1 ). It 
has been recognized by Chivers [26, 

27] that the occurrence of this radical 
is “ubiquitous.” This species is partly 
responsible for the strong coloration (deep 
blue) of alkali polysulfides in electron pair 
donor solvents. 

Obviously, in solution, S 3 - is not stable 
against oxidation. It is stable in the 
mineral lapis lazuli, and the industrial 
ultramarine blue pigment [28]. In these 
materials, the radical S 3 - is encapsulated 
in the /3-cages of the sodalite structure, 
which protects it against oxidation. In 
ultramarine pigments, another radical 
anion polysulfide, S 2 - , has been observed. 

It is the yellow chromophore of these 
pigments [28, 29]. To our knowledge, 
it has never been observed in solution. 

It is supposed to originate from the 
dissociation of S 4 2- . This dissociation is 
perhaps significant at high temperatures, 
like those of the synthesis of ultramarine 
pigments or those of doping of alkali halide 
crystals. S 3 - and S 2 - radicals have also 
been observed in the alkali halides doped 
with sulfur [30, 31]. Another radical anion 
polysulfide, S 4 - , has been identified, by 
EPR experiments, in solution in DMF, 
originating from the dissociation of Ss 2- , 
which is the least reduced polysulfide in 
this solvent [32]. 

Undoubtedly, the unambiguous iden- 
tification of S 3 - played a key role in 
understanding the electrochemistry of sul- 
fur and polysulfides in nonaqueous solu- 
tions. Presently, some general model that 
would be able to describe the distribution 
of polysulfides in “classical” nonaqueous 
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solvents is emerging[33]. This model is 
based on the following hypothesis. Obvi- 
ously, the constants of the equilibria would 
depend on the solvent. 

1. S 2_ ion is the most completely reduced 
polysulfide. 

2. S 8 2- ion is the least reduced polysul- 
fide. 

3. The radical anions are only S 3 - and 
S 4 - ; they result from the dissociation 
of S(, 2 ~ and S 8 2- . These equilibria are 
temperature dependent. 

4. S„ 2 “ dianions are, at least, partly dispro- 
portionated. These disproportionation 
equilibria are almost temperature inde- 
pendent. 

5. Sulfur is not disproportionated. 

With these considerations, the following 
reactions can be written: 

If 1 < n < 8 , 2S ;i 2 “^=^S„_i 2_ 

+ S,;+i 2 

S 6 2 “^^2S 3 - 

S 8 2 “^^2S 4 “ 

If n = 8 , S 8 2 -^^S 6 2 - + ^S 8 

4 

If « > 8 , S„ 2_ > S 8 2 ” 


This last equation should be used if a 
solid of the overall composition M 2 S,, with 
n > 8 is in solution. It should be noted that 
solids with the overall composition M 2 S„ 


can be synthesized in liquid ammonia: 

2M + n S , ■' M 2 S„ 

After evaporation of ammonia, and after 
drying under high vacuum, the 
solid is obtained. The dissolution of the 
solid M 2 S„ in a given solvent can also 
be obtained directly in the solvent by the 
reaction of sulfide M 2 S with (n — 1) S. 

The reduction of sulfur by hydro- 
gen sulfide in liquid ammonia leads to 
(NH 4 ) 2 S„, ammonium polysulfide solu- 
tions, following: 

(« - 1) S + H 2 S+xNH 3 

^^(NH 4 ) 2 S„ + (x-2)NH3 

In these solutions, the S„ 2_ poly- 
sulfides are in a more acidic solution 
than in Li 2 S„— NH 3 . The comparison of 
the spectroscopic characteristics between 
(NH 4 ) 2 S„-NH 3 and Li 2 S„-NH 3 allows 
observing the influence of acidity of the 
solution on the disproportionation equilib- 
ria. It was observed that S„ 2_ is more dis- 
proportionated in ammonium solutions 
than in lithium solutions [15, 16]. 

Interestingly, S 7 2- ion has never been 
observed in solution. Thermodynamic data 
are summarized in Table 1. 

Significant progress has been achieved 
in the identification of polysulfides in non- 
aqueous solvents, mainly by application of 
Raman spectroscopy. However, there are 


Tab. 1 Values of the dissociation constants of S6 2 (K3 = [S3 ] 2 /[S6 2 ]) and Sg 2 
(K 4 = [S 4 ~] 2 /[Sg 2_ ]) and of the disproportionation constants of Sg 2 ~ 

( Kg = [S6 2 ][Sg] 1/4 /[Sg 2 “[) in nonaqueous solvents with supporting electrolyte at room 
temperature [32] 


Nonaqueous solvent 

DMF 

DMSO 

DMA 

CH 3 CN 

NH 3 

K 3 (M) 

0.04 

0.0077 

0.043 

0.012 

0.005 

k 4 (M) 

10- 9 


2 10- 3 


/ 

Kg (M 1 / 4 ) 

2 10~ 3 

2 10' 3 

8.6 10~ 4 

1.6 10~ 2 

/ 



presently too little data to determine the 
mechanism of the effect of the solvent. 
Nevertheless, the identification has been 
very useful for the interpretation of the 
electrochemical processes. 

8 . 2.2 

Aqueous Solutions 

Sulfur is weakly soluble in H 2 O (10 -8 M 
at 298 K) [33, 34], but Na 2 S is very soluble 
[35]. In deaerated aqueous solutions, the 
alkali-metal polysulfide system contains, 
in addition to H 2 O and alkali -metal 
cations, OH - , H+, H 2 S, HS - , S 2- , 
S 2 2- , S 3 2- , S 4 2- , and S 5 2- . It is usually 
considered that S 5 2- is the least reduced 
polysulfide in water. However, it has 
been reported, in several papers [26, 
36], that in basic aqueous solutions, 
at high temperatures, a blue color is 
observed, suggesting the stability of S 3 - . 
The polysulfide equilibrium constants, 
interrelating polysulfide speciation, Ka, 
Kb, and Kq, have been well established 
[36, 37]. The species in solution are related 
by the equilibria: 

H 2 S^^HS - + H+ 

HS - ^^H+ + S 2- 

H 2 O^^H+ + OH - 

HS - + ( n - l)S„+i 2- + HO - 

- n S„ 2- + H 2 O n = 2-4 

which provide the following equilibrium 
constants: 

Ki = [H+][HS - ]/[H 2 S] 

Fig. 1 E h -pHd iagram for the 
sulfur-water system at 298 K with 
concentrations of 0.2 mM for S(— II) 
species and 1 pM for polysulfide species 
[45]. 
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Ki = [H+][S 2 - ]/[HS - ] 

*w = [H+][OH-]/[H 2 0] 

Ka = [S 2 2 - ] 2 /([HS-][OH - ][S 3 2- ]) 

Kb = [S3 2- ] 3 /([HS - ][OH - ][S 4 2- ] 2 ) 

K c = [S 4 2 -] 4 /([HS-][OH - ][S 5 2 -] 3 ) 

The water dissociation equilibrium con- 
stant, A'w, and the first acid dissociation 
constant of H 2 S, K\, are both well docu- 
mented. Several studies have confirmed 
that Ki, the second acid dissociation 
constant of H 2 S, has a value of 10 -17 
[38-43], and not as previously assumed 
10 -12 [38]. This results in a substantial 
revision of known metal sulfide solubili- 
ties [44]. Noticeably, the concentrations of 
S 2- , S 2 2- , S 3 2- , S 4 2- , and S 5 2- polysul- 
fides depend on pH and their stabilities 
increase with pH. A distribution of poly- 
sulfides in aqueous solutions, as a poten- 
tial-pH diagram, has been proposed [45] 

(Fig-1)- 
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Some works [36, 37, 46] have shown 
that aqueous polysulfide solutions are 
unstable, and sulfur, dissolved as polysul- 
fide, decomposes to thiosulfate, S 2 O 3 2- 
in agreement with the observed net con- 
sumption of dissolved sulfur 

^dissolved "b OH - > 5 S 2 O 3 2- 

+ jHS” + ±H 2 0 

Each polysulfide S„ 2- can be considered 
to contain ( n — 1 ) zerovalent sulfur and 
contributes to S(ji ss 0 ived- The distribution of 
species and measured and modeled rate of 
polysulfide decomposition are investigated 
for a wide range of polysulfide solution 
compositions from 298 K to 358 K. At 
temperatures up to 358 K, polysulfide solu- 
tions are extremely stable under conditions 
of high polysulfide concentration and low 
KOH concentrations. Under these condi- 
tions, zerovalent sulfur dissolved in these 
solutions should be stable on the order of 
years. 


8.3 

Electroreduction of Sulfur and Redox 
Properties of Polysulfides 

8.3.1 

“Classical” Nonaqueous Solvents 

The electroreduction of sulfur in nonaque- 
ous solvents (DMF, DMSO etc.) has been 
studied by several authors for the past 
35 years [47-60]. Experimentally, a solu- 
tion of sulfur is yellow (pale) and the 
reduced solutions are intensely colored. 
Electrochemically, the response of the elec- 
troreduction of sulfur in classical organic 
solvent (DMF, DMA, DMSO, CH 3 CN etc.) 
is similar. The reduced forms, that is, 
polysulfides S„ 2_ or S„ _ , have character- 
istic absorption bands in the visible range. 
Structurally, sulfur is a ring and polysul- 
fides are expected to be linear chains. To 
understand the electrochemical behavior 
of sulfur, it was necessary to take into ac- 
count these structural aspects. This was 
done only in 1997 [60]. 

The electroreduction of sulfur was first 
studied in DMSO by Merrit and Sawyer 



Fig. 2 Cyclic voltammogram of 
a Sg + DMF solution (2.5 mM, 
293 K; 1 V s” 1 ; working 
electrode Pt-electrode; 
pseudoreference electrode 
Pt-wire). 
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in 1970 [47]. In the first interpretation of 
their experiments, they claimed that Ss 
is reducible to give Ss - . In 1972, Bon- 
naterre [49] showed that Ss is reduced 
through a two-electron process. This last 
interpretation was confirmed later, in par- 
ticular, in 1985 by Baranski [53] using 
microelectrodes, and also by the numeri- 
cal simulation of Xie [54]. Seel [51] showed 


that, in “classical” solvents, the Ss 2- 
polysulfide ion is the least reduced polysul- 
fide. The proof of structural changes (ring 
shape into linear chains) is recent [59]. 

Cyclic voltammetry (Fig. 2) and spectro- 
electrochemical studies (Fig. 3) in DMF 
have shown that the first step of the reduc- 
tion of sulfur proceeds via an ECE process 
with a reversible chemical reaction (C) that 


TS 

O 


Fig. 3 Spectroelectrochemical experiment of a Ss + DMF solution (2.5 mM, 293 K; 
0.005 V s _1 ; 200 pm; working electrode Pt-electrode; pseudoreference electrode 
Pt-wire). O.d.: optical density. 
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takes into account the ring-opening step 
of S 8 : 

S 8 + e ; - S 8c 

- 1.05V(vs. Fc + /Fc)at 293 K 
S 8c ~~ v - S 8 i~ with c: ring character and 
1 : linear character 
S 8 i + e - S 8 2 
-0.70 V (vs. Fc+/Fc) at 293 K 

In addition, spectroelectrochemical stud- 
ies [55-57, 59] have undoubtedly shown 
that S 6 2- /S 3 - polysulfides were produced 
during the reduction step. These polysul- 
fides originate from the disproportionation 
of S 8 2- into S6 2- and S 8 . Noticeably, S 8 2 ~ 
is weakly dissociated into S 4 - . Park et al. 
[55, 56] would have identified this radical 
anion at 700 nm by spectroelectrochem- 
istry but this assignment remains to be 
confirmed. It should be noted that recent 
works tried to keep the previous interpre- 
tations of the electrochemical reduction of 
sulfur but without success [61-64]. 

A further step in the reduction of sulfur 
is also observed (Fig. 2). This step dis- 
plays a reversible reduction wave close to 
-1.8 V (vs. Fc+/Fc at 293 K in DMF) and 


a “prewave” at a potential slightly higher. 
The prewave is clearly observed at low 
scan rates, at high temperatures, and un- 
der thin layer conditions. It is noteworthy 
that the second step is not detected at low 
temperatures (233 K). The assignment of 
these two reductions has been controver- 
sial. In 1973, Sawyer [48] assigned them to 
the reduction of HS 8 “ and S 8 2- . In 1974, 
Badoz-Lambling [50] assigned them to the 
reduction of S 6 2- and, in 1981, Paris [52] 
assigned them to the reduction of S 8 2- 
and S 6 2- . In fact, it has been necessary to 
study the electrochemical behavior of poly- 
sulfide solutions to reach the basic fact: 
only the radical anions S 3 - and 84 “ are 
reducible. The study of L^S,, + DMF so- 
lutions, investigated by cyclic voltammetry 
(Fig. 4) and time-resolved spectroelectro- 
chemical experiments, allowed to propose 
the following mechanism [60]: 

2S 8 2 ~^^S6 2_ + — S 8 
4 

Disproportionation of S 8 2- 
2S 6 2 “^^S 4 2 “ + S 8 2 - 
Disproportionation of S 6 2 ~ 
S 8 2 - ^^ 2 S 4 - Dissociation of S 8 2- 



-1.0 -0.5 0.0 0.5 1.0 

Potential 
[V] 


Fig. 4 Cyclic voltammogram of 
a U 2 S 6 + DMF solution 
(2.5 mM, 293 l<; 1 Vs -1 ; 
working electrode Pt-electrode; 
pseudoreference electrode 
Pt-wire). 
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Tab. 2 Redox potentials and charge-transfer coefficients in DMF at 293 K [60] 


Redox couple 

S 3 -/S 3 2 - 

S 4 -/S 4 2 - 

Sg/Sg c 

s 6 -/s 6 2- 

Sg / /S„g 

Redox potential (V vs. 

-1.80 

-1.30 

-1.05 

-0.85 

-0.70 

Fc+/Fc) 






Charge-transfer coefficient 

0.5 

0.5 

0.35 

0.6 

0.7 


S 6 2 ' " 2 S 3 Dissociation of S 6 2 

S 4 + e , - S 4 2 

-1.30 V (vs. Fc+/Fc) at 293 K 

S 3 - + e~ . s S 3 2 ~ 

-1.80 V (vs. Fc+/Fc) at 293 K 

The study of Li 2 S„ + DMF solutions [60] 
also allowed to characterize the electro- 
chemical properties of polysulfides: only 
redox couples of the type S„ - /S„ 2- are 
involved. The chemical reactions coupled 
to charge transfers are classical dissocia- 
tion and disproportionation equilibria: no 
complex rearrangement reaction or tran- 
sient species has been necessary. Redox 
potentials and charge-transfer coefficients 
of the redox couples involved in sulfur and 
polysulfide solutions are summarized in 
Table 2. 

Therefore, a complete description of the 
redox properties of sulfur and polysulfides 
in classical organic solvents has been 
obtained on the following basis: only Ss 
and the radical anions S„ - are reducible 
and only the dianions S ;i 2- and Ss are 
oxidable. The electrochemical process has 
been validated in DMF by comparing 
simulations and the experimental data 
in a wide range of temperatures (233 to 
313 K) and scan rates (0.005 to 2.0 Vs -1 ). 
It can be reasonably extended to other 
organic solvents. Thermodynamic and 
kinetic parameters have been discussed 
in Ref. 60. It must be noted that Paris 
et al. [58] describe the reduction of sulfur 


and the generation of polysulfides in a 
completely different way, involving the 
dissociation of Ss into S 2 . A spectroscopic 
evidence of such dissociation has not been 
given. 

The spectroelectrochemical experiments 
in a wide range of temperature and 
scan rate have been a powerful tool 
for understanding the complex redox 
properties of sulfur and polysulfides in 
DMF and numerical simulations have 
been essential to validate the proposed 
electrochemical mechanisms. 

It is expected that this model should be 
valid in other “classical” nonaqueous sol- 
vents. ITowever, such a check would be 
useful, but it requires the dissolution of 
M 2 S„ solids of well-controlled stoichiome- 
try n . 

8.3.2 

Liquid Ammonia 

Liquid ammonia is not a classical solvent 
for sulfur because it dissolves sulfur in the 
course of a reversible and slow dispropor- 
tionation process as has been described 
earlier. Ammonia is a very useful solvent 
for the investigation of polysulfides be- 
cause it allows their synthesis with an 
easy control of their stoichiometry. Af- 
ter evaporation of ammonia and drying 
under high vacuum, a solid with the over- 
all composition M 2 S ;i is obtained. The 
solid is either a polysulfide or a mixture 
of polysulfide(s) with sulfur, depending 
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on n and on the metal cation M. The 
spectroscopic studies of Li 2 S„— NH 3 solu- 
tions suggest that S(, 2 ~ is the less reduced 
polysulfide in ammonia [65], but elec- 
trochemical experiments show that it is 
slightly disproportionated [ 66 ]. The elec- 
trochemical study of solutions of lithium 
polysulfides (LhS,, + NH 3 ) and ammo- 
nium polysulfides ((NH^S,, + NH 3 ) al- 
lowed the specific study of the reduction 
of S 3 - [67] and the oxidation of S 4 2- 
and S 6 2- ions [ 66 ]. This study has shown 
the key role of S 3 - in the redox prop- 
erties of these solutions. In all lithium 
polysulfide solutions with n > 3, S 3 - and 
S 3 2- species are present at equilibrium, 
as the consequence of the disproportiona- 
tion processes of S„ 2- . S 3 - and S 3 2- are 
the conjugated species of the same redox 
couple; consequently, the equilibrium po- 
tential of these solutions is well defined. 
By using the theory of cyclic voltamme- 
try for this situation [ 68 ], it was possible 
to interpret the experimental voltammo- 
grams and the electrochemical impedance 
diagrams for LL 2 S 4 and (NH 4 ) 2 S 4 solu- 
tions in liquid ammonia [69]. It has been 
shown that for (NH 4 ) 2 S 4 solutions, the 
electron transfer reaction between S 3 - 
and S 3 2- is coupled with a reversible ho- 
mogeneous reaction between S 3 2- and 
NH 4 + (the acidic form of NH 3 ). These 
experimental data display the influence 
of the acidity of the solution, not only 
on the disproportionation equilibria but 
also, as a consequence, on the electro- 
chemical processes. The electrochemical 
properties of the polysulfide ions are 
similar to those observed in “classical” 
nonaqueous solvents. But, the spectro- 
electrochemical experiments have shown 
the formation of a solid species during 
the oxidation of Ss 2- ion. This solid 
species has been assigned to sulfur be- 
cause dissolution of sulfur via a redox 


disproportionation process is very slow in 
liquid ammonia. Noticeably, the oxidized 
form of sulfur, S 4 N - , has been observed 
during this process and the sulfur, in the 
zero oxidation number state (but differ- 
ent from Ss), is not reducible in liquid 
ammonia. 

Ammonia is a very special solvent of 
sulfur, but it gives the possibility of 
preparing very well-defined L^S,, — NH 3 
(or M 2 S„-NH 3 ) and (NH 4 ) 2 S„-NH 3 
solutions. The electrochemical studies of 
these solutions have been very useful 
for understanding the electrochemical 
properties of polysulfide solutions. 

8.3.3 

Aqueous Solutions 

The electrochemical behavior of sulfur, 
sulfide (HS - , S 2- ) and polysulfide ions 
in water is much less documented than 
for nonaqueous solvents. Experimental 
studies are less numerous and do not 
include a systematic study versus the 
stoichiometry n of polysulfides M 2 S„. The 
conclusions of these investigations are 
often speculative, since the experimental 
curves do not display strong evidence for 
chemical species involved in the proposed 
mechanisms. Moreover, the very low 
solubility of sulfur in water does not allow 
the study of its electrochemical reduction 
in water. 

The system S ( — II) /S (0) (Fig. 1) has been 
studied by cyclic voltammetry on gold [70, 
71] and platinum electrodes [72]. For a so- 
lution of S(— II) at pH = 9.3 (major species 
HS - ) and at pH = 13 (major species S 2- ) 
and for a gold electrode [70, 71], under- 
potential deposition of sulfide ion to form 
a monolayer of chemisorbed sulfur oc- 
curs in the potential range of —0.65 to 
—0.45 V/SHE. An anodic peak is observed 
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between —0.1 and 0.3 V/SHE, correspond- 
ing to sulfur deposition resulting from 
the oxidation of S ( — II) . During this pro- 
cess, the formation of soluble polysulfide 
ions, through the reaction between sul- 
fur and soluble S ( — II) ions cannot be 
excluded. The characterization, by XPS, 
of the film deposited on the electrode 
gives evidence of elemental sulfur Ss [70]. 
The spectrum also indicates the pres- 
ence of sulfur in a form different from 
Sg. The binding energy shows a substan- 
tial interaction between the monolayer 
(that can be seen as gold sulfide) and 
the sulfur in the deposit. In negative di- 
rection, one or two reduction peaks are 
observed in the voltammograms, assigned 
to the formation of soluble poly sulfide ions 
by reduction of sulfur on the electrode 
(cathodic stripping). These experimental 
results have been interpreted by the fol- 
lowing mechanism [70]: 

Slow Fast 

S(-II) S. r 2 “ S(0) 

On Pt-electrode [72], there is no evidence 
for the underpotential deposition of a 
monolayer. The voltammograms that have 
the same shape as for Au electrode 
were interpreted by the same mechanism. 
These studies have been completed by 
electrochemical impedance spectroscopy 
(EIS) as a function of the electrode 
potential. For Au and Pt electrodes [73, 
74], the increase in the charge-transfer 
resistance in the potential range of sulfur 
deposition shows that the sulfur layer 
either partially blocks the electrode, or 
that the layer is poorly conducting. In 
their work, Anani et al. [75] gave cyclic 
voltammograms, recorded with a graphite 
electrode, for solutions of Na 2 S 4 in 
water and for Na 2 S 4 in 0.25 M NaOH. 
According to the experimental results 
given in the paper, these solutions seem 


to be characterized by a well-defined 
equilibrium potential, as for solutions in 
nonaqueous solvents. The broad anodic 
peak current observed at a sweep rate 
of 100 mV s -1 may result from at least 
two successive electrode reactions, as 
is shown by the two peaks resolved 
at lower scan rate. No mechanism has 
been proposed for these observations, but 
it would be interesting to examine the 
interpretation of these experiments on 
the basis of the interpretation given for 
the polysulfide solutions in nonaqueous 
solvents. 

8.4 

Electrooxidation of Sulfur 

As early as 1804, it was reported that sulfur 
dissolves in oleum to give brown, green or 
blue solutions [76]. As for solutions of 
sulfur in liquid ammonia, the nature of 
the colored species has been controversial. 
It was shown 30 years ago that sulfur can 
be oxidized with S 2 O 6 F 2 , AsFs, or SbFs 
in various solvents (H 2 SO 4 , HFSO 3 , HF, 
oleum) to polyatomic cations: Si 6 2+ , Ss 2+ , 
S 4 2+ [77-80]. The observation of EPR 
signal for these solutions led the authors 
to believe that the species are Ss + and S 4 + 
radicals presumably in equilibrium with 
their dimers Si 6 2+ and Sg 2+ , respectively. 
By using the EPR spectrum of 92% 33 S 
enriched sulfur, Low and Beaudet [81] 
concluded that the sulfur radical in 65% 
oleum is S 5 + . 

Surprisingly, electrooxidation of sulfur 
is only known in molten salts and in 
fluorosulfuric acid. In accordance with 
Fehrmann [82], the species Si 6 2+ , Ss 2+ , 
S 4 2+ , S 2 2+ , S 2+ , and S 4+ are formed by 
oxidation of sulfur in molten AICI 3 — NaCl 
at 150 °C. 
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The following mechanism has been 
proposed by Marassi [83] in this medium 
at 150-250°C: 

First step S 8 > S 8 2+ + 2e“ 

1.50 V (vs. A1 3+ /A1) 

Sg 2+ + S 8 ^^S 16 2+ 

Second step S 8 2+ , s 4S2 2+ + 6e“ 

1.75 V (vs. A1 3+ /A1) 
Third step S2 2+ ^^2S 4+ + 6e~ 

1.88 V (vs. A1 3+ /A1) 

The electrochemistry of sulfur in fluoro- 
sulfuric acid has been studied by Herlem 
[84, 85]. Sulfur dissolves only in boiling 
HFSO3 to give colored solutions. The pro- 
posed mechanism assumes S + and S 2+ as 
the starting ions: 

In acid melts S + > S 2+ + e - 

S 2+ » S 4+ + 26- 

In basic melts S2 + > 2S 2+ + 3e“ 

2S 2+ * 2S 4+ + 4e“ 

In acetonitrile, a high irreversible wave 
is observed at 2.42 V (vs. SCE) by cyclic 
voltammetry. A 16-electron process has 
been proposed by Le Guillanton [86, 87]: 

S 8 » 8S 2+ + 16e“ 

The consumption of 16 Faradays per 
mole has been confirmed by coulometry. 
The presence of intermediate species 
(S 8 2+ , S4 24 ", and S2 2+ ) is not totally 
dismissed. 

In the presence of Lewis acids (AICI3, 
SnCU), a second irreversible 16-electron 
process is observed at 2.90 V, leading to 
S 4 + [87]. 


8.5 

Applied Electrochemistry 

8 . 5.1 

Electrosynthesis 

A complete review details new methods of 
preparation for thio-organic compounds 
derived from the electrogenerated species 
S„ 2 “ and S„ 2+ with a sacrificial car- 
bon-sulfur electrode [88], Through reac- 
tions with various substrates, it is possible 
to prepare thiophenes, sulfur-containing 
heterocycles, sulfides, trisulfides, and so 
on. High selectivity and regioselectiv- 
ity have been observed in reaction with 
S„ 2+ . Recent works allowed testing the 
reactivity of electrogenerated polysulfide 
ions toward nucleophilic substitution of 
alkyl halides [89], acyl thioanhydrides 
and anhydrides [90], S-phenyl thiol [91], 
acyl chlorides [92] and allene derivatives 
[93]. 

It can also be noted that an electro- 
chemical process for the decomposition 
of hydrogen sulfide into its constituents 
in an aqueous alkaline solution has been 
presented [75, 94], 

8 . 5.2 

Batteries, Solar Cells, and Sulfurization 

Rechargeable cells with a sulfur cathode, a 
sodium anode, and a solid electrolyte such 
as /I -alumina have been much investigated 
[8]. They are operated at about 618 K, 
temperature at which sodium and sulfur 
are both liquid. 

Another approach is to use a 
lithium/ sulfur cell with nonaqueous 
electrolyte systems. Rechargeable lithium 
batteries are being developed for portable 
power applications such as electric 
vehicles, partly because of their specific 
energy ranges 100-150 Wh leg -1 (and 



theoretical specific energies in the range 
425-890 Wh kg' 1 ). Further increases in 
battery specific energy are limited by 
the extent of lithium intercalation into 
transition metal oxides, resulting in 
capacities in the range of 100-150 mAh 
g _1 of active material. A battery based 
on the lithium/ (elemental) sulfur redox 
couple has, in contrast, a theoretical 
specific capacity of 1672 mAh g' 1 of active 
material and a theoretical specific energy 
of 2600 Wh kg -1 , assuming complete 
reaction to the product L^S. Therefore, 
there is a strong incentive to develop 
Li/S batteries. 

A Li/S battery with a 100% sulfur 
positive electrode is impossible to dis- 
charge at low temperatures because sulfur 
is both ionically and electronically resis- 
tive. A practical Li/S cell must therefore 
incorporate well-distributed electronically 
conducting and lithium ion-conducting 
phases in the positive electrode. Prior stud- 
ies of Li/S cells with liquid electrolytes 
faced the serious problems of low active 
material utilization and poor rechargeabil- 
ity, due to the insulating nature of sulfur 
and Li2S, and due to the loss of active 
material in the form of soluble polysul- 
fide reaction to lower-order sulfides (e.g. 
Li2S2, LhS). In addition, degradation of 
the Li electrode in liquid organic elec- 
trolytes limited the performance of such 
cells [95-99]. 

Aqueous polysulfide electrolytes are reg- 
ularly the matter of fundamental photo- 
electrochemical studies (see Sect. 5.2 in 
Volume 6) and of the development of 
high-energy efficiency and highly stable 
photoelectrochemical solar cells [100, 101]. 
Aqueous polysulfide solution chemistry is 
also of importance to the pulp and paper 
industry [102], and provides an opportu- 
nity for a battery cathode based on the 
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high storage capacity of zerovalent sul- 
fur in concentrated aqueous polysulfide 
electrolytes [103]. 

The sulfurization of semiconducting 
surfaces by dipping the material in aque- 
ous sulfide solutions is generally used for 
the following applications: 

• To allow the growth of another semi- 
conducting material having the sulfide 
ion as the anion component, for exam- 
ple, CdS. The SILAR process has been 
proposed. For InP («), the mechanism 
of sulfurization (the first step of CdS 
deposition) has been described [104]: 
reversible adsorption of HS _ ions, fol- 
lowed by the irreversible expulsion of 
P 3 ' anions (as PH3) and the formation 
of an indium sulfide. A concomitant 
deoxidation takes place. 

• To protect the lasing face of diode lasers 
against the growth of oxides. Generally, 
these oxides absorb the emitted light, 
leading to the destruction of the device. 

Sulfurization can be performed by 
simple dipping or under applied (anodic) 
bias. For GaAs, the anodization of this 
material in the presence of (NFl^S 
[105-108] leads to the formation of 
Ga(II+)S(— II), GaS, which implies redox 
reactions between Ga 3+ ions issued from 
the material and sulfide ions. 


Characterization of inorganic sulfur speci- 
ation in marine and freshwater porewaters 
is critical to our understanding of metal 
and sulfur cycling in sediments. Since co- 
precipitation and/or adsorption on FeS( S) 
and formation of discrete authigenic sul- 
fide minerals can effectively remove trace 
metals, many metal cycling studies are 
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based on measurements of sulfide and 
iron concentrations in porewaters, as well 
as acid volatile sulfides and pyrite in sedi- 
ments [109-114]. However, a lack of exact 
data on sulfur speciation, that is, con- 
centrations of polysulfides and elemental 
sulfur, in sediment porewaters, limits the 
interpretation of these results [115]. 

Various polarographic techniques have 
been successfully used to measure ele- 
mental sulfur, S°, and sulfide (H 2 S and 
HS“) concentrations in laboratory solu- 
tions [116], salt water [117], saline lake 
[118], freshwater [119], lake porewaters 
[120], salt marsh sediments [109, 120], and 
marine porewaters [121]. Using stripping 
square wave voltammetry, researchers 
have been able to measure sulfide species 
at nanomolar concentrations [118-120, 
122, 123]. Recently, cyclic and linear sweep 
voltammetries have been used to quan- 
tify elemental sulfur S°, hydrogenosulfide 
(HS“) and polysulfides (S„ 2— ) with fast 
scan rates (IV s" 1 ) [124]: for example, in es- 
tuarine sediments (from Rehoboth Bay, an 
inland bay located in Delaware), the sulfur 
speciation was found to change through- 
out a core profile, with S° dominant in 
the top layers (0-6 cm), S„ 2_ dominant 
in the transition zone (6-7 cm), and HS“ 
dominant in the deeper sediment (>7 cm). 


8.6 

Conclusion 

This review has shown the complexity of 
the chemistry and the electrochemistry 
of sulfur, polysulfide ions, and sulfur 
cations. This complexity originates from 
the ability of sulfur to form catenated 
species, which leads to disproportionation 
and dissociation equilibria. 

Significant progress has been achieved 
in the interpretation of the reduction of 


sulfur in DMF. This has been possible 
because of the progress made in under- 
standing the electrochemical properties 
of polysulfide solutions in liquid ammo- 
nia and in DMF. This has been greatly 
supported by the association of spectro- 
scopic, electrochemical, and numerical 
digital simulation techniques. It would 
certainly be useful to check the proposed 
models in various solvents. 

It seems useful to understand the mech- 
anisms involved in the chemistry and in 
the electrochemistry of sulfur and poly- 
sulfides. During the last 10 years, more 
than 90 papers dealing with solvothermal 
synthesis of chalcogenides M X E or binary 
chalcogenides M x MyE z (E = S, Se, or Te) 
have been published. In a typical process, 
a metal and/or a metallic salt is heated 
in a solvent (benzene, toluene, pyridine, 
ethylenediamine, water, etc.) at 100-200 0 
C in the presence of an excess of chalcogen 
(see for instance Ref. 125). These empirical 
syntheses would benefit from a sound un- 
derstanding of the involved mechanisms. 

Finally, it must be emphasized that the 
mechanism of the influence of the solvent 
(even among the “classical” solvents) has 
not been examined. 
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9.1 

Introduction 

The halogens (from the Greek “hals + 
gennan” for “salt formers”) play a spe- 
cial and important role in fundamental 
and technical electrochemistry. The elec- 
trochemical (anodic) formation of the free 
halogens or their more highly oxidized 
forms has been widely employed in syn- 
thetic and analytical processes. The bulk 
generation of chlorine from chloride (in 
the chlor-alkali electrolysis process [1]), the 
bulk or in situ generation of fluorine (in 
electrofluorination processes [2]), as well 
as the in situ generation of aggressive 
reagents employed in waste decontami- 
nation [3] or in mediated electrosynthetic 
processes (e.g. in the electroepoxidation of 
olefins [4]) are processes that have been de- 
veloped to provide alternatives to reactions 
involving the addition of bulk reagents. In 
particular, the in situ formation of reactive 
intermediates such as fluorine or bromine 
offer relatively clean and nonhazardous al- 
ternatives to bulk chemical use and will 
be of considerable future importance. The 
halogenides are ubiquitous and versatile 
as inert electrolytes as well as precursors 
for highly reactive redox intermediates of 
electrochemical processes. 

Owing to their considerable oxidizing 
power, the fully reduced - I redox state is 


the naturally most abundant redox state 
for all halogens (only iodine and astatine 
can occur naturally in higher oxidation 
states; chlorine oxides and perchlorate are 
present in traces) . The availability of higher 
redox states can be of technical importance 
(e.g. for periodate mediated oxidation re- 
actions) and is generally dependent on 
the chemical environment (solvent, pH, 
T, etc.). As one might expect, the heavier 
halogens exhibit more inert higher oxida- 
tion states. However, there are exceptions 
such as the highly unstable perbromate, 
Br 04 - . The reversible standard potentials 
for the formation of the halogens from 
aqueous halide solutions decrease when 
going to the heavier halogens and follow 
approximately the trend of the hydration 
energies. Some further key chemical prop- 
erties and important physical constants for 
the halogens are summarized in Table 1. 

The availability of the halogens in the 
earth’s crust are 0.027 w% (F), 0.19 w% 
(Cl), 6 x 10“ 4 w% (Br), and 6 x 10“ 6 
w% (I). The radioactive astatine (from 
the Greek “astatos” for “unstable”), with 
3 x 10~ 24 w% occurs naturally only as 
a radioactive fission product of uranium 
(with a half-life of 8.3 h or less) and can 
be synthesized by fusion of bismuth with 
a-particles [11]. 

The electrochemistry of the halo- 
gens strongly depends on the solvent, 
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Tab. 1 Some physical properties of halogens [5, 6] 



Fluorine 

Chlorine 

Bromine 

Iodine 

Astatine 

Relative atomic 

18.9984 

35.453 

79.904 

126.9045 

21 0 a 

weight/[au] 






Color of gas 

Very weak yellow Yellow-green 

Red-brown 

Violet 

- 

Melting point /°C 

-219.61 

-101.00 

-7.25 

113.60 

ca. 300 

Critical point/ °C 

-129 

143.5 

311 

- 

- 

Atomic radius/lCT 10 m 

0.64 

0.99 

1.14 

1.33 

1.4 

Ionic radius/10 -10 m 

1.33 

1.81 

1.96 

2.20 

2.27 

Gibbs energy of 

-472 

-347 

-321 

-283 

-247 

hydration/k) mol -1 b 

E° (X~/X 2 ) in aqueous 

2.866 

1.358 

1.065 

0.621 

0.2 

acid /V vs. NHE 

Atomic electron 

3.401 

3.613 

3.363 

3.059 

ca. 2.8 

affinity/eV 






Atomic ionization 

17.423 

12.968 

11.813 

10.451 

9.5 

energy /eV 

X— X bond 

1.42 

1.9881 

2.2809 

2.666 

ca. 2.8 

distance/1 0~ 10 m 






X— X bond dissociation 

158.1 

243.52 

192.99 

151.34 

95.0 

energy/kj mol -1 

HX p/C A (298 K) c 

3.17 

-6.1 

-8.9 

-9.3 

_ 

Azeotrope with H 2 O 
(1 bar)/w% 

35.37 

20.24 

47.63 

56.7 


a Astatine is highly radioactive and only produced 

and isolated 

in very small quantities; isotope with 


the longest half-life (8.3 h) considered. 
b Taken from Ref. 7. 

c Acidity constants in water [8, 9], Note that H 3 0+F“ ion pair formation is responsible for the strong 
deviation seen in the value for HF [10]. 


conditions, and environment and, for 
example, species such as Br + , I + , or At + 
have been reported as useful reactive in- 
termediates. These “hypervalent” species 
are highly reactive and are readily gen- 
erated electrochemically in donor solvents 
such as pyridine [12]. These highly reactive 
intermediates form adducts with olefins 
and aromatic n -systems and play an im- 
portant role in electrosynthetic processes 
(vide infra) in spite of being only poorly 
characterized. 

Fundamental and practical information 
about the electrochemistry of the halogens 
is available in considerable depth from the 
Pourbaix diagrams [13], from the collection 


of standard potentials in aqueous solution 
[14], and from standard textbooks [6] and 
resources [15]. In the following chapters, 
an overview is provided highlighting re- 
cent developments in the fundamental 
understanding and the application of halo- 
gens in electrochemical processes. In par- 
ticular, advances in electrode materials and 
process designs leading to more efficient 
or novel electrochemical processes are con- 
sidered. Areas such as the development of 
boron-doped diamond electrode materials 
and novel room temperature ionic liq- 
uid reaction media are included. Further, 
more fundamental and critical informa- 
tion is available in earlier reviews [16, 17]. 




9.2 

The Electrochemistry of Fluorine 

9 . 2.1 

Introduction 

Fluorine was discovered in electrochem- 
ical experiments conducted by Henri 
Moissan [18, 19] in 1886. He discovered 
that solutions of KF in HF remain liquid 
and electrically conducting even at ambi- 
ent temperatures and during electrolysis, 
he was able to isolate fluorine as a pale 
yellow gas for the first time. Fluorine as 
well as hydrofluoric acid are highly toxic 
and should be handled only with extreme 
care [20], 

Owing to its chemically highly ag- 
gressive nature, fluorine is difficult and 
hazardous to handle and it can be manu- 
factured only via the electrolytic oxidation 
of fluoride. Fluorine gas has been pro- 
duced commercially since 1946 and has 
found applications in many areas of flu- 
orine chemistry (polymers, surfactants, 
lubricants, thermally stable liquids, blood 
replacement and pharmaceuticals, pro- 
pellants, etc.). Inorganic fluorides such 
as SF 6 and UF6 [21] have technical ap- 
plications. Fluorous solvent systems [22] 
provide novel reaction environments fun- 
damentally different from both aqueous 
and hydrocarbon media [23] and fluorine 
has been employed as a marker or spin 
label [24]. 

A critical and comprehensive review of 
fluorine redox chemistry has been given 
by Kuhn [17] and much fundamental 
information is also available from Bard 
[14] and from Pourbaix [13]. The most 
important redox states for fluorine are - I 
(fluoride, fluormonoxide) and 0 (fluorine) 
and the hypothetical reversible standard 
potentials for these systems are given 
below. The highly unstable oxide F 2 O is 
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obtained by reacting fluorine with traces 
of water and further reaction leads to 
the formation of thermally unstable HOF, 
oxygen, and HF (Eq. 1). 

2F 2 + H 2 0 > F 2 0 + 2HF (la) 

F 2 0 + H 2 0 > 2FOH (lb) 

2FOH > 0 2 + 2HF (lc) 

Hydrofluoric acid in contact with water 
behaves anomalous when compared to the 
heavier halogens. The hydrogen -fluoride 
bond is relatively strong and ion pairs 
of the type HjO+F" exist rather than 
free hydronium ions [10]. Anhydrous 
HF is an electrically conducting liquid 
(3HF = H 2 F+ + HF 2 “ occurs) with a nor- 
mal boiling point of 19.5 °C. Scheme (1) 
summarizes the most important forms, 
the standard potentials in acidic aqueous 
media, and typical applications of fluorine. 

9 . 2.2 

Electrochemical Generation of Fluorine 

Owing to the extremely high standard po- 
tential of fluorine, only electrochemical 
methods are available for the oxidation of 
fluoride to fluorine. In order to generate 
fluorine gas commercially, a process based 
on electrolysis in a eutectic mixture of KF 
and HF with a melting point of 82 °C 
has been developed [25, 26]. Problems due 
to the high cell voltages and rapid car- 
bon anode degradation are encountered. 
During the electrolysis process, a film of 
fluorinated carbon forms at the anode sur- 
face and leads to poor wetting. Additional 
problems arise from fluorine gas bubbles 
adhering to the electrode and substantially 
increasing the overpotential [27]. A the- 
oretical model for this process based on 
a “fluidized” layer has been proposed re- 
cently [28] and processes at C electrodes in 
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Scheme 1 Redox states, reversible standard potentials (in V vs. NHE, in 
acidic aqueous environments [13, 14]), and some applications of fluorine. 


KF— (HF) 2 electrolyte media have been fur- 
ther dissected [29]. Detailed information 
about the industrial process is available 
[17, 30], 

9.2.3 

Electrofluorination in Synthesis 

Avoiding handling, storage, and transport 
of toxic and highly reactive reaction inter- 
mediates is one of the benefits of the elec- 
trochemical in situ generation of reagents. 
For fluorine chemistry, this approach is of 
particular value. The direct electrofluori- 
nation of organics [31] is a process carried 
out in a scale of ca. 100-1000 ton year -1 
and there are mainly two technical pro- 
cesses, the Simons process and the Phillips 
process [32], The Simons process is em- 
ployed for the perfluorination of organic 
substrates and involves electrolysis of a 
dispersion of substrate in anhydrous HF 
at a nickel anode. In the Phillips process. 


the substrate is supplied through a porous 
carbon anode into the molten KF— 2HF 
electrolyte. Products are formed via sta- 
tistical replacement of hydrogen in an 
apparent radical reaction scheme. Much 
of the progress made over recent years has 
been reviewed by Misra et al. [33] 
Electrochemical fluorination (ECF) has 
been applied to the formation of both 
inorganic and organic target molecules. 
In spite of the formation of side prod- 
ucts and the inevitable destruction of the 
initial substrate, mild electrofluorination 
conditions allow most of the functional 
groups or heteroatoms (N, O, S) in the 
starting material to be conserved. Among 
numerous perfluorinated substances pro- 
duced by ECF there are perfluorinated 
tertiary amines, perfluoroethers, and per- 
fluorocarbons. Those substances are of 
considerable interest for industry being in- 
ert, environmental comparatively friendly, 
nonflammable, and fire-safe liquids with 










applications as coolants or as liquid di- 
electrics in various technical applications 
and over a wide temperature range. The 
derivatives of fluoroanhydrides of carbonic 
and sulfonic acids are efficient surfac- 
tants needed in transportation and metal- 
lurgy. The derivatives of perfluoromethyl- 
or perfluoroethyl- sulfonic acids are very 
promising raw materials for electrolytes in 
a new generation of electrochemical power 
sources. On the other hand, ECF has some 
disadvantages that may limit its usage. 
One important disadvantage is destructive 
fluorination of the initial substrate that oc- 
curs simultaneously with the synthesis of 
a perfluorinated target molecule. Often, a 
product mixture is isolated and the yield 
of the target substance may happen to 
be rather small. Fluorination of molecules 
containing 9 or more side chain carbons 
often results in gums that tend to accumu- 
late in the electrolyte and to stick to the 
electrode surface thus complicating the 
use of continuous electrolysis process. 

In a recent review, Tao et al. [34] de- 
scribe the partial fluorination and the 
perfluorination of organics with particular 
emphasis on medically important com- 
pounds and pharmaceuticals. The selective 
electrofluorination (SEF) of olefins and 
active methylene groups is reviewed by 
Noel et al. [35] In the case of heterocy- 
cles, nuclear fluorination is known to be 
the predominant process. However, in aro- 
matic compounds, nuclear substitution as 
well as addition proceeds simultaneously, 
leading to the formation of a mixture of 
products. The influence of solvents, sup- 
porting electrolytes, and adsorption on 
product yield and selectivity is summa- 
rized and evaluated. Dimethoxyethane is 
found to be a superior solvent for SEF 
processes. Redox mediators have been 
employed to minimize anode passivation 
and to achieve better current efficiencies. 
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Nitrogen bases containing perfluoroalkyl 
substituents have been synthesized using 
redox catalysts as mediators. Important 
biologically active molecules containing 
fluoro-substituents have been prepared 
by SEF methods. The fluorination of 
dimethylcarbonates has been described by 
Takehara et al. [36] A very selective and 
mild electrofluorination method has been 
reported by Fang et al. [37] Acetonitrile is 
employed as an inert solvent with EtjN-HF 
as supporting electrolyte and as a fluo- 
rine source. The fluorination of pyridine 
yielded 4-fluoropyridine in good yield. 

The electrofluorination of acetophenone 
and benzophenone takes place in anhy- 
drous HF and in the presence of solvents 
such as chloroform and acetonitrile [38]. 

The fluorination of the aromatic rings oc- 
curred to various extent. Further uses of 
anhydrous hydrogen fluoride as a liquid 
environment for electrofluorination pro- 
cesses have been reported, for example, by 
Matalin et al. [39]. In particular, systems 
with low conductivity in liquid hydrogen 
fluoride and nonselective processes have 
been studied and optimized. The fluorina- 
tion of benzene and halobenzenes in the 
presence of Et 4 NF— (HF)„ in an undivided 
cell has been studied by Horio et al. [40] 
Cathodic dehalogenation is observed to ac- 
company the anodic fluorination process. 

Mild electrofluorination is possible with 
much higher selectivity when fluorine 
is replaced by adducts such as in situ 
generated PhSeF, Br 2 F _ , Ar— IF 2 [41], or 
interhalogen compounds [42] such as IF 5 
[43]. A very mild approach to introducing 
fluorine into organic molecules can be 
based on a redox mediator containing 
fluoride bound to a reactive electrophile. 
Uneyama et al. pioneered the use of 
electrogenerated fluoroselenols [44] (see 
Eq. 2). The reagent is generated anodically 
in situ from a selenophenol in the presence 
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of fluoride. 


SePh 



F 


This type of reagent allows a very se- 
lective and mild introduction of fluorine. 
Fuchigami et al. pioneered a similar ap- 
proach for the desulfurisative fluorination 
employing hypervalent bromine (Eq. 3) 
and iodine (Eq. 4) reagents [45]. 

The electrode material for electrofluo- 
rination processes is important, and new 
materials with high conductivity but chem- 
ically inert surface characteristics are de- 
sirable. Materials such as Ni, Monel, or 
Hastalloy are commonly employed [46] 
and the use of Pt has been pioneered 
by Schmidt [47]. Boron-doped diamond is 
a novel electrode material with a chem- 
ically highly inert surface suitable for 


application in harsh environments such 
as the electrofluorination in anhydrous 
HF [48]. Okino et al. [49] demonstrated 
the fluorination of 1,4-difluorobenzene in 
Et 4 NF— (HF )4 containing electrolyte so- 
lutions (see Eq. 5). A comparison with 
graphite and platinum demonstrated the 
benefits of boron-doped diamond. 



F F F 


An interesting aspect of fluoride applica- 
tions in electrochemistry is the beneficial 
effect that fluoride-containing electrolyte 
media have on the anodic formation 
of ozone. Oxidized forms of fluoride 
are known to result in the formation 
of persulfate and peroxide, but for the 


Anode PhS SPh 



vs. SCE 



electrochemical ozone generation, no di- 
rect participation in the reaction has been 
reported. It has been proposed that for an- 
odes made of PbC>2 the coverage of the 
electrode with intermediates is affected by 
the presence of fluoride [50]. The ozone 
formation process has also been observed 
at other electrode materials such as boron- 
doped diamond [51]. 

9 . 2.4 

Gas and Ion Sensors for Fluorine and 
Fluoride 

The rapid detection and determination of 
fluorine as a highly toxic gas is of im- 
portance in industry and both solid-state 
semiconductor and polymer electrolyte so- 
lutions have been suggested. Moritz et al. 
[52] developed a semiconductor field-effect 
structure Si/Si02/Si3N4/LaF3/Pt, which, 
as an all solid-state device, allowed the de- 
termination of 0.01 to 1000 ppm fluorine. 
In a related report, a three-phase boundary 
charge transfer reaction at an AlF3/Pt/gas 
interface has been proposed as a key step 
in the overall fluorine detection mech- 
anism [53]. At elevated temperatures of 
up to 530 °C also the electrochemical de- 
termination of fluorocarbons (CF3CH2F, 
CF3CCI3, CF3CH2CI, CHCIF2, CC1 2 F 2 , 
CCI3F) at semiconductor structures has 
been reported [54]. 

Room temperature sensors based on a 
V2C>5-graphite cathode and a polyethylene 
oxide-based electrolyte were reported by 
Sathiyamoorthi et al. [55]. The gas is 
sampled through the porous cathode 
and for both chlorine and fluorine good 
sensitivity and rapid response times were 
observed. 

Ion-selective electrodes for fluoride trace 
analysis are commercially available and ef- 
fective down to a level of mg dm -3 [56]. 
A recent textbook by Cattrall [57] gives 
background information to the theory 
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and design of ion-selective electrodes and, 
in particular, to the mechanism of the 
fluoride-selective electrode. The potentio- 
metric detection mechanism is usually 
based on the interaction of fluoride anions 
with a LaF3 membrane, which in turn is in 
contact with a reference solution [58]. Dop- 
ing of the LaF3 membrane with EuF2 in- 
troduces vacancies and allows ion conduc- 
tivity and selectivity to be improved [59]. 


Chlorine (from the Greek “chloros” for 
“yellow-green”) is the most abundant halo- 
gen (0.19 w% of the earth’s crust) and 
plays a key role in chemical processes. The 
chlor-alkali industry has been in operation 
since the 1890s and improvements in the 
technology are still important and notice- 
able, for example, the transition from the 
mercury-based technology to membrane 
cells [60]. Most chlorine produced today 
is used for the manufacture of polyvinyl 
chloride, chloroprene, chlorinated hydro- 
carbons, propylene oxide, in the pulp and 
paper industry, in water treatment, and in 
disinfection processes [61]. A summary of 
typical redox states of chlorine, standard 
potentials for acidic aqueous media, and 
applications is given in Scheme 2. 

Information about the history and tech- 
nical importance of the electrochemistry of 
chlorine is available from earlier reviews 


Chlorine is a widely used bulk chemical 
with numerous applications on a megaton 


[62] and data collections [14]. 
9 . 3.2 
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scale [63, 64]. The electrochemical genera- 
tion of chlorine from chloride has become 
a standard process often carried out on site 
in order to avoid transport of compressed 
chlorine. Only recently in 2004 just out- 
side Texas (US) an accident caused by a 
train derailment resulted in the release of 
a toxic cloud of chlorine and demonstrated 
the inherent dangers of transporting large 
amounts liquid chlorine [65]. 

The bulk generation of chlorine from 
brine has been carried out at graphite elec- 
trodes (anodes) until the 1960s [66]. In the 
process, the graphite was slowly consumed 
causing exposure of the environment with 
chlorohydrocarbons and a need for regu- 
larly replacing electrodes. A further prob- 
lem was the substantial overpotential for 
chlorine evolution of about 500 mV on 
carbon anodes. This high overpotential 


caused the competing oxygen evolution 
process to introduce impurities and losses 
in efficiency. Electrocatalysts such as plat- 
inum undergo considerable dissolution 
(1 g per 5 ton chlorine) in the 25% brine 
solution typically employed in chlorine 
electrogeneration and therefore cannot be 
used. However, new ceramic electrodes, 
dimensionally stable anodes or DSAs [67] 
based on anodized titanium modified 
with catalytic oxides, then revolutionized 
this process. For the chlorine production, 
ruthenium oxide coatings on titanium an- 
odes reduced the overpotential for the 
chlorine evolution to 50 mV while increas- 
ing the overpotential for the competing 
oxygen evolution. Reliable anodes for the 
harsh conditions employed during anodic 
formation of chlorine and lifetimes of up 
to 10 years are now available. However, 











novel electrode systems are still under 
development and a recent review sum- 
marizes some advances in ceramic film 
design and analysis [68], The effect of 
the thickness of the porous ceramic layer 
has been investigated [69]. The failure of 
DSAs during chlorine evolution usually is 
linked to the leaching of metals, such as 
ruthenium, from the anode surface [70], 
A kinetic study on the chlorine formation 
process at Ti/RuC>2 electrodes has been 
reported [71] and the sol-gel formation 
ofTi0 2 /Ru0 2 films for DSA applications 
has been studied [72]. The effects of par- 
ticle size and aging on electrode kinetics 
and leaching have been evaluated. 

A new development during the last 
decade was the introduction of boron- 
doped diamond as an electrode material 
and work is continuing on analyzing the 
properties and the possible benefits of this 
material in electrochemical processes [73]. 
The chemical inertness of diamond car- 
bon reduces the problems with losses of 
anode material and the boron doping in- 
troduces electrical conductivity. Thin films 
of boron-doped diamond have been grown, 
for example, onto titanium substrates and 
tested. A high overvoltage for the chlo- 
rine evolution process on boron-doped 
diamond has been reported by Beck et al. 
[74] However, Ferro et al. [75] showed that 
a comparison of various carbon anodes 
with boron-doped diamond suggest simi- 
lar performance and that the application 
of boron-doped diamond, for example, in 
seawater electrolysis (for hypochlorite for- 
mation [76]) is realistic. It is likely that 
the type (doping level, roughness) and his- 
tory of boron-doped diamond is in part 
responsible for differences in the charac- 
teristics of boron-doped diamond surfaces. 
Attempts have been made to embed elec- 
trocatalysts into the surface of boron-doped 
diamond electrodes [77]. 
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A further important application of chlo- 
rine is in the disinfection of drinking 
water. In a recent review by Bergmann 
et al. [78], processes in simple undivided 
cells are discussed and the high ef- 
ficiency of titanium-based DSAs when 
compared to platinum and diamond is 
pointed out. 


Chlorine may be regarded as a reactive 
intermediate in electrochemical processes 
and chlorination of many substrates can 
be achieved simply by in situ anodic 
generation of chlorine. Indeed, often 
electrolysis in the presence of chloride 
leads to mechanistic ambiguities and/or 
the formation of chlorinated side products 

[79]. 

Over recent years, the electrochlorina- 
tion of a wide range of substrates has 
been reported. The direct halogenation 
of benzene has been studied at Pt and 
Rh electrodes and the in situ spectro- 
electrochemical monitoring of the process 
with confocal microprobe Raman meth- 
ods allowed optimization of the reaction 
conditions [80]. Toluene has been chlo- 
rinated at DSAs and the kinetics of 
this process have been explored in de- 
tail [81]. The electrochlorination of 1,4- 
dimethoxy-2-tert-butylbenzene has been 
reported in CCI4 and in acetonitrile en- 
vironments [82]. A difference in mecha- 
nism has been proposed to explain the 
observation of l,4-dimethoxy-2-tert-butyl- 
5 -chlorobenzene and l,4-dimethoxy-2 -tert- 
butyl-6-chlorobenzene, respectively, as the 
main products. Succinimide is electrochlo- 
rinated to give TV-chlorosuccinimide at 
platinum electrodes, but the process has 
been reported to be relatively inefficient 
due to side reactions (when compared 
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to electrobromination under the same 
conditions) [83]. The chlorination of un- 
saturated steroids [84] and the stereose- 
lective electrochlorination of a steroidal 
5,6-olefin has been reported by Maki 
et al. [85] The dichloro product as well 
as the chlorohydrin have been obtained 
(Eq. 6). 

In similar electrochlorination exper- 
iments, propionaldehyde [86], ethylene 
[87], tetramethylpiperidine derivatives [88], 
amines [89], acetone [90], and polymers [91] 
have been converted into chloro deriva- 
tives. Mechanistic studies have aimed at 
elucidating the role of chloronium inter- 
mediates [92], water [93], and of redox 
mediators such as Ce 4+ [94] in the elec- 
trochlorination process. 

The formation of epoxides is syntheti- 
cally a very important transformation. The 
indirect epoxidation of olefins (see Eq. 7) 
in the presence of electrogenerated chlo- 
rine (or bromine) [95] is a commercial 
process in which chlorine is recycled and 
not part of the product. The products such 
as propylene oxide are key intermediates 
in many further chemical processes. 



(7) 


9 . 3.4 

Miscellaneous Methods and Applications 
Involving Electrogenerated Chlorine 

The photoelectrochemical production of 
chlorine at nanocrystalline titanium diox- 
ide thin film electrodes exposed to UV light 
has been reported [96]. In this process, the 
energy from photons substantially reduces 
the overpotential required for the chlorine 
evolution process and therefore less harsh 
conditions are required. Metal doping of 
the TiC >2 photoelectrocatalyst was explored 
but found to be not beneficial for this pro- 
cess. In future, this kind of process could 
be of practical value, in particular, for wa- 
ter treatment and disinfection applications 
requiring low levels of chlorine. 

Electrochemical processes in plasmas 
have recently attracted renewed attention 
[97]. Plasmas contain ionic species in a 



gaslike state and electrodes placed into 
the plasma zone allow electrochemical 
measurements. Janek and coworkers ex- 
plored the reactivity of silver electrodes 
in a chlorine rf plasma environment [98], 
Both potentiostatic and galvanostatic ex- 
periments have been conducted and the 
growth of AgCl at the electrode surface 
was monitored. The morphology of the 
film was dependent on the applied poten- 
tial and the experimental conditions and 
the transport of charges across the AgCl 
film was found to be rate limiting [99]. 

The use of chlorine in a fuel cell system 
for space power applications has been 
suggested [100]. The CI2/H2 system is 
based on a proton-exchange membrane 
fuel cell design and is shown to give 
superior power and energy density when 
compared to conventional systems. 

9 . 3.5 

Sensors for Chlorine and Chloride 

Sensing of chlorine is possible with a 
phthalocyanine-based optode that is elec- 
trochemically reset [101]. Also a direct elec- 
trochemical Clark-type sensor employing 
carbon electrodes has been investigated 
[102]. For this type of sensor, the various 
types of carbon gave different responses 
and the edge-plane sites of graphitic elec- 
trodes were identified as electrochemically 
active. Both chlorine reduction and chlo- 
rine evolution were studied and the effects 
of the trichloride anion, CI3 - , were high- 
lighted. 

Ion-selective sensors for chloride are 
commercially available [103], Both fun- 
damental and practical information con- 
cerning the theory, design, and operation 
of chloride-selective electrodes is available 
from a recent textbook [57]. Sensor mem- 
branes for potentiometric chloride detec- 
tion have been formed from Ag2 S (as ion 
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conductor) and AgCl. Heterogeneous sen- 
sor membranes have been formed from 
silver chloride and silicone rubber [104] 
and other types of membrane materials 
[105]. Chloride ion-selective electrodes suf- 
fer from interference, in particular, from 
bromide and iodide anions. 


Bromine (from the Greek “bromos” for 
“stench”) has found applications in flue 
gas desulfurization [106], in the design 
for a large-scale electrical power storage 
facility [107], in many flame retardants, 
for fire extinguishers, and in pharmaceu- 
ticals. Electrobromination processes have 
been employed directly and indirectly, 
and bromates are produced [108] and 
detected [109] electrochemically. Perbro- 
mates when compared to perchlorates and 
periodates are chemically very unstable. A 
summary of redox states, standard poten- 
tials in acidic aqueous media, and typical 
applications is shown in Scheme 3. 

Much fundamental information and 
data about the electrochemistry of bromine 
and the applications of bromine are 
available in earlier reviews [110] and data 
collections [13, 14]. 

9 . 4.2 

Electrochemical Generation of Bromine 

Bromine can be generated from bromide 
at many types of electrodes and in many 
solvent environments. Industrial scale 
bromine formation has been employed 
recently in a flue gas desulfurization 
reaction [111]. The process involves anodic 
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environment), and applications of bromine [13, 14]. 


formation of Br 2 at ruthenium oxide coated 
titanium electrodes (DSAs) and reaction of 
bromine with SO 2 in the solution phase 
(see Eq. 8 ). Hydrobromic acid is reformed 
and SO 2 is removed in the form of sulfuric 
acid. 

S0 2 + Br 2 + 2H 2 0 » H 2 SO 4 + 2HBr 

2HBr * H 2 + Br 2 ( 8 ) 

The type and reactivity of the products 
formed in the bromide oxidation process 
may differ. Vojinovic et al. [112] have 
investigated the formation of bromine 
in propylene carbonate. The tribromide 
anion, Br 3 _ , was identified as the main 
product and an unwanted reaction of 
the solvent with the active bromine was 
observed. 

In aqueous media, kinetic studies at var- 
ious types of platinum surfaces have been 


reported [113] and a strong effect of the sur- 
face on the rate of bromine formation was 
observed. A careful study of the process 
taking into account platinum oxide forma- 
tion and adsorbed intermediates has been 
reported by Conway et al. [114] Similari- 
ties in the mechanism when compared to 
the chlorine evolution reaction are pointed 
out. Further studies in aqueous media and 
at platinum electrodes appeared for the 
case of neutral [115] and for alkaline media 
[116]. The effect of a poly(para-phenylene) 
film on the surface of a platinum elec- 
trode on the bromine evolution process 
was studied. The study uses stationary and 
rotating electrodes and concludes that in 
sulfuric acid solution a catalytic process is 
observed [117]. 

Graphite and carbon electrodes are 
most commonly employed in industrial 
applications. Recent work on a large- 
scale redox battery systems based on 
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the Br“/Br 3 _ redox system [107] em- 
ployed carbon composites. The work was 
aimed at providing a buffer system for 
the output of power stations in order 
to provide power at peak time and to 
recharge during periods of low power de- 
mand. Prototype plants were built in the 
United Kingdom and in the United States 
[118]. Depending on the reaction condi- 
tions during bromine electrogeneration, 
some types of carbon can be prone to 
deterioration. The electrochemical inter- 
calation of bromine into graphite, which 
occurs under more extreme conditions, 
has been studied by Izumi et al. [119]. 
Loss of conductivity and widening of 
the carbon lattice spacing have been ob- 
served. 

The suitability of boron-doped diamond 
as anode material for the generation of 
aggressive reagents, such as bromine, has 
been investigated. Vinokur et al. reported 
that the electron transfer at boron-doped 
diamond electrodes is strongly affected by 
the nature of the electrode process. Inner- 
sphere processes such as the bromine 
evolution from bromide seem to be ki- 
netically slow, [73, 120] in particular, when 
occurring positive of a potential of approx- 
imately —0.05 V vs. SCE. This is currently 
limiting possible wider applications of 
boron-doped diamond electrode materials. 

9.4.3 

Electrobromination in Synthesis 

The electrobromination of organics with 
in situ generated bromine offers a clean 
and relatively nonhazardous way of pro- 
ducing bromo-substituted products. The 
bromination of hexane, cyclohexene, and 
styrene has been studied in a mixed 
aqueous/DMF electrolyte system [121], 
The mechanism for this process yielding 


geminal dibromides was investigated by 
computer simulation methods. 

A comparison of the chemical bromi- 
nation and the electrochemical bromi- 
nation of germacrene D and geran- 
iol has been reported [122]. In these 
multiolefinic systems, region selectivity 
is important and a better selectivity in 
the electrochemical bromination process 
is observed. Dimedon halogen deriva- 
tives have been obtained with in situ 
generated bromine [123]. Both 2-bromo- 
and 2,2-dibromodimedone are obtained 
in good yield and purity in a process 
conducted in an undivided cell. The 
regioselective electrobromination of ben- 
zofuran was reported by Tanaka et al. 
[124] The products 5-bromobenzofuran, 
5,7-dibromobenzofuran (obtained in acetic 
acid, H 2 O, NL^Br), and 2,3-dibromo-2,3- 
dihydrobenzofuran (obtained in CH 2 CI 2 , 
H 2 O, NaBr) were obtained depending on 
the choice of conditions, solvent, and 
electrolyte. 

The in situ formation of A-bromo- 
succinimide (NBS) has been reported and 
optimized by Krishnamoorthy et al. [83]. 
The process is operated at a platinum 
electrode and a reduced efficiency due 
to side reactions is observed. A maxi- 
mum yield of 55% is reported. The use 
of in situ generated NBS and bromine 
for the synthesis of nucleosides from 
silylated pyrimidines has been studied. 
Nokami et al. [125] suggest the use of 
only catalytic amounts of NBS or bromine 
and regeneration of the catalyst by an- 
odic electrolysis in an undivided cell 
system. 

Eosin is a dye that is obtained by reaction 
of fluorescein with bromine (Eq. 9). This 
reaction has been carried out in batch 
and flow reactors, and both eosin and 
erythrosine (the tetraiodine derivative) 
have been obtained. The mechanism and 
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benefits of the method are discussed [126]. 
In a related study, the effect of different 
reaction media, such as carbonate, acetate, 
or ammonia containing aqueous solutions, 
has been addressed [127]. Optimized 
conditions for the formation of eosin 
have been determined and a dimensionally 
stable ceramic electrode Ti/Ti 02 /Ru 02 
was employed. 

The reaction of unsaturated hydro- 
carbons with bromine is synthetically 
important. Unsaturated fatty acids have 
been electrobrominated in an acetic 
acid/acetonitrile medium and at plat- 
inum electrodes [128]. The mechanism 
and rate constant for the process with 
oleic, erucic, and linoleic acid were 
elucidated. The o'-bromination of a,/3- 
unsaturated ketones has been reported 
[129] on the basis of the electrolysis of 
a substrate/CF 3 COOH/CuBr/Et 4 NOTs/ 
MeCN reaction system. CuBr is present 
as a catalyst. 

The use of electrogenerated bromine for 
the analytical determination of pharma- 
ceuticals has been reported by Abdullin 


et al. [130] In this process, bromine gener- 
ated at the electrode surface is employed 
for the coulometric detection of aromatic 
amines such as anesthesine, novocaine, 
paracetamol, sulgin, or sulfadimezine. The 
mechanism and stoichiometry of the pro- 
cess is discussed. 

9 . 4.4 

Electrogenerated Bromine as Redox 
Mediator 

Electrogenerated bromine can also be 
used as a mediator in catalytic electrolysis 
processes. The regioselective formation of 
epoxides is of high synthetic value and has 
been reported [131] (Eq. 10) 

In a similar manner, bromine has 
been employed as an oxidant for glucose 
to calcium gluconate [132] and for the 
methoxylation of furan [133] (Eq. 11). 



( 11 ) 



MeCN/THF/NaBr 







9.4.5 

Electrobromination Processes in Room 
Temperature Ionic Liquids 

Ionic liquids attract considerable at- 
tention as a novel reaction environ- 
ment for electrochemical reactions and 
electrobromination processes in ionic liq- 
uids and are an interesting new area 
of research activity. Ionic liquids are 
nonvolatile and electrically conducting, 
thereby allowing products to be removed 
simply by pervaporation. There is no 
need for added electrolytes and new types 
of electrolysis cell coupled to high vac- 
uum systems can be developed. The 
oxidation of bromide at platinum elec- 
trodes immersed in room temperature 
ionic liquid l-butyl-3-methylimidazolium 
bis(trifluoromethylsulfonyl)imide has 
been studied by Compton and coworkers 
[134]. A two-step process has been detected 
with at lower potential formation of Br 3 _ , 
which is followed by the direct formation of 
Br 2 at higher potentials. The association of 
the cation l-butyl-3-methylimidazolium, 
BMIM + , with bromide is observed, which 
reduces the stability of Br 3 _ in ionic liq- 
uid media compared to acetonitrile. The 
electrobromination of cyclohexene in ionic 
liquid media has been shown to give 1,2- 
dibromocyclohexane in good yields [135]. 
A novel and nonhazardous ionic liq- 
uid reagent, pentylpyridinium tribromide, 
with the properties of bromine but very low 
vapor pressure has recently been proposed 
by Salazar and Dorta as a new chemical 
reagent for bromination reactions [136]. 
The benefits and mechanistic details for 
the addition of trihalides, for example, 
Br 3 _ , to unsaturated compounds in ionic 
liquid solvent systems have been reported 
[137]. 
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9.4.6 

Miscellaneous Methods and Applications 
Involving Electrogenerated Bromine 

The transfer of bromine across liquid- 
liquid and gas -liquid interfaces is of con- 
siderable interest, for example, for sensor 
systems or for fundamental insights in the 
effects of bromine in the environment. A 
new methodology for kinetic studies at a 
lipid layer has been reported by Zhang 
etal. [138]. A microelectrode immersed 
in the aqueous phase is placed in close 
distance to a lipid surface layer in con- 
tact with a gas phase. The oxidation of 
bromide at the electrode causes the for- 
mation of bromine, which in part escapes 
through the lipid layer into the gas phase 
(see Scheme 4). 

As the distance between electrode and 
interface is reduced, kinetic effects due 
to the lipid layer reducing the flux 
of bromine becomes measurable. Sev- 
eral types of lipids have been investi- 
gated and a barrier effect due to L-a- 
phosphatidylethanolamine distearoyl is re- 
ported. 

Bromine has been employed as a pow- 
erful etchant for semiconductors and 
for metals. Silicon etching in a fluo- 
ride/bromine environment occurs with 
a diffusion controlled rate both at (100) 
and at (111) surfaces and affects the 
photoluminescence of the semiconductor 
[139]. Chemical etching was also observed 
for p-type GaP immersed in methanolic 
bromine solution [140]. The dissolution of 
gold by reaction with bromine is affected 
by minerals present in contact with the 
gold. Depending on the type of mineral 
and the solution composition, significant 
changes in gold dissolution/leaching rate 
are reported [141]. 

Finally, bromine has found application 
in power storage and battery systems. A 
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regenerative fuel cell system based on 
polysulfide/bromine half-cells has been 
developed [107] and studied [107, 142], 
Much of this work is patent protected and 
not in the open literature. However, some 
studies have emerged, for example, on the 
effect of graphite electrode materials [143]. 
Another type of power storage system has 
been developed and studied on the basis 
of the zinc/bromine half-cells [144]. 

9.4.7 

Sensors for Bromine and Bromide 

The detection and monitoring of bromine 
is important in various fields of applica- 
tion. In industrial processes, bromine is 
employed, for example, for the desulfur- 
ization of flue gas and an on-line detector 
enables the process to be optimized. The 
presence of bromine in the atmosphere 
has been implicated in processes such as 
ozone depletion, [145] and devices for mon- 
itoring the release of bromine and bromine 
derivatives are desirable. Bromide moni- 
toring is of interest in industrial contexts, 
photographic developers, environmental, 
and in medical samples. 

Potentiometric devices for the detection 
of bromine can be based, for example, 


on liquid membranes or solid operating 
at room temperature. Niizeki et al. [146] 
demonstrated a sandwich device with a 
Ru0 2 sensor electrode, a PbBr 2 — KBr solid 
electrolyte and a Pb reference electrode. 
The open circuit EMF (electro motive 
force) of the cell measured at room temper- 
ature was reproducible and agreed closely 
with the value calculated from the Nernst 
equation in the concentration range of 
0.00075 to 25.7 vol% bromine in air. 
The 90% response time of the sensor 
was less than 1 min at concentrations 
higher than 0.1 vol% bromine. A sensor 
device for bromine based on a conduct- 
ing polymer was proposed by Przyluski 
et al. [147] 

The potentiometric determination of 
bromide anions with ion-selective elec- 
trodes is possible with commercial elec- 
trodes that are commonly based on 
solid Ag 2 S— AgBr ion conductor mem- 
branes [148-150]. Recently, a novel liq- 
uid film sensor has been proposed by 
Ganjali et al. [151] Determination of bro- 
mide was reliable without significant in- 
terference from common ions such as 
chloride and iodide, and was reported 
down to a micromolar level. The elec- 
troactive species in the liquid membrane 



was a bis(4-hydroxyphenyl) 1,4-diaza- 
l,3-butadiene-Hg(II) complex. A similar 
sensitivity was observed with a PVC- 
based membrane with 14-phenyldibenzo- 
xanthenium bromide as the membrane 
carrier [152]. A solid contact bromide sen- 
sitive device was investigated by Stefanova 
etal. [153] 

A spectroelectrochemical sensor has 
been developed for the bromide moni- 
toring in industrial brine samples [154]. 
The bromide is oxidized to bromine 
and a sensitive colorimetric reaction with 
chloramine-T is employed for detection 
with a fiber-optic device. 

Bromine has also been suggested for an 
indirect detection process for the determi- 
nation of tetracyclines in pharmaceutical 
formulations [155], A bromine/hydrogen 
peroxide-based electrogenerated chemilu- 
minescence reaction is shown to be en- 
hanced by tetracycline derivatives and 
detection levels down to the pg dm -3 level 
are reported on the basis of this enhance- 
ment effect. 

The determination of ammonium, ar- 
senic, thiosulfate, allyl alcohol, and iodide 
has been achieved with a bromine re- 
dox mediator. Tomcik et al. [156] employ 
interdigitated microelectrodes at which 
bromine is generated at one set of elec- 
trodes and collected at a second set of 
electrodes. The reaction of the bromine 
with the analytes allows quantitative deter- 
mination down to a micromolar level. 


9.5 

The Electrochemistry of Iodine 

9 . 5.1 

Introduction 

Iodine (from the Greek “ioeides” for 
“colored violet”) has the ability to exist 
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in many redox states and forms. Iodine is 
a solid with a melting point of 113.6 °C and 
perhaps surprisingly the resulting brown 
liquid shows electrical conductivity due 
to the formation of l 3 + 13 “ ion pairs 
[157]. Then, in the gas phase, violet iodine 
readily forms charge transfer complexes 
and therefore often exhibits a brown color 
in donor solvents such as water, pyridine, 
or ethanol. 

Collections of fundamental and thermo- 
dynamic data can be found in an earlier 
review [158] and in standard resources 
[13, 14]. However, due to the reactivity 
of iodine there are many less common or 
more reactive forms of iodine that have 
been less well characterized. For example, 
a blue l 2 + cation, a brown l 3 + , or a green 
Is -1- cation are formed in concentrated sul- 
furic acid and I + is stabilized in donor 
environments such as pyridine [159]. So- 
called “hypervalent” iodine reagents have 
been developed as a versatile oxidation 
tool in organic synthesis and often io- 
dine derivatives are employed as electron 
transfer catalysts. Some fundamental ther- 
modynamic data and typical applications 
of iodine are summarized in Scheme 5. 


Iodine is formed anodically from iodide 
and at a relatively mild potential that is 
accessible at common electrode materials. 
Most studies of iodine electrogeneration 
are aimed at analytical or electrosynthetic 
applications of iodine, but there are also 
some specific uses such as the I 3 - /I~ 
redox system in dye sensitized solar cells. 

At ambient temperature, the electro- 
chemical formation of iodine from iodide 
causes the formation of a solid product 
at the electrode surface. The formation of 


9 . 5.2 

Electrochemical Studies of Iodine 
Generation 
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Scheme 5 Redox states, reversible standard potentials (in acidic aqueous environment), and 
typical applications of iodine [13, 14], 


iodine at gold macro- and microelectrodes 
was studied by Zhang etal. [160]. Quartz 
crystal microbalance measurements are 
reported and the process at the micro- 
electrode was optimized for analytical 
detection purposes down to micromolar 
iodide concentrations. 

The mechanism of the iodide forma- 
tion at platinum immersed in aqueous 
electrode was recently studied by laser- 
activated voltammetry in a channel flow 
cell system [161]. In this technique, solid 
deposits of iodine are removed from the 
electrode continuously by short nanosec- 
ond high-power laser pulses. By removing 
deposits on electrode surfaces within a 
channel flow cell, the voltammetric mea- 
surements becomes time independent and 
data can be analyzed and modeled quan- 
titatively. Laser activation using a 10-Hz 
pulsed Nd:YAG 532-nm laser was shown 
to remove bulk iodine from the electrode 
surface so that under sustained pulsed 


irradiation a steady state surface evolved. 
The iodide oxidation was reproducibly 
studied. When the concentration and flow 
rate dependence of the voltammetric wave 
shape were modeled, the mechanism was 
shown to be the following (Eq. 12). 


21“ (aq) — 2e~ - 

— » l 2 (aq) 

(12a) 

I 2 (aq) + I - (aq) - 

— » l3 _ (aq) 

(12b) 

QCaq) - 

— » I 2 (s) 

(12c) 

I-(aq) + I 2 (s) - 

— » l3 _ (aq) 

(12d) 


For these processes, the formal redox po- 
tential for reaction in Eq.l2(a) was 0.358 V 
vs. SCE in 0.1 M H 2 SO 4 , the equilibrium 
constant for reaction in Eq. 12(b) has been 
reported as 580 M -1 . The forward rate 
constant for the reaction in Eq. 12(b) was 
1 x 10 5 mol -1 cm 3 s _1 , the solubility of 
I 2 (Eq. 12(c)) was 1.85 x 10 -3 M, and the 
heterogeneous rate constant for the reac- 
tion in Eq. 12(d) was 1.6 x 10 -3 cm s _1 . 
Images for the iodine deposit on platinum 
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Scheme 6 Electrode assembly with a droplet of nitrobenzene containing 
dissolved iodine attached to a graphite electrode. The electrode is immersed 
in an aqueous electrolyte solution containing chloride ions [1 62], 


were obtained by in situ atomic force mi- 
croscopy. 

The reactivity of iodine has been inves- 
tigated at liquid-liquid-electrode triple- 
phase boundary systems. Scholz et al. [162] 
demonstrated that the reduction of iodine 
dissolved in a nitrobenzene microdroplet 
triggered the transfer of cations from the 
aqueous into the organic solution phase 
(Scheme 6). In addition, the formation of 
I 2 Cl interhalogen anions in the organic 
phase was discovered and shown to be the 
key to the overall process. 

The redox process within the organic so- 
lution droplet was reported to be coupled to 
the transfer of cations between organic and 
aqueous phase, and the reversible potential 
for the transfer has been correlated with 
the known Gibbs energies for transfer. The 
iodine-based measurement at the triple- 
phase boundary can be employed as a 
method to determine the Gibbs energy for 
transfer of cations. A similar scheme em- 
ploying iodine and bromine-interhalogen 
anions was developed also for the transfer 
of anions [163]. 


9.5.3 

Electroiodination and Electrogenerated 
Iodine as a Redox Mediator in 
Electrosynthesis 

Iodine is reactive toward unsaturated 
aliphatic hydrocarbons and the “iodine 
number” is a well-known measure for 
the degree of unsaturation of fatty acids 
[164]. The electroiodination of unsatu- 
rated and aromatic hydrocarbons also is 
well known and can be achieved, for ex- 
ample, by electrogeneration of “I+” in 
acetonitrile [165] (Eq. 13). The reaction 
has been proposed to be consistent with 
a conventional homogeneous electrophilic 
aromatic substitution. 


/CH 3 



( 13 ) 
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The efficient formation of diaryliodo- 
nium salts during the electrolysis of arylio- 
dides has been reported by Peacock and 
Pletcher [166]. The electroiodination of 
a 3D-aromatic molecule, dodecahydro-7,8- 
dicarba-nido-undecaborate has also been 
reported [167]. The iodination (and bromi- 
nation) of dimedone has been reported 
to yield 2-iododimedone, which formally 
is an electrophilic substitution reaction 
[123]. In a similar process, the indirect 
electrochemical oxidation of aliphatic ke- 
tones in an alkaline Nal/NaOH solution 
environment has been shown to yield a,a- 
diiodoketones, which rapidly rearrange to 
give unsaturated conjugated esters [168]. 
Dibenzoylmethane has been converted 
into dibenzoyliodomethane [169]. Termi- 
nal acetylenes have been iodinated in the 
presence of Nal. However, this process 
was proposed to proceed via oxidation of 
the acetylene [170]. 

Iodine may be employed as a mediator 
to achieve a-hydroxylation of carbonyl 
compounds. In basic methanolic solution 
containing iodide, oxidation was reported 
to lead to a-iodo ketones, which further 
reacted to give a-hydroxy ketals [171]. The 
electrolysis of alkylidenemalonates in the 
presence of iodide as a mediator has been 
shown to yield cyclopropane derivatives 
[172]. 

The electrochemical transformation of 
2-methoxy- and 2-methylphenols to give 
orthoquinoid cyclohexadienone synthons 
with the aid of iodanes has been 
reported [173]. Iodanes (or “hyperva- 
lent” iodine [174, 175]) are a large 
family of reagents [176, 177] and of- 
ten beneficial as clean and recyclable 
reagents [178]. The two most often uti- 
lized reagents are 2-Iodoxybenzoic (IBX) 
acid and l,l,l-triacetoxy-l,l-dihydro-l,2- 
benziodoxol-3(lH)-one (Dess-Martin pe- 
riodinane, DMP) (see Scheme 7). These 


reagents are mild and selective and are 
useful for a wide range of processes. 

Finally, the electroiodofluorination of 
alkynes and alkenes has been reported 
[179]. The process occurs with high 
regioselectivity and is based on the anodic 
formation of an iodonium ion in the 
presence of iodide and fluoride. 

9.5.4 

Miscellaneous Methods and Applications 
Involving Iodine Redox Systems 

In dye sensitized solar cells (or “Gratzel 
cells” [180, 181]), a redox mediator is re- 
quired to allow charges to be transported 
from the mesoporous and light sensitive 
TiC>2 film to the cathode. Although other 
systems have been studied, the equilib- 
rium potential, mobility, and stability of 
the I3 /I system are most suitable for 
this application and most cells developed 
to date employ the iodine redox system in 
an organic solvent environment. 

Iodine-based power storage devices have 
been developed by exploiting the ability of 
iodine to form charge transfer complexes 
[182]. Benzidine-iodine charge transfer 
complexes in polymer membranes are 
investigated and the electrode reaction 
is established. Much more fundamental 
studies of the formation and electro- 
chemical reactivity of phenazine- iodine 
charge transfer complexes have been re- 
ported by Galus and coworkers [183]. 
Different types of electrochemical exper- 
iments and the Gibbs free energy of the 
phenazine -iodine complex are reported. 
In pellets formed with graphite powder, 
surprisingly fast mass transport was ob- 
served under applied potential conditions. 
Experiments as a function of thickness of 
the graphite /phenazine- iodine layer indi- 
cate that the electrochemical process oc- 
curs throughout the film. Charge transfer 
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Scheme 7 lodanes and their 
application in oxidation 
processes. 





O 




complexes formed from phenothiazines 
and iodine have been studied by cyclic 
voltammetry [184]. 

Similar to chlorine and bromine, iodine 
may be employed as a reagent for etching 
semiconductor surfaces. The kinetic study 
of the etching of InP in iodine solutions 
has been reported by Vermeir et al. 
[185]. Single crystal surfaces in contact 
with iodine solution were studied and a 
particularly slow rate of etching at (111) 
surfaces was observed. An interaction 
of electrochemical and iodine etching 
processes was suggested. 


9.5.5 

Application of Iodine as a Redox Mediator 
in Electroanalysis 

Iodine has the ability to catalyze many re- 
dox processes that are otherwise kinetically 
extremely slow. The detection and deter- 
mination of As(III) in the form of arsenite 
is an important problem in the con- 
text of drinking water supply. The direct 
electrochemical As(III)/As(V) oxidation at 
various types of electrodes is not possible. 
However, in the presence of electrogen- 
erated iodine, the As(III)/As(V) oxidation 
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can be observed [186], The mechanism and 
kinetics of this process have been studied 
and the resulting process allows the sen- 
sitive determination of As(III) in aqueous 
samples. 

The oxidation of sulfite and thiosul- 
fate becomes facile in the presence of 
iodide and novel disposable microband 
sensor electrodes have been developed by 
Williams and coworkers [187] to allow fast 
amperometric determination. A similar 
approach was proposed for the determina- 
tion of sulfite in wine [188], In this method, 
a coulometric titration is carried out in 
which S (IV) is indirectly oxidized to S(VI). 
Speciation of SO 2 and sulfite was achieved 
down to micromolar levels. Sulfide and 
hydrogen sulfide can be determined elec- 
trochemically in the presence of an iodide 
mediator [189]. This process may be fur- 
ther enhanced at elevated temperatures. 

Drugs such as 2-thiobarbituric acid are 
oxidized in the presence of iodide me- 
diators. In aqueous media, an electroio- 
dination process occurs and the resulting 
voltammetric signal allows quantitative de- 
termination [190], A similar methodology 
with a limit of detection at ca. 40 pM 
level has been developed for barbiturates 
[191]. Also, catechin as a model system for 
polyphenols was studied in the presence 
of an iodide redox mediator [192]. 

Similar to iodide, periodates IO 4 - are 
also very useful redox mediator systems in 
the presence of aliphatic alcohols and car- 
bohydrates. For example, the C— C bond 


fission process resulting from the oxi- 
dation of vicinal dihydroxy compounds 
is of considerable interest in both elec- 
trosynthesis [193] and in electroanalysis 
(Eq. 14). 

Torimura et al. [194] developed an an- 
alytical approach capable of determining 
subnanomolar amounts of carbohydrates 
based on the indirect detection of iodate, 
103 “ , at a glassy carbon electrode. The 
method was applied as a postcolumn de- 
tection system for HPLC separation. 

9.5.6 

Sensors for Iodine and Iodide 

The gas phase detection of iodine vapor 
with an electrochemical probe has been 
investigated [195], The Ag|AgI|Au electro- 
chemical cell was observed to be sensitive 
to interference from both oxygen and hu- 
midity. A sensor based on a Ag|Ag(Cs)I| 
graphite electrode system has been re- 
ported by Sola et al. [196]. Temperature 
effects were studied and the effect of Csl 
doping of the Agl explored to widen the 
working temperature range. 

Iodine and iodine derivatives are ubiqui- 
tous in nature and a report describing the 
determination of iodine in environmental 
and biological samples has been published 
[197]. Electrochemical techniques are im- 
portant, in particular, for inorganic iodine 
species in aqueous media. The direct de- 
tection of iodine by differential pulse and 
stripping voltammetry has been reported 



by Tian et al. [198]. Submicromolar detec- 
tion limits for determinations in aqueous 
media and at platinum electrodes were 
observed. The biamperometric determi- 
nation of iodide and iodate has been 
described by Bozina et al. [199] and the 
working potential range and pH were 
optimized. The flow-injection analysis of 
iodate in table salt by electrochemical de- 
tection at glassy carbon electrodes was 
developed by Jakmunee et al. [200]. Finally, 
the effect of a layer of lecithin on the elec- 
trochemical behavior of iodine at a glassy 
carbon electrode was studied by Karabaliev 
et al. [201], In this work, a thin monolayer- 
type film of the lipid was formed at the 
electrode | solution interface and the behav- 
ior of the lipid membrane as a function of 
potential and type of redo system was ex- 
plored. Strong time-dependent relaxation 
effects due to membrane reorganization 
processes were observed. 

The determination of iodide with ion- 
selective electrodes is possible with com- 
mercial sensors often based on ion con- 
ducting Ag 2 S— Agl solid membranes [57]. 
A PVC membrane-based sensor employ- 
ing a silver complex with thiourea deriva- 
tives has been reported by El Aamrani et al. 
[202]. Interference from thiocyanate and 
bromide was investigated and a limit of de- 
tection in the nanomolar range was deter- 
mined. A study assessing the performance 


Scheme 8 Redox states, 
reversible standard potentials 
(in acidic aqueous 
environment), and applications 
of astatine [14], 
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of different types of solid ion conducting 
membranes in flow-injection analysis has 
been published [203]. A new ion-selective 
electrode for triiodide, I 3 - , has been inves- 
tigated by Suzuki et al. [204] A PVC-based 
membrane with a Mn(II) tetraphenylpor- 
phyrin complex incorporated was em- 
ployed. The electrode was observed to 
be highly specific and sensitive, down 
into a micromolar concentration range. 
Finally, a review of the surface study of 
ion-selective electrodes for iodide deter- 
mination by Cattrall and Demarco has 
appeared [205] with detailed information 
about the surface structure, sensitivity, 
and morphology - response time correla- 
tion for a range of ion-selective electrode 
systems. 


Astatine (from the Greek “astatos” un- 
stable) is highly unstable and radioactive. 
It was synthesized in 1940 by D. R. Cor- 
son, K. R. Mackenzie, and E. Segre at the 
University of California by bombarding 
bismuth with a-particles. The resulting 
209-211 At isotopes are relatively long-lived 


0.2 

At 2 (aq) J 



9.6 

The Electrochemistry of Astatine 

9.6.1 

Introduction 
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and can be distilled from the target by heat- 
ing in air. Astatine occurs naturally as a 
fission product in uranium decay. The total 
amount of astatine present in the earth’s 
crust is less than 50 g. 

Astatine has properties very similar to 
those of iodine, but has a more metal- 
lic character. The oxidation of astatide 
to astatine occurs at a potential ca. 0.4 V 
less positive compared to that for the 
oxidation of iodine. Fundamental infor- 
mation about the redox chemistry of 
astatine is available in an earlier review 
[158] and standard data collections [14]. A 
summary of the approximate standard po- 
tentials and known redox states is given in 
Scheme 8. 

9.6.2 

Electrochemical Studies 

Only limited information about the elec- 
trochemical properties of astatine is avail- 
able. The formation of a singly positively 
charged cation, At + , in aqueous and other 
solvent environments has been observed. 
A study in a nitric acid environment inves- 
tigated the adsorption into ion exchange 
materials of this cation [206], In a similar 
study in aqueous perchloric acid, the mo- 
bility of At + was found to change with pH 
and the presence of a strongly water bound 
species, At(H20)2 + , with a pAb\ of ca. 1.5 
was proposed [207]. 
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10.1 

Introduction 

In the periodic table of the elements, the 
position of silicon is in the fourth column, 
which, for the light elements , is the frontier 
between metals and nonmetals. While the 
characteristics of a metal are well defined 
by their electronic structure, atoms of this 
group possess four valence electrons and 
form an infinitely spreading network of 
the diamond type with covalent tetrahedral 
bonding. In this group, silicon (like 
germanium) is a typical semiconductor. 
In this material, the energy levels of 
electrons are divided into a lower almost 
filled valence band and an upper unfilled 
conductance band separated by a not too 
large energy gap. For silicon at 300 K, 
the width of the band gap Ec~Ey is 
1.12 eV. The average energy level of 
electrons corresponding to the equilibrium 
distribution is called the Fermi level, which, 
in contrast with metals, is situated within 
the band gap. 

The applications of silicon in the elec- 
tronics industry are so important that 
the major part of this report will be 
devoted to the electrochemistry of the 
elemental silicon crystals used as semi- 
conductors. In fact, the extremely efficient 
surface treatment of Si wafers needed 
for the construction of ultra large-scale 


integration (ULSI) circuits is based on 
the “wet process” originally developed by 
Kern and Puotinen at RCA company. This 
most widespread technology employs oxi- 
dizing reactants in alkaline as well as acidic 
aqueous solutions, the mechanism of the 
reactions being strictly electrochemical. 
Moreover, electrochemical corrosion and 
etching occur in HF solutions, which are 
often used in processing. In addition, an- 
odic oxide growth was proposed to build up 
insulating layers on silicon. The formation 
of porous silicon layers was also inves- 
tigated for its luminescence properties. 
Finally, electrochemical reactions are often 
involved for the solar energy conversion 
in the semiconductor liquid- junction solar 
cells (SLJSC). In the fundamental stud- 
ies undertaken for the interpretation of all 
these processes, it is important to recall 
that the electrochemical charge transfer at 
the interface must account for the space 
charge distribution within the semicon- 
ductor, and its dependence on the applied 
potential. Moreover, when the purpose is 
to identify the specific properties of n- or 
p-type semiconductors, it is necessary to 
carry the experiments in a light sheltered 
device. 

The electrical conductance of semi- 
conductors is derived from the mobility 
of charge carriers, holes h + in the va- 
lence band and free electrons e“ in the 
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conductance band. According to the Fermi 
energy distribution function, the number 
of negative n and positive p charge carri- 
ers at thermal equilibrium is given by the 
relation analogous to the mass action law: 

Eq — Ey 

n p = N c Ny exp — — , (1) 

kl 

Thus, for high purity silicon at room 
temperature, the intrinsic carrier density, 
for h + and e _ , is equal to 1.45 10 10 cm -3 . 
But, in all practical uses, the electronic 
properties of the silicon substrate are 
changed by doping agents. Doping by elec- 
tron donors such as phosphorus (5 external 
electrons) results in the substitution of P 
atoms in place of Si and generates excess 
electrons in the conduction band. Alter- 
natively, doping by boron (only 3 external 
electrons) generates free positive holes in 
the valence band. These transformations 
lead easily to higher charge carrier density, 
generally 10 15 to 10 18 cm -3 , and thus form 
n-type or p-type semiconductors in which 
the concentration of the opposite sign car- 
riers is negligible. When the doping level is 
more than 10 18 cm -3 , a qualitative change 
of the semiconductor properties occurs 
leading to a degeneracy effect, which in- 
duces a metallic character. The material 
is called degenerated semiconductor, and the 
electronic properties are similar to those 
of a metal. 

10 . 1.1 

Thermodynamics of Silicon Compounds 

Usually, the thermodynamic properties 
involved in the electrochemical reactions 
of Si element are presented in the Pourbaix 
diagram showing the lines where one 
species is transformed into another as a 
function of the potential and pH values. 
In the case of Si, this presentation 
is not necessary. In fact, the standard 


potential of Si in aqueous solutions is 
extremely negative, so that a bare sample 
of Si cannot be in equilibrium with any 
aqueous solution. Theoretical calculations 
mention the transient formation of SiH 4 , 
but this hydride is not stable in the 
presence of water and leads to the 
generation of Si0 2 . Thus, in the absence of 
complexing reactants, the electrochemical 
process gives rise to a silicon oxide 
layer following the overall reaction written 
as: 

Si + 2H 2 0 =4 Si0 2 + 4H+ + 4e“, 

E* = -0.840 - 0.059 pH, V vs. SHE 

(2) 

The value of this standard potential is 
slightly modified depending on the solid 
oxide structure and reaches —0.857 V for 
the quartz structure. In most acidic or 
neutral solutions, this silicon oxide forms 
a protecting layer. However, when the 
solution pH is increased, the oxide will 
give rise to various sparingly soluble com- 
pounds due to the following dissociation 
reactions: 

Si0 2 + H 2 CH y SiC>3H 2 •< y HSi0 3 

+ H+ 4=^ Si0 3 2 “ + 2H+ (3) 

The acidity constants AT and AT of the 
silicic acid are equal to 10 -10 and 10“ 12 
respectively. As a result, in the pH range 
near 10, the reaction (2) could be written 
as: 

Si + 3H 2 0 4=y HSi0 3 “ + 5H+ + 4e“ 

(4) 

Nevertheless, the calculated standard 
potential given in Eq. (2) remains valid 
with a good precision. When pH value is 
higher than 12, the solubility of silicate ion 
grows rapidly and then corrosion process 
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occurs with hydrogen gas evolution: 

Si + 20H - + H 2 0 => Si0 3 2- + 2H 2 

(5) 

When the solution contains HF or fluoride 
species, the oxide layer is rapidly dissolved, 
and the electrochemical reaction yields 
soluble complex ions, so that the surface is 
no longer protected against the corrosion 
process. 

Si + 6F“ =» [SiF 6 f- + 4e“ 

E^= —1.2 V vs. SHE (6) 

Again, the standard potential is negative 
enough to induce the mechanism of 
electrochemical corrosion. We just have 
to point out that the kinetics of corrosion 
is very sensitive to the surface structure of 
the material and the presence of defects or 
impurities. 

Finally, it is worth recalling that the Si 
element reacts with molecular 0 2 to form 
Si0 2 following an exoenergetic reaction 
(AG = —798 kj mol -1 ). The main conclu- 
sion of these thermodynamic properties 
is that, in most applications, the Si sub- 
strate is always covered with a native oxide 
protecting layer. 

10 . 1.2 

Electrochemical Reactions of Si 
Compounds Dissolved in the Electrolyte 

All the stable Si species in solutions 
are under the tetravalent oxidation state. 
No studies of electron transfer between 
soluble Si compounds can be found in 
the literature. Several investigations were 
devoted to the electrochemical deposition 
of elemental silicon from solute species. 

By analogy with the Hall-Heroult pro- 
cess for electrowinning of aluminum, 
first attempts used molten salt electrolytes 
at high temperature [1], Silicon oxide 


dissolved in cryolite has been extensively 
investigated, and the method was able 
to yield 99.9 to 99.99% pure silicon. A 
graphite anode was used, and the gases 
generated by the electrochemical reaction 
were mixtures of CO and C0 2 . A pilot 
plant working at 1000 °C was built in 1960 
and was operated until 1966 with depo- 
sition currents up to 3000 A. The major 
inconvenience with this process is that the 
silicon is produced as small solid crys- 
tals that include particles of electrolyte. In 
trials to produce silicon above its melt- 
ing point, the eutectic BaO/Si0 2 system 
was used at 1450 °C with the addition 
of BaF 2 to lower the melt viscosity. The 
purity of Si produced from the barium sil- 
icate melts was about 99.98%, close to the 
quality required to produce 10% efficiency 
solar cells. Other techniques using silicon 
fluoride in molten alkali fluorides were 
proposed for electrowinning or electrore- 
fining, and showed that the production of 
99.99% pure silicon could be achieved by 
pulsed electrolysis. 

Finally, the deposition of amorphous 
silicon (a-Si), interesting both for solar 
cells and hard protective coatings, can 
be achieved at temperatures close to am- 
bient using anhydrous aprotic organic 
solvents. Several electrolyte compositions 
were used; for example, silicon chlorides 
or fluorides in tetrahydrofurane /toluene, 
(alternatively formamide/ ethylene glycol); 
mixed solvents were efficient for the for- 
mation of thick chemically stable coatings 
on metals, and also dendrites, sponge, and 
powder to produce 99.99% pure silicon 
ingots after melting. 

A large number of studies were under- 
taken mainly in the periodl960-1990 aim- 
ing at the production of solar grade silicon 
(SGSi) with a purity substantially higher 
than that of the metallurgical grade silicon 
(MGSi). Until now, all these experiments 
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have been done on a small laboratory scale. 
It is worth recalling that, for the extreme 
purity required in microelectronics, the 
starting source of silicon is first trans- 
formed into a volatile component such as 
a chlorosilane, SiCU, SiHCh, or SiFUCh, 
which can be purified by fractional distil- 
lation until the level of most impurities 
is below 1 ppba (part per billion atoms). 
The elemental granulated Si, generated by 
chemical vapor decomposition, is used to 
grow single crystals, which are necessary 
for highly integrated devices. Usually, the 
single crystal is obtained by the Czochral- 
ski (CZ) method, which consists of slowly 
pulling a small initial crystal of the proper 
orientation from a melt contained in a 
crucible rotating at a suitable rate [2]. 


10.2 

The Silicon Electrodes 

Electrochemical properties of silicon sin- 
gle crystals, usually cuts of semiconductor 
wafers, have to be considered under two 
distinct respects: (1) As an electrode, sili- 
con is a source of charge carriers, electrons 
or positive holes, involved in electrochem- 
ical reactions, and whose surface concen- 
tration is a determining parameter for the 
rate of charge transfer. (2) As a chemical 
element, silicon material is also involved in 
redox transformations such as electroless 
deposition, oxide generation, and anodic 
etching, or corrosion processes. 

The experimental practice for the study 
of current/potential characteristics re- 
quires the formation of an ohmic contact 
on the back of the electrode. The simplest 
technique consists in the application of 
a very thin layer of Ga— In eutectic liq- 
uid alloy, which wets the surface easily. 
But in the most rigorous method used in 
production lines, a highly doped 750-nm 


layer is generated by implantation, and 
then an Al— Cu film 1.5 pm thick, de- 
posited by evaporation, is alloyed to the 
substrate by annealing at 450 °C in a 
N 2 H 2 reducing atmosphere. Currently, 
the electrodes are pieces cut in Si wafers, 
CZ grown, and oriented (100) or (111), 
moderately doped 10 15 to 10 17 at cm -3 hav- 
ing a resistivity from 15 to 0.1 cm. The 
samples, mirror polished by the producer 
with a profile RMS (root mean square) 
value near 0.15-0.20 nm, are preferably 
cleaned following the RCA technique, 
which consists of two important steps. 
First, the surface is treated by a mixture 
of hydrogen peroxide with aqueous am- 
monia solution called SCI (standard clean 
#1), which is an efficient oxidizing reagent. 
It transforms most of the organic impuri- 
ties into soluble compounds, and induces 
an etching of a few surface atomic layers 
giving rise to a uniform oxide film com- 
pletely free of particles. In the second step, 
a dilute HF solution (DHF) is used to dis- 
solve this oxide layer and leads to a rather 
stable surface structure made of terminal 
Si— H bonds. 

The behavior of silicon electrodes has 
been investigated using a wide range of 
electrochemical techniques, such as the 
following specific examples: 

1. Steady state or dynamic potential and 
current relationship 

2. Current or potential versus time to pro- 
vide information on transient species 

3. Capacitance-potential relationship to 
reveal the position of semiconductor 
bands 

4. Impedance-frequency spectroscopy to 
yield the electronic components equiv- 
alent circuits 

5. Same measurements under illumina- 
tion to emphasize the effect of the 
generated minority carriers. 
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In addition to the electrochemical tech- 
niques, many surface analytical techniques 
are constantly in use, such as ellipsome- 
try for the surface thin oxide thickness, 
multiple reflection infrared spectroscopy 
(MIR), and X-ray photoelectron spec- 
troscopy (XPS) for surface layer compo- 
sition, total reflection X-ray fluorescence 
spectroscopy (TXRFS) for the metal sur- 
face contaminants, and naturally atomic 
force microscopy (AFM) for the surface 
roughness profile. 

10 . 2.1 

Prominent Role of the Space Charge Layer 

The main difference between metals and 
semiconductors is that the density of 
carriers at the electrode/solution interface 
is a prevailing factor in the kinetics 
of electrochemical processes. When the 
electrode is in contact with a redox 
couple in the solution, the equilibrium 
condition requires the Fermi levels of the 
semiconductor and solution to be equal [3]. 
Fermi energy levels in semiconductors are 
defined relative to the energy of an electron 
in vacuum, while the potentials in solution 
are referred to the standard hydrogen 
electrode. The two scales are related by 
the theoretical value for the Fermi level 
of the platinum in the SHE, which is 
—4.5 eV vs. vacuum. Then superimposing 
both scales leads to predicting whether 
electrons or holes are involved in the 
exchange current. In this scale, the binding 
energy of electrons in oxidizing species is 
very strong so that their potential energy 
level is deep near the valence band of 
silicon. Then the exchange of charge 
between the electrode and the solution 
proceeds through holes. For example, 
following Gerischer [4], various oxidizing 
species such as IrClg 2- or Br 2 will inject 
h + holes in the valence band as the 


Br 2 2Br“ + 2h+ (7) 

Respectively, electrons in reducing re- 
actants are weakly bound; thus, redox 
couples with a negative standard poten- 
tial vs. SHE are positioned in the upper 
part of the diagram, that is, in the vicin- 
ity of the conduction band level in the 
semiconductor electrode. 

Doping a p-type semiconductor gener- 
ates fixed acceptor sites with a density N A , 
and an equal number of mobile carriers 
with an opposite charge h + , whose dis- 
tribution is controlled by the local value 
of the potential d>(;t), following the Boltz- 
mann function so that the mobile charge 
distribution is given by: 

P( h + ) = eN A ex p- (j^j (8) 

In turn this distribution contributes to 
the local potential, so that the potential 
profile is controlled by the Poisson equa- 
tion: 

A0= O( i “ exp “(^)) m 

where e and s o are the permittivity of the 
substrate and of the vacuum respectively. 

The basic theory of the kinetics of charge- 
transfer reactions is that the electron 
transfer is most probable when the 
energy levels of the initial and final 
states of the system coincide [5] following 
the Franck-Condon principle. Thus, the 
efficiency of the redox reaction processes is 
primarily controlled by the energy overlap 
between the quantum states in the energy 
bands of the semiconductor and the donor 
and acceptor levels of the reactants in 
the electrolyte (Fig. 1). In the ideal case, 
the anodic current density is given by the 
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^vacuum 



formal equation: 

t=zF I k(E)Ny(E)D Red (E)dE 

-zF f k(E)N 0 (E)D 0x (E)dE 

( 10 ) 

where Afy and No are the densities 
of vacant and occupied states in the 
semiconductor, /?R e d and Dq x are the 
densities of donor and acceptor sites in 
the electrolyte, and k(E) is the transition 
coefficient, which strongly depends on the 
interaction of reacting molecules with the 
surface. 

Often, the overlap between the electronic 
states of the semiconductor and the levels 
in the electrolyte is unfavorable. However, 
the electrochemical reaction can proceed 
via additional surface states, always exist- 
ing at surface defects on the electrode. 

An externally applied potential controls 
the Fermi level of the semiconductor with 
respect to the reference electrode in the 
solution. Changes of the potential affect 
the potential drop across the semiconduc- 
tor/electrolyte interface. In most situations 
of electrochemical reactions, the poten- 
tial drop in the solution Helmholtz layer 
can be neglected, and thus a gradient of 
potential is generated in the “space charge 


Fig. 1 Illustration of the 
electron transfer as anodic and 
cathodic current via the 
conduction and valence band 
(after Zhang [6]). 


layers” within the Si substrate. This con- 
dition results in the bending of energy 
levels of both the conduction and valence 
bands, and a change of the charge dis- 
tribution following Eq. (8). An important 
consequence is that, in the case of n-Si 
substrate polarized at positive potentials, 
bending the energy levels upwards gener- 
ates a depletion layer of electrons, which 
are the mobile charge carriers. A sym- 
metrical situation creates a hole depletion 
layer in p-Si samples. A reverse bias poten- 
tial condition contributes to building up a 
charge accumulation layer. These proper- 
ties can be used to predict the path of the 
charge-transfer reactions. 

10 . 2.2 

The Flat Band Potential of Silicon 

The frontier between the depletion and 
the accumulation situations of the space 
charge layer is defined by the flat band 
potential. In fact, when the potential is 
constant all along the thickness of the elec- 
trode, the mobile charge (and naturally the 
fixed charge) distribution is uniform. In 
the case of the interface of Si electrode 
with an electrolyte, the corresponding bias 
potential has to be determined with re- 
spect to the reference electrode. The value 
of the flat band potential Vfb is expected 


to depend on several factors such as, n- 
or p-type Si, doping agent concentration, 
nature of the solvent, and components of 
solute species. 

The general method for the determina- 
tion of the flat band potential is based on 
the Mott-Schottky linear plot based on ca- 
pacitance/voltage relation. Starting from 
Eq. (9) the space charge distribution was 
calculated, and its potential dependence 
lead to the derivation of a model equivalent 
to a capacitance, given by: 


1/2 


Csc = 


eee 0 N A 


2 



V S 



(ID 


Where Vs is the potential value at the 
surface of the electrode. Then plotting 
the value of 1/Csc 2 versus the applied 
potential E should yield a straight line 
whose intercept with the E axis represents 
the flat band potential, and the slope is 
used for the calculation of N, the charge 
carrier density in the semiconductor. A 
typical example of Mott-Schottky plot is 
given in Fig. 2 [7]; in this graph, the 
extrapolated values of the fb potential are 
+0.8 V and —0.6 V vs. SCE for p-Si and 
n-Si respectively. 

On the other hand, a considerable 
amount of experimental flat band potential 
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Tab. 1 Flat band potentials of silicon materials 
determined in the dark in various solutions 


Sample 

Electrolyte 

Vft, vs. SCE 

p-type 

(100) 10 £2 cm 

0.1% HF 

+0.16 

(100) 8 £2 cm 

1% HF 

+1.76 

(100) 0.5 £2 cm 

5% HF 

+1.3 

n-type 

(100) 3 £2 cm 

1% HF 

-0.46 

(100) 0.1 £2 cm 

1% HF 

-0.57 

(100) 0.01 £2 cm 

5% HF 

-0.42 


data are reported by Zhang [6]; a few of 
them are reported in Table 1. 

Although results concerning n-type Si 
are not too much scattered, it is difficult 
to recognize any convergence in p-type Si. 
We underline the difficulty in obtaining 
such results, because, due to the stan- 
dard potential of the element, Si material 
tends to be covered with a chemical ox- 
ide layer in most aqueous solutions, and 
is subject to anodic etching in HF con- 
taining solutions. We could expect a better 
coherence in nonaqueous solvents. How- 
ever, according to Lewis and Bocarsly [2], 
Mott-Schottky plots in those solvents ex- 
hibit substantial frequency dispersion. Ad- 
ditionally, the measured intercepts seem 
to be critically dependent upon the uti- 
lized solvent/electrolyte combination. The 


Fig. 2 Mott-Schottky plots of 
n-type and p-type Si (5 £2 cm) in 
NH 4 CI 0.5 M + HF 0.5 M 
aqueous solution (after Ottow 
etal. [7]). 
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wide range of reported values of Vfb for 
n-type Si in nonaqueous solvents indi- 
cates the disparity in experimental results. 
Corrosion and passivation in nonaque- 
ous solvents are not well understood 
for silicon photoelectrodes. Morrison [3] 
claimed that oxide growth is beneficial, 
and perhaps necessary, for Si anode 
stability. 

10.2.3 

Electrochemical Impedance Spectroscopy 
(EIS) of the Space Charge Layer 

A more reliable method for the determi- 
nation of the fb potential can be drawn 
from a thorough investigation of the com- 
plete impedance diagram equivalent to the 
space charge layer. In fact, the main diffi- 
culty encountered in the Mott-Schottky 
plot is the rather wide range potential 
for the C~ 2 extrapolation, which neces- 
sarily lead to values where electrochemical 
reactions contribute to changing the sur- 
face properties of the substrate. Moreover, 
the expected linear relationship shows a 
significant deviation, which is explained 


by the partitioning of the total voltage 
applied to the electrode between a poten- 
tial drop in the space charge layer and 
another potential drop in the Helmholtz 
layer. 

Most often, the electrochemical 
impedance spectroscopy (EIS) measure- 
ments are undertaken with a potentiostat, 
which maintains the electrode at a pre- 
cisely constant bias potential. A sinusoidal 
perturbation of ±10 mV in a frequency 
range from 10 5 to 10 -2 Hz is superim- 
posed on the electrode, and the response 
is acquired by an impedance analyzer. In 
the case of semiconductor/electrolyte in- 
terfaces, the equivalent circuit fitting the 
experimental data is modeled as one and 
sometimes two loops involving a capac- 
itance imaginary term in parallel with a 
purely ohmic resistance R. 

Generally, depending on the bias po- 
tential, the EIS leads to RC equivalent 
circuit loops representing both the space 
charge and the interface impedance com- 
ponents. The complete set of imaginary 
versus real impedance data leads to the 
construction of a semicircle that can be 



[MO cm 2 ] 

Fig. 3 Successive impedance diagrams in the dark of p-Si substrates in 
5% HF solution at different bias potential in the depletion regime. 




modeled by numerical software to derive 
the R and C components. In the range 
of bias potentials where a depletion layer 
is formed within the semiconductor, the 
Nyquist diagram is an almost perfect semi- 
circle, which is easily attributed to the 
space charge. Instead of paying attention 
to the capacitance value, it is more effi- 
cient to study the resistance R term of 
the observed loop. This R term is simply 
represented by the diameter of the semicir- 
cle. Figure 3 shows a series of semicircles, 
which are the Nyquist diagrams obtained 
in the dark at various negative bias poten- 
tials. The sample was p-Si doped at the 
level of ca. 10 16 at cm -3 , and the capac- 
itance values in this interval of potential 
were in the range of a few 10 -8 F cm -2 
in agreement with the expected values 
for a depletion layer. The resistance R 
term in this interval increases from 2 to 
35 cm 2 . The diagrams obtained with 
p-Si are more reliable because, owing to 
the surface properties of the electrode at 
cathodic bias potential, the measurements 
are obtained under almost zero current 
density. 

A similar procedure can be used to de- 
termine the space charge distribution in 
n-type Si in the dark with a positive bias 
polarization so as to generate a depletion 
layer within the semiconductor substrate. 
In this case, the situation is somewhat 
different because the positive polarization 
in HF results in an anodic etching of the 
sample with a nonnegligible current den- 
sity near 7 pA cm -2 . Nevertheless, similar 
results were obtained, the components of 
the equivalent circuit were a capacitance 
of a few 10 -8 F cm -2 , and a resistance 
term ranging from 1 to 10 M£2 cm 2 for 
a bias potential varying from —0.1 to 
+0.9 V vs. SCE. 

In a fundamental treatment of the car- 
rier density [8] in the space charge layer. 
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the calculation started from the complete 
Poisson Eq. (9), which was developed in 
the low potential approximation to per- 
mit the linearization of the exponential 
term and to derive the potential distri- 
bution at a bias polarization close 

to the flat band potential. Then, us- 
ing Eq. (8) the density p(h + ) of mobile 
carriers was calculated and was used 
to express the resistance Rsc of the 
space charge layer as a function of the 
surface potential Vs referred to the fb 
value: 

/ eeo \ 1/2 

Rsc -*> = «>{kfk) (Vft “ Vs) 

( 12 ) 

where Ro is the intrinsic resistivity of 
the wafer material. Eq. (12) shows that 
(Rsc ~ Ro) cancels out for the flat band 
situation. 

As shown in Fig. 3, the measured 
resistance Rsc in th e depletion regime 
can reach several Mf2 cm 2 , but Eq. (12) 
indicates that it becomes equal to the 
effective resistance of the substrate which 
is less than 1 £2 cm 2 at the fb potential. 
Then the term l /Rsc is almost equal 
to zero under the depletion regime, and 
suddenly rises very sharply to almost 
infinity when the potential approaches the 
fb value (Fig. 4). This effect is extremely 
useful for a simple determination of 
the fb potential, which is found near 
0 V vs. SCE, for p-type Si in a 5% 

HF aqueous solution. The procedure 
seems more rigorous, because it does 
not deal with an extrapolation method, 
and, owing to the sharp variation of the 
conductance, it needs just a few impedance 
measurements in the immediate vicinity 
of the fb potential. This method of 
investigation of the space charge layer, 
which reveals the formation of a depletion 
layer that is several resistant, leads 
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Fig. 4 Reciprocal of the depletion layer resistance of p-type Si in the dark as 
a function of the bias potential applied to the Si substrate. 


to a simple comprehensive interpretation 
of the electrochemical response of silicon 
electrodes. 

10.2.4 

Linear Sweep Voltammetry of Si Electrode 
in HF Solutions 


Butler-Volmer equation for the current- 
voltage relationship: 


i = zF ko 


C red exp I an F 


E-E 0 


-C ox exp - I finF 


RT 

E - Ed 
RT 


(13) 


A “bare” surface of silicon can only exist in 
fluoride containing solutions. In reality, in 
these media, the electrode is considered to 
be “passive” due to the coverage by Si— H* 
terminal bonds. Nevertheless, the inter- 
face Si/HF electrolyte constitutes a basic 
example for the study of electrochemical 
processes at the Si electrode. In this sys- 
tem, the silicon must be considered both 
as a charge carrier reservoir in cathodic 
reactions, and as an electrochemical reac- 
tant under anodic polarization. Moreover, 
one must keep in mind that, according to 
the standard potential of the element, both 
anodic and cathodic charge transfers are 
involved simultaneously (corrosion pro- 
cess) in a wide range of potentials. 

An interesting feature of Eq. (10) for- 
malism is its similarity with the usual 


This Eq. (13) is derived from the funda- 
mental electrochemical kinetics at metal 
electrodes and mainly accounts for the 
mechanism of the transformation, but the 
Gerischer Eq. (10) introduces an additional 
term accounting for the density of available 
mobile carriers at the electrode surface. 

However, silicon material in an aqueous 
solution is not a system in equilibrium. It 
is considered as a mixed system containing 
two redox couples with standard electrode 
potentials E\ and £2 separated by a wide 
interval. Then Eq. (13) must be modified 
to account for both components: 


i = i 01 exp I aF 


- i 02 exp - F 


E - Ei 
RT 
E - 



(14) 


RT 




where ;'oi and E\ hold for the exchange 
current and the equilibrium potential of 
the silicon material, and io 2 and £2 are 
the exchange current and the equilibrium 
potential of the oxidizing species, that is, 
the proton/hydrogen couple. 

Several results concerning the electro- 
chemical reactions at the Si/HF interface 
have been published. Some were focused 
on the cathodic processes, others on the an- 
odic etching reaction, and the influence of 
various parameters, such as doping level, 
influence of light, surface structure or pres- 
ence of redox reactants, was investigated. 
A synthetic picture of anodic and cathodic 
behavior of both p- and n-type Si substrate, 
in the simplest condition of a pure 5% HF 
aqueous solution, in the dark is presented 
(see Fig. 5). 

A: Cathodic behavior 

The only cathodic process in HF solutions 
is the hydrogen evolution reaction (HER), 
which is important in that it is involved 
in almost all reactions at both anodic and 
cathodic potentials. The silicon electrode 
can be passivated by hydrogen termination 
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of the surface Si dangling bonds. Even 
though the cathodic current density could 
be high, the Si— H layered surface is not 
expected to undergo any drastic change 
of structure following the electrochemical 


-Si-H + H+ + e“ 

=> — Si— H + jH 2 (15) 

The charge transfer for H 2 evolution pro- 
ceeds almost entirely over the conduction 
band, a conclusion that is mainly sup- 
ported by the graphs obtained with n-type 
Si in comparison with p-type electrodes. 

With an n-type Si electrode, the re- 
duction current density increases expo- 
nentially with decreasing potential, the 
apparent Tafel slope was found equal to 
140-160 mV/decade. This is much higher 
than the 60 mV /decade required for the 
processes that are limited by the supply of 
electrons from the semiconductor whose 
space charge is under the accumulation 
regime. In other words, the HER at the Si 
surface is a slow electron transfer, that is, a 
relatively large overpotential is required to 


reaction: 



E 

[V vs.SCE] 

Fig. 5 Current/voltage characteristics of p- and n-type Si substrates 
in the dark in a 5% HF aqueous solution. 
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obtain an appreciable reaction rate. For ex- 
ample, the potential for the onset of HER 
on “bare” Si is 300 mV more negative than 
on platinized Si. 

As shown in Fig. 5, the current density 
for HER on p-Si, in the dark, at cathodic 
bias voltage is almost equal to zero, in 
fact it hardly reaches a limiting value near 
«50nAcm -2 even at — l.OVvs. SCE. It 
is interesting to recall that such a small 
value for p-Si will provide the favor- 
able conditions for the measurement of 
electrochemical impedance diagrams. Nat- 
urally, this limiting current is classically 
attributed to the limiting diffusion flux of 
the mobile electron minority carriers in 
the space charge layer [6]. 

lim eD„n 0 

In = — J (16) 

where D n , no, and L n , are the diffusion 
constant, the equilibrium concentration, 
and the diffusion length of the negative 
charge carriers in p-type Si. This Eq. (16) is 
linked to the assumption that bulk thermal 
generation is the only source of minority 
carriers. 

Data from electrochemical impedance 
diagrams yield a simplified quantitative 
analysis for an appropriate interpretation 
of the linear sweep voltammetry (LSV) 
experiments. In fact, the Si electrode 
potential measured with respect to the 
reference electrode represents the value 
within the bulk of the material. The 
direct current flow for the electrochemical 
reaction has to overcome the resistance of 
the space charge layer, which can reach 
extremely high values when a depletion 
layer is formed. For p-type Si in the 
potential range for the HER onset, this 
excess surface resistance is over 10 7 f2 cm 2 . 
Thus, even with a bias of —IV, the DC 
cannot exceed 100 nA cm -2 , and even 


less according to the necessary overvoltage 
associated with the slow reaction rate. 

The specific behavior of semiconductors 
is exemplified by the influence of several 
factors such as: 

1. The effect of the depletion layer in p- 
type Si is easily circumvented by light 
irradiation of the electrode. In fact, 
the current /voltage graph is drastically 
affected by the partitioning of the 
total applied potential A<1 >t between 
the space charge drop A<t>sc and the 
contribution of the interfacial charge 
transfer A<t>cr- 

A<F t = AOsc + A<t>CT (17) 

For potentials at which the silicon is 
in a depletion situation, the major part 
of the applied bias voltage will concern 
the semiconductor space charge and 
generate a high electric field within 
this surface layer. In this case, light 
illumination will generate electron-hole 
pairs, which are steadily separated 
by the driving force of the local 
electric field. Holes are attracted toward 
the bulk of the substrate, while the 
minority carriers (e“) are pushed to the 
Si/electrolyte interface and produce an 
inversion layer that is available for the 
HER process. At low current density, 
the depletion layer is now filled with 
electrons and its resistance term is 
almost zero. Naturally, at negative bias 
potential, the current density reaches 
a limiting plateau proportional to the 
photon flux (Fig. 6). 

2. The doping level of the silicon substrate 
is a determining parameter for the den- 
sity of mobile carriers at the interface, 
even when the electrode is in the accu- 
mulation regime. Zhang [6] determined 
the cathodic current/voltage graphs for 
an n-type sample doped 10 17 and 10 19 
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Fig. 6 Current/voltage curves 
for naked p-type Si in the dark, 
and under illumination at 
632.8 nm, 2.5 mW cm* 2 (after 
Zhang [6]). 



[VsceI 


at cm -3 respectively. Naturally, the cur- 
rent of the latter at a constant potential 
was higher than the former. But the 
current density ratio for these samples 
was only a factor between 2 and 3, in- 
stead of the factor 100 of the carrier 
concentration. This result points out 
the interference of the separate con- 
tributions of both the surface electron 
density and the slow rate kinetics for 
HER charge transfer. 

B: Anodic behavior 

In the positive branch of the i/V graph, 
anodic dissolution process will remove ma- 
terial from silicon crystals. The conditions 
for optimal etching of silicon have been 
extensively explored for micromachining 
or surface polishing in the fabrication of 
electronic devices. Most generally, the etch 
rate of silicon in HF solutions is isotropic 
among the various crystalline orientations. 
The etch rate of silicon at room temper- 
ature at the open-circuit potential (OCP) 
is very low, on the order of 10 -4 nm s _1 , 
which is equivalent to lOOnAcm -2 , in 
aqueous HF solutions. 

Under anodic bias potential, the behav- 
ior of n-type Si in the HF solution must 
be discussed because of the onset of a de- 
pletion layer with a resistance of several 
megaohms per square centimeter, which 
should limit the DC density to less than 


1 pAcm -2 . But the experiments show a 
plateau value at 5-6 pA cm -2 . This result 
could be easily interpreted according to 
the extremely high reactivity of transient 
bare Si 0 surface states. In Gerischer’s treat- 
ment, the minority carrier density and the 
current value are modified by a term g s , the 
surface generation rate of mobile charge 
carriers. In many systems, there may be 
several sources of minority carrier gen- 
eration, for example, through the surface 
states. Surface states are always present 
on silicon electrodes in fluoride contain- 
ing solutions and are associated with the 
dissolution of the silicon. This process is 
the result of the dual redox character of the 
Si/HF interface at which holes h + carriers 
are consumed during the oxidation of Si 
material. The kinetics of this reaction is 
equivalent to a flux of electrons generated 
at the level of the conduction band near 
the interface. 

The interpretation of the anodic branch 
of LSV for p-Si is apparently more simple 
because the current increases following an 
exponential variation with a Tafel slope 
of ^60-80 mV/decade. In this case, an 
accumulation layer is generated, and then 
the current is only controlled by the 
kinetics of the electrochemical reaction, 
which involves several successive steps. It 
is not necessary to account for the various 
reaction paths proposed by many authors. 
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Fig. 7 Complex plane 
impedance plot for p-type Si in 
1% HF solution, in the dark, at 
bias potential 0 V vs. SCE (after 
Vanmaekelberg et al. [9]). 


The complete electrochemical behavior of 
the system can be described assuming the 
following steps [9]: 

-Si-H + F“ + h + => -Si' + HF 

(18) 

The transient surface species —Si*, which 
is extremely reactive, immediately under- 
goes successive steps of oxidation, which 
are written as: 

-Si' + 2HF + 2h + => SiF 2 + 2H+ 

(19) 

The soluble divalent SiF 2 compound is 
in turn transformed by disproportionation 
into SiF6 2- and elemental amorphous 
silicon. This mechanism is responsible 
for the effective dissolution valence of 
Si, which was found to be equal to 2 
in the range of potential between 0 and 
+0.4V/SCE. 

The electrochemical reaction rate for the 
anodic etching of Si in HF was very rapid. 
This is confirmed by the electrochemical 
impedance diagram of Fig. 7 that shows 
a real component equal to ^150 cm 2 , 
and is the result of the high reactivity 
of the transient bare —Si* sites that 
appear under anodic current. The detailed 
mechanism of the transformation was 
investigated by EIS, which revealed quite 
an unusual inductive loop, which is shown 
in Fig. 7. Such a diagram was obtained 
by modeling the reaction kinetics based 


on the existence of rather stable — Si— H 
surface sites giving rise to an extremely 
reactive intermediate —Si* site, which, 
after dissolution, regenerates the original 
stable — Si— H terminal dangling bond. 
The transition from a passive behavior 
to a very active surface is responsible for 
the inductive component of the complex 
impedance. 

10.2.5 

Formation of Porous Silicon 

The i-V characteristics, in HF solutions, 
in Fig. 5 was intentionally limited to low 
values of current density. When the p- 
Si electrode is polarized to more positive 
potentials, the anodic current rises ex- 
ponentially reaching a first maximum 
near 30 mA cm -2 at +0.5 V vs. SCE. Be- 
yond this point, electropolishing of the Si 
surface is observed. However, in the expo- 
nential range of potential, where the an- 
odic current density is ca. 1-4 mA cm -2 , 
the Si surface is altered by the forma- 
tion of a new structure made of porous 
silicon (PS). Simultaneously, hydrogen 
evolution occurs indicating an electro- 
chemical/chemical mechanism resulting 
from the effective dissolution valence that 
can vary from 2 to 4 depending on the 
HF concentration and the electrode poten- 
tial. In a first approximation, the hydrogen 
evolution could be assigned to a chemical 



oxidation of Si 11 (Eq. 19) by protons leading 
to Si IV and H 2 . But the mechanism is more 
elaborate in the case of PS formation; a 
dissolution valence as low as 0.5 was mea- 
sured for thick PS layers. This property 
is the consequence of the direct chemi- 
cal dissolution of highly reactive silicon 
nanocrystals by HF. 

Also, from Fig. 5 it appears that the 
anodic current density with n-type Si 
is extremely low due to the buildup of 
the depletion layer with a more than 
1 M12 resistance. In fact, obtaining a few 
mA cm -2 with n-type Si in the dark 
needs a very high polarization potential, 
up to 6-10 V so as to induce breakdown 
within the highly resistant depletion layer. 
Nevertheless, PS structure can be obtained 
on n-type Si, either using heavily doped 
samples, alternatively under light activated 
silicon surfaces. 

After the discovery, in 1990, of lumi- 
nescence displayed by porous silicon, the 
published literature is enormous since this 
material has extremely rich morphological 
features, with properties that are very dif- 
ferent from those of silicon. The growth 
rate can vary over a wide range depend- 
ing on formation conditions. For example, 
using heavily doped n-type Si in 3% HF 
the rate is almost constant at 10 nm s~ x , 
the PS thickness being a linear function 
of time up to 10 pm. The morphology of 
pores is not well characterized, although 
most of the pores are straight in the di- 
rection perpendicular to the (100) plane, 
and clearly separated. The mechanism for 
the propagation of pore needlelike cavities 
is explained by the random existence of 
very reactive sites such as —Si' on a pas- 
sive — Si— H surface. During PS formation 
at an anodic potential, the tip of pores 
dissolves preferentially by electrochemical 
process. But the pore wall areas dissolve 
only chemically at a very low rate. 
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The chemical dissolution does not 
depend on potential but on the time of 
immersion and the total surface area. 
Many other parameters are determined 
on the general morphology of the pores 
and their distribution. We can cite the 
type and the level of doping, the HF 
concentration, and the applied potential 
or the excitation by light. Owing to the 
formation of hydrogen bubbles, the space 
within the pores may not be filled by 
electrolyte. Ethanol is often added to 
facilitate evacuation of H 2 . It is clear that, 
depending on the specific electrochemical 
conditions, quite different morphologies 
are obtained, depth and inner diameter 
of the pores, interconnected channels, 
random distribution in size and position. 

A lot of potentialities are expected 
for applications in many wide fields. 

The most important one is the efficient 
luminescence in the near infrared and the 
whole visible range. In addition, PS is 
an active host for rare earth emitters, for 
example, Nd of Er, as well as dye solutions. 

Moreover, the high surface area of this 
structure makes it very effective in the 
production of on-chip capacitors, and in 
the adsorption of various contaminants in 
the gaseous atmosphere, or the adsorption 
of biological molecules in solutions. For 
a better specificity of these applications, 
well-defined structures are preferred. For 
example, the inefficient luminescence ob- 
served from inhomogeneous material of 
low porosity originates from microscopic 
areas ofhigh porosity. Using micropattern- 
ing for pore initiation, regularly spaced 
pore arrays can be produced. The posi- 
tion of pore nucleation can be determined 
by etch pits, the technique being lim- 
ited to macroporous PS, since present 
lithographic resolution is in the range of 
hundreds of nanometers. For example for- 
mation of pore arrays 2 pm in diameter 
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Fig. 8 Scanning electron 
microscope images of a 
photonic crystal formed by 
macroporous silicon obtained 
on n-type Si (after Pavesi 
et al. [10]). 


and up to 400 pm deep on a silicon wafer 
in the direction (100) has been reported 
[10] (Fig. 8). 

Presently, the studies on porous silicon 
are considered to be a very promising 
field for advanced research oriented in the 
photonic materials to make light emitting 
diodes (LED), and mostly as sensors 
and biosensors of various components in 
solutions as well as in gaseous phases. 

10 . 2.6 

Growth of Anodic Oxide Layers 

In nonalkaline and nonfluoride aqueous 
solutions, silicon substrates behave as 
essentially inert electrodes due to the 
presence of a thin oxide film. Even in 
alkaline solutions, silicon is passivated by 
an oxide film at anodic potentials beyond 
the passivation peak. Very small current 
can pass through the passivated silicon 
surface of n- or p-type materials in the 
dark or under illumination. Depending 
on the pH of the electrolyte, oxidized 
surface sites Si— OH are more or less 
ionized into anionic species Si— 0“ ow- 
ing to the acido-basic properties of such 
radicals; so that the passivation current 
can vary in a wide range from a few 
pA cm -2 in KOH to less than 1 nA cm -2 
in acidic solutions, HC1, H2SO4. The pas- 
sivating layers on silicon are composed 


of amorphous and nonstoichiometric ox- 
ides containing varying amounts of water 
and hydroxyl ions, the composition is not 
the same near the Si/SiO* as near the 
SiO v /electrolyte interface. The nonstoi- 
chiometric composition of the anodically 
formed oxide film can be expressed as 
Sic)* with a higher value close to x = 2 
near the electrolyte, and a lower value 
in the deep layers near the surface. The 
structures of these oxides on n- or p-type 
materials are similar, but are not stable 
and tend to change with time. The layer 
acts as a barrier to the interaction between 
the electrode and the electrolyte resulting 
in a drastic reduction of electrochemical 
reactions. 

Anodization can be carried out in in- 
organic or organic solutions at constant 
potential or constant current. Under gal- 
vanostatic mode, the voltage increases with 
time, along with an increase of the oxide 
thickness. But the electrode surface always 
reaches a limiting structure and the sys- 
tem starts oscillating. Then the oxide film 
is physically broken, with the appearance 
of pits and nodules. In nitrate, phosphate, 
or borate aqueous solutions it was observed 
that the maximum allowed voltage could 
not exceed 200 V. But organic solvents 
such as glycols or alcohols allowed the 
formation of thicker oxides at higher volt- 
ages in excess of 500 V. Naturally, some 
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Fig. 9 Thickness of anodized 
oxide film measured by 
ellipsometry as a function of 
voltage above the passivation 
peak (after Zhang [6]). 



[V] 


water is necessary for the growth and the 
electrical properties of the anodic oxide. 
The amount of water closely correlates the 
breakdown potential. 

The thickening of the oxide layer is 
controlled by the local electric field on 
the order of 10 6 -10 7 V cm -1 , and the 
conductivity of the growing oxide. In 
alkaline solutions, due to the nonnegligible 
conductance induced by the ionization of 
hydroxyl groups, rather thick oxide layers 
can be obtained. For a given applied 
potential, the thickness reaches a limiting 
value that can be as high as 60 nm. Figure 9 
shows the experimental limiting thickness 
obtained in a KOH solution as a function of 
the bias potential, the average slope being 
«0.8 nm V -1 . But it is also clear that the 
forming voltage in KOH cannot exceed 
20 V, mainly due to the conductance of 
Si— O - ionized sites. A similar growth 
pattern is observed in NH 4 OH solutions. 
But in acidic non-HF solutions, much 
more insulating layers are grown yielding 
a limiting thickness that can hardly exceed 
1 nm. 

Several mechanisms were described 
in the literature, accounting for both 
the surface oxidation of the electrode 


and the subsequent formation of solu- 
bilized species. Concerning the growth 
of the surface oxide in alkaline solu- 
tions, the main path can be summa- 
rized in the following steps. The primary 
reaction is the transformation of the 

— Si-H terminal bond into the silanol 
group: 

-Si-H + 20H“ 

==» -Si-OH + H 2 Q + 2e~ (20) 

Because of the polarization by the 

— Si— OH bond, the —Si— Si— back bonds 
are weakened and attacked by H 2 O 
molecules to generate new — Si— H 
and— Si— OH terminations. Again, the 
Si— H are oxidized into silanol, and si- 
multaneously these silanol groups are 
condensed into siloxane bridges: 

2— Si— OH => -Si-O-Si- + H 2 0 

( 21 ) 

Thus, a new layer of oxide is gener- 
ated as schematically shown in Fig. 10. 
Water molecules are present in the oxide 
structure incorporated during the oxida- 
tion process. This water combines with 
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Fig. 10 Schematic illustration 
of the formation of Si — O — Si 
bonds in KOH solution at 
potentials more positive than 
the passivation potential (after 
Zhang [6]). 


bridges — Si— O— Si— to form pairs of non- 
bridging — Si— OH groups. 

Surface layers of silicon oxide are impor- 
tant in semiconductor device fabrication 
as interlayer dielectrics for capacitors, 
isolation of conducting layers, or as mask- 
ing materials. However, anodic oxides, due 
to their relatively poor electrical properties, 
breakdown voltage, and leakage current, 
have not yet found much use in device 
technology, and cannot compete with ther- 
mal oxides obtained at high temperatures 
of 700 to 900 °C. 

10.3 

Chemical/Electrochemical Reactions at 
Open-circuit Potential 

10 . 3.1 

Oxide Growth by the RCA Cleaning Process 

A clean silicon surface is critical in the 
production of smaller and faster logic and 
memory devices. A typical process flow 
for advanced integrated circuits consists 
of 300 to 500 steps, 30% of them being 
wafer cleaning operations. Trace amounts 
of impurities such as Na + ions, metals, 
and particles are especially detrimental in 
the reliability of finished devices. This is 
the main reason why nonvolatile reactants 
(alkali, alkaline earth as well as any metal 


salts, even at the ppb level) must absolutely 
be absent in all the solutions used in the 
various steps of the wet treatment. For 
example, diffusion of such impurities in 
the insulating oxide layers is responsible 
for a large amount of yield losses. 

Presently, the most widespread cleaning 
technology is the RCA wet processing 
that was originally initiated by Kern 
and Puotinen [11] in 1970. But since 
several years, the formulation of the 
solutions have continually been optimized 
in order to meet the requirements for 
the miniaturization of the circuits at the 
submicron level, and also for the economic 
and environmental factors. In this process, 
a first step is the removal of the native 
oxide protecting film by DHF solution, 
which leads to a bare hydrophobic H- 
terminated surface. The next step is a 
treatment called SCI (Standard Clean 
#1) using an ammonia/hydrogen peroxide 
mixture (APM), which is very efficient to 
grow a new protecting silicon oxide layer 
and to release the surface from particle 
contamination. In fact, the oxides grown 
in SCI are hydrophilic as a consequence 
of their surface silanol. Si— OH groups, 
which are more or less ionized in the 
alkaline solution. This is an important 
effect because it results in the generation 
of the Zeta potential, which is in the 
same polarity for the substrate surface 
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and particles so as to cause a repulsive 
electric force. In the following steps, this 
oxide layer is removed by DHF, and 
the remaining metal contaminants are 
removed by a hot aqueous solution called 
SC2, made of a HCl/hydrogen peroxide 
mixture (HPM). This acidic treatment will 
also generate a new protective extremely 
thin oxide layer. 

In these processes, the oxide growth 
takes place at the expense of the Si sub- 
strate, and is considered as a special case 
of etching. In a simplified approximation, 
the reaction could be considered as purely 
chemical. However, owing to the wide vari- 
ations of the OCP by the reactants, to 
treat the etching of silicon as a purely 
chemical reaction with no involved elec- 
trochemical mechanism is inappropriate. 
The existence of an exchange current is 
consistent with the setup of a definite OCP, 
including a charge transfer, e“ or h + , be- 
tween surface sites and the reactants in 
solution. Finally, the oxide growth can be 
classified as anodic oxidation at OCP. The 
reaction of hydrogen peroxide with a bare 


hydrophobic silicon surface can be written 
as: 

H 2 0 2 > 20H“ + 2h + (22) 

-Si-H + 20H“ + 2h + => 

— Si— OH + H 2 0 (23) 

This equation being equivalent to Eq. (20), 
leads to a fast removal of Si— H* terminal 
bonds; the subsequent thickening of the 
oxide is again explained by the break of the 
Si backbonds induced by the polarization 
of Si— OH, and the formation of siloxane 
groups as in Eq. (21). 

The experimental results mainly ob- 
tained by EIS supported the mechanism of 
the build up of an oxide passive layer. They 
lead to the determination of quantitative 
parameters related to the change of surface 
reactivity. The measurements constituted 
a series of impedance diagrams obtained at 
successive time intervals. Examples given 
in Fig. 11 represent [12] the time variation 
of the Nyquist diagram resulting from the 
build up of an insulating layer, after reac- 
tion of S C 1 on an initially bare hydrophobic 



Fig. n Successive impedance diagrams of initially hydrophobic p-Si, in the 
dark, in an NH 3 + H 2 O 2 solution; a, b, c, d, e, f, g, h, i, the diagrams are 
recorded at time intervals of 8 min (after Bertagna et al. [12]). 
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p-type Si surface. These impedance plots, 
obtained at the OCP, that is, at zero cur- 
rent potential, are well shaped semicircles, 
the center being very close to the real 
axis, each corresponding to a simple RC 
circuit. In fact, the system is quite equiv- 
alent to a semiconductor/oxide/electrolyte 
(SOE) capacitor, showing some similar- 
ities with a metal/oxide semiconductor 
(MOS) structure. 

The resistance term is characteristic 
of the leakage current of the oxide 
layer dielectric. The series of diagrams 
show a steep increase of the polarization 
resistance from 5 x 10 3 to more than 
3 x 10 5 f2cm 2 . It is interesting to note 
that voltammetric records in a narrow 
range of potential ±50 mV near the OCP 
lead to the same value of the polarization 
resistance. One could expect that the 
capacitance should accordingly decrease. 
But infrared ATR spectroscopy (attenuated 
total reflection) demonstrated that the 
increase of resistance was partly due to 
the gradual change to a more compact and 
well-defined structure of the oxide. This 
figure reveals the buildup of an insulating 
oxide layer, leading to a hydrophilic final 
bright surface, showing no defect with a 
scanning electron microscope. 

Nevertheless, we recall that, in alkaline 
solutions, the silanol groups are partly dis- 
sociated into — Si— O - anionic sites owing 
to their acido-basic character. As a result, 
this oxide structure is loose and is per- 
meable to water molecules and chemical 
reactants, so that the reaction can proceed 
by diffusion through the layer and lead 
to a uniform protecting layer. The acido- 
basic character is well demonstrated by the 
transformation operated by dipping the ox- 
idized sample in an acidic HCl solution. 
The polarization resistance, which was 
equal to a few 10 5 f2 cm 2 , suddenly is 


raised to more than 10 7 f2 cm 2 . This re- 
sult reveals the neutralization of — Si— O” 
sites to —Si— OH groups, followed by the 
condensation into highly insulating silox- 
ane — Si— O— Si— bridges. 

10.3.2 

Etching of Monocrystalline Silicon 

The term etching refers to the dissolu- 
tion processes at OCP of silicon sam- 
ples immersed in an electrolyte solution. 
The technique has been extensively ex- 
plored for its useful applications in the 
fabrication of electronic devices, surface 
polishing, and micromachining. For ex- 
ample, it is widely used for the produc- 
tion of cantilevers for the AFM techno- 
logy. 

Again it seems not necessary to discuss 
the considerations of the chemical versus 
electrochemical reaction mechanism. It is 
clear from the extremely negative standard 
potential of silicon, from Eqs. (2) and (6), 
that the Si electrode is in all aqueous so- 
lutions a dual redox system, characterized 
by its OCP, which is the resultant of an 
anodic Si dissolution current and a simul- 
taneous reduction of oxidizing species in 
solution. The oxidation of silicon gives four 
electrons that are consumed in the reduc- 
tion reaction. Experimental results show 
clearly that the steady value of the OCP is 
narrowly dependent on the redox potential 
of the solution components. In solutions 
containing only HF, alternatively alkaline 
species, the oxidizing component is sim- 
ply the proton H + or the H 2 O molecule 
respectively. 

In this respect, etching is consid- 
ered as an electrochemical process, tak- 
ing place under the OCP conditions. 
The charge-transfer mechanism is the 
same as the electrochemical corrosion, 
and the reaction rate is derived from 



10.3 Chemical/Electrochemical Reactions at Open-circuit Potential 


325 


Eq. (14): 

*corr = \/*0l<02 exp aF 

(24) 

where r'oi and io 2 are the exchange 
currents, and E\ and £ 2 the equilibrium 
potentials of the reducing and oxidizing 
species of the dual redox system. 

Owing to the requirement of Si com- 
pounds solubilization, the main etching 
solutions can be either fluoride-based, al- 
ternatively high pH alkaline solutions. A 
large number of experimental data of etch 
rate and selectivity are given in the review 
by Zhang [6]. It is indicated that, for a given 
silicon material and solution composition, 
the etch rate may vary significantly when 
it is measured by different investigators. 
In fact, we can add that the reaction is ex- 
tremely sensitive to surface defects so that 
the etch rate of the same sample measured 
in the clean room of an integrated circuits 
production line is often much lower than 
in a common laboratory. 

In acidic fluoride solutions, the etch rate 
is low in the low-pH region, due to the 
large coverage of passivating Si— H surface 
bonds. A maximum rate was observed 
near a pH value of 6, and is attributed 
to the competing reactions of Si with 
HF, HF 2 “, and OH - species. In fact, 
the Si— H bond is practically nonpolarized 
and thus has a high degree of chemical 
stability. In contrast, the ionic character 
of Si— OH or Si— F bonds results in a 
strong polarization and weakening of the 
back bonds of the surface Si atoms, thus 
enhancing the chemical attack of the 
material. Since this process is more likely 
to occur at surface defects resulting in their 
removal, a prolonged immersion in HF 
solution should lead to a more atomically 
smooth surface. In general, the specificity 
of HF etching is to generate a uniform 
surface. 


E 2 ~ E\ 
2 RT 


In HF solutions, the etch rate can be 
increased by addition of effective oxidizing 
agents. For example, addition of CrC>3 
increases the etch rate following the 
increase of hole concentration resulting 
from the reduction of Cr VI . Other oxidants 
such as Br 2 or H 2 0 2 are interesting 
candidates for the treatment of silicon 
leading to a clean and flat surface at the 
level of a few tenths of a nanometer. 
The mixture HF— HNO3 is one of the 
most widely used isotropic etchants of 
(100) oriented Si surfaces. The dissolution 
rate is maximum for the composition 
at 33% HF and 23% HNO3, and can 
reach a value as high as 28 pm s -1 , 
which is equivalent to a current density 
of 90 A cm -2 . This mixture can be diluted 
with water so as to offer a wide range of 
etch rates. 

A different group of etchants based on al- 
kaline solutions is also widely used for sil- 
icon micromachining. The simplest reac- 
tant is KOH, but the nonvolatile K element 
is undesirable because it is often adsorbed 
at the sample surface. Other alkaline solu- 
tions such as hydrazine, ethanolamine, or 
a mixture of ethylene diamine and pyro- 
catechol were proposed. The most useful 
alkaline solutions are NH4OH, or tetram- 
ethyl ammonium hydroxide (TMAH). The 
latter has the advantage of being a strong 
base like KOH and producing only volatile 
compounds after cleaning. 

The most characteristic feature of al- 
kaline solution etching is its anisotropic 
nature [13]. For example, in 20% KOH 
at room temperature, the etch rate at the 
OCP of the (100) plane is a hundredfold 
higher than the (111) plane. In general, 
because of the anisotropic etching pro- 
cess, the morphology of the surface shows 
smooth ideal (111) sidewalls thus forming 
micropyramids on (100) wafers, as shown 
in Fig. 12. 
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Fig. 12 SEM micrographs of a p-type (100) sample etched 30 min at Vocp in 4 M KOH at 70 °C 
(after Bressers et al. [13]). 


soluble species, ending at Si02(OH)2 2 . A 
simplified presentation of the reaction can 
be [6]: 

— Si— Si— cr + h 2 o 

=> -Si-H + OH— Si— O” (26) 

The etch rate of silicon in KOH may 
vary from as low as 0.1 nm s -1 in dilute 
solution at room temperature to as high as 
200 nm s -1 in 40% KOH near 90 °C. The 
etch rate of silicon single crystals always 
depends on the surface plane orientation 
in all dissolving solutions, but the effect 
is maximum for alkaline solutions. The 
(111) surface is the slowest etching plane 
in all reported investigations. This result 
can be convincingly correlated by the back 
bond theory, that is, the surface atoms on 
the (111) plane have 3 bonds connected to 


The mechanism of silicon etching in 
alkaline solutions is a process of material 
dissolution with a simultaneous hydrogen 
evolution. The main soluble product is a 
silicic anion SiC> 2 (OH) 2 2- that can further 
be condensed to form polysilicic anions. 
In fact, due to the acido-basic ionization 
of OH radicals in a highly alkaline 
solution, Eq. (19) should be modified as 
follows: 

— Si— H + 30H - 

=> -Si-0 _ + 2H 2 0 + 2e _ (25) 

Again, because of the polarization by 
the Si— O - group, the —Si— Si— back 
bonds are weakened and attacked by 
H 2 O molecules to generate new — Si— H 
and— Si— OH terminations, and induce 
the detachment of low molecular weight 



7 0.3 Chemical/Electrochemical Reactions at Open-circuit Potential 327 


the substrate lattice, while those of (100) 
have only 2, recalling that the action of 
OH - ions reduces the strength of the back 
bonds. 

The formation of hillocks correspond 
to crystallographic structures defined by 4 
(111) planes resulting from the anisotropic 
etching. The process depends strongly on 
operating conditions, and readily proceeds 
on poorly cleaned surfaces, and in etchants 
containing some impurities. For example, 
hillocks may result from local masking 
by contaminants or deposits of reaction 
products such as hydrogen gas microbub- 
bles. The pyramidal hillocks have been 
found to be associated with a microhetero- 
geneity, a few nanometers in size, at the 
apex of the micropyramid. Initially, the 
pyramids at the surface are tiny, but new 
pyramids are generated while the existing 
ones grow. When the surface is fully cov- 
ered with hillocks, the overall etch rate is 
slowed down so as to result in the structure 
represented in Fig. 12. 

10.3.3 

Electroless Nucleation of Metal 
Contaminants on Si Surface 

Ultraclean and defect-free silicon sur- 
faces constitute a major requirement for 
the advanced processing of SLSI (super 
large-scale integration) in the last test 
technology device manufacturing. Dielec- 
tric breakdown, which occurs during the 
final electrical tests, is often generated 
by metallic contamination at the level of 
10 10 at cm -2 . In some circumstances, 
spontaneous metallic contamination oc- 
curs during the cleaning steps, especially 
in HF solutions, when traces of copper 
or iron contaminants undergo a reduc- 
tion reaction at the naked silicon sur- 
face, thus generating unwanted metallic 
nanoparticles. These precipitates, even at a 


nanoscopic level, concentrate at the Si/gate 
oxide interface and are responsible for the 
defective final SLSI devices. For this rea- 
son, chemicals used in the wet treatment 
processes must reach a high degree of pu- 
rity at the ppb and even ppt level. Such 
a purity can be controlled by high per- 
formance induction coupled plasma mass 
spectrometry (ICPMS). In addition, sili- 
con surface metallic impurities can now 
be quantified, with a detection limit less 
than 10 9 at cm -2 using extremely sen- 
sitive techniques such as TXRFS. This 
spectroscopy is an important tool both to 
identify and to measure the surface distri- 
bution of the contaminants. Additionally, 
AFM surface scanning is also a powerful 
method to detect the presence of particles 
at the nanoscopic scale. 

Fundamental studies were undertaken 
for establishing a technology that prevents 
metallic contamination and eventually for 
obtaining characterization criteria for the 
surface state evaluation. These studies 
were limited to systems constituted by 
electronic grade silicon in contact with 
high purity deaerated HF solutions in 
the dark. Much work was dedicated to 
the surface contamination by copper ions 
impurities present in HF solutions at 
the ppb level. In fact, trace amounts of 
copper are often encountered in the so- 
lutions used in the production lines, for 
example, in the chemical/ mechanical pol- 
ishing techniques. Owing to the negative 
electrode potential of Si element, the spon- 
taneous metallic nucleation process is a 
consequence of an electroless deposition 
mechanism [14]. As an electrochemical 
process, OCP recordings proved to be ex- 
tremely useful for providing a response 
associated with the nucleation process. In 
fact, this parameter takes advantage of the 
electrocatalytic properties of the nanosized 
Cu particles. The OCP is the resultant of 
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the electrochemical reactivity of the anodic 
and cathodic surface sites on the Si elec- 
trode. Starting with Eq. (14), the OCP is 
defined from the condition i = 0: 

i rt n 02 \ 

E( ocp) = -r (£si + Eh) + — In ( — ) 

4 r \' 01 / 

(27) 

This equation reveals that the direct mea- 
surement of the OCP gives information 
related to the electrochemical reactivity of 
the anodic and cathodic sites. 

Interesting results were obtained by this 
method as shown in Fig. 13, which depicts 
the drastic effect of Cu nucleation on 
the OCP value. These curves first show 
the initial OCP recorded during 3 min in 
the dark, in oxygen free pure DHF, on 6 
separate n-type silicon samples. This value 
is quite reproducible for the whole set of 
samples. 


A trace amount of Cu 2+ ions was then 
introduced in the cell so as to reach the 
concentration indicated on the curves of 
Fig. 13. It immediately resulted in a steep 
rise of the OCP toward more positive 
values. 

Owing to the very small copper surface 
concentration, such a high change of 
potential could not be assigned to a 
contribution of the deposited copper. This 
feature was analyzed, through Eq. (27) 
in terms of the catalytic properties for 
proton reduction kinetics of the very small, 
nanometer sized, copper nuclei generated 
on the silicon surface. To understand the 
effect of the catalytic sites, it is worth 
noting that the exchange current of the 
anodic reaction of Si, Eq. (6), is a constant 
but the compensating cathodic reaction 
of hydrogen should be separated into two 
contributions accounting for two possible 



Fig. 13 Ti me dependence of the OCP at n-type silicon, in the dark, in a 
thoroughly deaerated 5% HF solution, upon addition of trace amounts of 
copper ions (after Chemla et al. [14]). 
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Fig. 14 TMAFM observation of copper nuclei generated in the dark on a 
p-type Si surface after dipping for 1 min. in a 5% DHF solution containing 
1 ppm Cu 2+ ions (after Chemla et al. [14]). 


reactions sites, (1) on the Si surface, and 
(2) on the Cu nuclei. 

+ e (Si— H) - ' - > 3^2 (Si-H) 

r'o = 10 -11 A cm -2 

(28) 

H + + e (Cu) > jli 2 (Cu) 

i 0 = 10- 7 A cm -2 

(29) 

It is well known that the exchange 
current density on the Si surface passi- 
vated by Si— H terminal bonds is extremely 
low, ca. 10 -10 to 10 -n A cm -2 . On the 
other hand, the same exchange current 
on metallic copper is near 10 -7 A cm -2 , 
and certainly much higher on nanoscopic 
particles. At this first stage, the copper 
nuclei are generated on the clean Si sur- 
face, as presented in Fig. 14, which shows 
the first Cu particles observed by atomic 
force microscopy working in tapping mode 
(TMAFM). The amount of Si material con- 
sumed for the electroless deposition is 
quite negligible. The needlelike shape of 
the nuclei on the AFM scan is not real. 
The appearance is only due to the scale 


difference, 1 pm along the x x y axes and 
40 nm for the z-axis. 

It was demonstrated that the growth of 
Cu nuclei goes on with time, while the 
OCP values of Fig. 13 reach a plateau 
after a long time. This effect was at- 
tributed to a weaker catalytic effect of 
the large copper clusters that balance the 
continuing increase in the size of the 
clusters. 

On the other hand, the condition of zero 
current leads necessarily to the conclusion 
that the corrosion current of the Si 
substrate in DHF is strongly enhanced, 
correlated with the increase in the HER 
at catalytic sites. After a longer time, this 
fact mainly results in generating corrosion 
pits in the immediate neighborhood of the 
metallic nuclei due to the formation of 
short-circuited nanoscale electrochemical 
cells. 

10.3.4 

Electrochemical Photovoltaic Cells 

The most direct solar energy conversion 
for the production of electricity [15] is 
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based on solid-state-photovoltaic cells. 
There are two types of purely solid-state 
devices, one based on p -n junction pho- 
tocells, and the second consisting of a 
Schottky type metal-semiconductor junc- 
tion. The light excitation leads to the 
formation of electron-hole pairs, which 
are separated by the electric field across 
the space charge in the vicinity of the junc- 
tion. The corresponding photocurrent in 
the reverse direction is proportional to the 
light intensity. The photopotential U p h is 
measured under open-circuit conditions, 
that is, when the external current is zero. 
Presently, solar energy conversion efficien- 
cies of up to 20% have been obtained with 
single crystal devices, and around 9% with 
polycrystalline or amorphous layers. 

Similar photovoltaic cells can be made 
of semiconductor /liquid junctions. For 
example, the system could consist of 
an n-type semiconductor and an inert 
metal counterelectrode, in contact with an 
electrolyte solution containing a suitable 
reversible redox couple. At equilibrium, 
the electrochemical potential of the redox 
system in solution is aligned with the 
Fermi level of the semiconductor. Upon 
light excitation, the generated holes move 
toward the Si surface and are consumed 
for the oxidation of the red species. 
The charge transfer at the Si/ electrolyte 
interface should account for the width of 
occupied states in the semiconductor and 
the range of the energy states in the redox 
system as represented in Fig. 1. 

The stability of silicon electrodes con- 
tacting an aqueous electrolyte is a severe 
problem in regenerative solar systems. As 
mentioned previously, the standard elec- 
trode potential of a silicon element is 
negative enough to induce an electrochem- 
ical reaction mechanism, giving rise to 
an insulating surface silicon oxide in the 
absence of complexing reactants. On the 


other hand, in highly alkaline, or alter- 
natively in fluoride containing solutions, 
a corrosion process, even extremely slow, 
will gradually alter the effectiveness of the 
system. 

For this reason, an interesting photo- 
electrochemical cell based on an n-type 
Si electrode in an aqueous solution con- 
taining the Br2/Br“ redox couple cannot 
be operated at a steady regime for a long 
time, because the charge carriers have to 
overcome a high energy barrier due to 
the formation of a thin oxide layer. In 
this context, it should be mentioned that 
the height of the barrier can be reduced 
by a procedure of metal nanoparticles de- 
position. For example, Pt metal clusters 
10 nm in diameter can be deposited on 
n-type Si surfaces. If the barrier height 
at the metal/ semiconductor junction is 
not too large, the photoholes generated 
by light excitation can enter the metal via 
a quantum mechanical penetration pro- 
cess. Then the maximum photovoltage is 
determined by the standard potential of 
the redox couple, and the photocurrent is 
only carried by electrons transferred via 
the metal nanoparticles. This was actually 
found with n-type Si electrodes working 
with the Br2/Br - couple, and with very 
high photovoltages up to 0.68 V at a cur- 
rent density of 20 mA cm -2 were obtained 
in a corresponding electrochemical photo- 
voltaic cell. 

A stable configuration can only be 
achieved when nonaqueous solvents are 
involved. For example, a photoelectro- 
chemical cell can be operated using the 
ferrocene/ferrocinium couple at an n-type 
Si electrode in a pure methanol solvent. 
This system is of special interest because 
the rate-determining steps can be ana- 
lyzed in detail. Using Si as an electrode 
in ClfiOH or CH3CN requires that the 
solvent is completely water free in order 
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to avoid any growth of an insulating oxide 
layer that would block a charge transfer 
across the interface. It was found that the 
photovoltage rises linearly with an increase 
in the redox potential of the solution. 
In fact, the redox potential value can be 
varied by using different derivatives of fer- 
rocene. The highest photovoltage, 0.67 V 
at 20 mA cm -2 , was obtained with the use 
of dimethyl ferrocene (E^ = +0.15 V vs. 
SCE). In addition, it was shown that the 
forward current involves positive holes fol- 
lowing a valence band process: 

Fc + — > Fc + h + (at Si electrode) (30) 

Interestingly, this forward current is not 
controlled by the interface charge-transfer 
kinetics but entirely by the diffusion and 
recombination of holes injected into the 
valence band. This was demonstrated by 
using differently doped Si electrodes hav- 
ing different diffusion lengths for holes. 

It has then to be concluded that the 
charge transfer in the ferrocene/ferroci- 
nium couple in this specific solvent is 
a fast process at the timescale of the 
hole diffusion in the semiconductor space 
charge layer. However, at the present 
time, it seems that the constraints arising 
from the construction of a perfectly tight 
device will hinder the development of these 
electrochemical photovoltaic cells. 
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11.1 

Introduction 

In the final decades of the twentieth cen- 
tury, some of the most technologically 
significant advances in electrochemistry 
were located within the seemingly narrow 
confines of group 1 in the periodic table. 
More specifically, in the 1980s and 1990s 
the development and mass production of 
rechargeable lithium-ion batteries helped 
usher in a technological renaissance in 
communication and computation. In large 
part, this renaissance was one of mobility. 
The advent of inexpensive and lightweight 
secondary batteries with high-energy den- 
sities helped facilitate the proliferation 
of lightweight “cellular” telephones and 
portable laptop computers. These batter- 
ies also facilitated the development and 
popularity of portable music players, and 
have become an integral part of industry 
transforming technologies such as digital 
photography and videography. 

The market for rechargeable lithium 
batteries has risen steadily since they were 
introduced in the early 1990s. Between 
1995 and 2002, the worldwide production 
of lithium-ion cells grew at an annual 
rate of approximately 100 000 cells per 
year, and at the time of this publication, 
annual worldwide production is nearly 
one billion cells valued at four billion 


US dollars [1], It has been estimated that 
in 2004 the US lithium battery market 
was valued at $2.1 billion [2]. Despite the 
magnitude of the US market, nearly all 
of the manufacturing capability for these 
cells is found in Japan, Korea, and China. 

It should also be noted that the demand 
for primary lithium batteries remains 
strong, particularly in military applica- 
tions where there is high demand for 
lightweight and disposable power supplies 
for portable electronic devices. In fact, the 
US General Accounting Office (GAO) has 
indicated that primary lithium batteries 
were one of seven items for which “supply 
shortages reduced operational capability 
and increased risk to [US] troops” [3]. 


11.2 

Secondary Lithium-ion Batteries 

The focus of this chapter is on the elec- 
trochemistry of alkali metals, not on the 
specific technological developments that 
have led to the successful production of 
rechargeable lithium batteries, but given 
the impact of this technology, a brief 
overview is warranted. The evolving story 
of commercially successful rechargeable 
lithium batteries describes the balance 
of safety with economic concerns, and 
the balance of fundamental science with 
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empiricism. In the last 15 years, many 
hurdles have been overcome to achieve 
the high-energy and power capacities an- 
ticipated for lithium-ion batteries in com- 
parison to Ni-Cd batteries. Because of the 
large cell potential, which is often greater 
than 3.6 V, a significant effort has been 
devoted to finding a stable and econom- 
ical solvent/electrolyte system with high 
ionic conductivity. Although there are now 
many variations, the use of LiPFg elec- 
trolyte in propylene carbonate (PC) has 
proven to be quite successful. Both can 
be obtained at modest cost in highly pure 
forms. Both are highly stable in the de- 
sired potential range, and although LiPF6 
is susceptible to the formation of hydrol- 
ysis products that can compromise cell 
performance, the device can be packaged 
such that water contamination is mini- 
mized. The breakthrough that enabled the 
reproducible recharging of lithium batter- 
ies was the implementation of graphitic 
anodes and cobalt oxide cathodes, which 
can reproducibly intercalate lithium ions. 
This “rocking chair technology” facilitates 
the migration (rocking) of lithium ions 
between the intercalating electrodes to pro- 
vide excellent mechanical and chemical 
stability on scales ranging from the macro- 
scopic to the atomic. These technologies 
were integrated by Sony, which marketed 
the first commercially successful lithium- 
ion battery in 1991. 

Since 1991, a significant research effort, 
in academia and in industry, has focused 
on fundamental science and on incremen- 
tal improvements of the technologies that 
have made Li-ion batteries a success. These 
incremental improvements have dispersed 
the ownership of the intellectual property 
over a large number of entities. In regard 
to the fundamental science of these cells, 
it is clear that both the structure of the 
electrodes and the mechanisms that allow 


them to function are highly complex. For 
example, the intercalating anodes exhibit 
an intricate morphology, which includes 
a passivation layer that is sensitive to sol- 
vent, electrolyte, and any impurities that 
may be present [4]. Solution additives can 
be introduced to attenuate deleterious side 
reactions or to stabilize the passivating sur- 
face layer [5]. Additionally, although their 
exact function is still unclear, the addition 
of chelates such as crown ethers may facil- 
itate the intercalation process and prevent 
unwanted side reactions by making the 
lithium ion a weaker electrophile [6]. Read- 
ers interested in a more thorough review 
of the design criteria for electrolyte solu- 
tions for lithium-ion batteries are directed 
to a review by Aurbach et al. [7]. Compre- 
hensive treatments of the research and 
development of primary and secondary 
lithium batteries can be found in a number 
of recent books [8-10]. 


11.3 

Standard Potentials in Aqueous Solutions 

In making a transition to a quantitative 
discussion of the electrochemistry of the 
alkali metals, we begin with a discussion 
of standard potentials. Table 1 provides a 
list of standard potentials for half-reactions 
that take the generic form found in Eq. (1) 

M+(aq) + e“ = M°(s) (1) 

where M + (aq) is an alkali metal cation, 
and M°(s) is a pure alkali metal. 

For the most part, the standard poten- 
tials shown in Table 1 have converged 
on values for which there is little uncer- 
tainty. With the exception of the francium 
couple, the first column of standard po- 
tentials is calculated from standard free 
energies of formation provided by the Na- 
tional Institute of Science and Technology 
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Tab. 1 Standard potentials (in V versus standard hydrogen electrode (SHE)) for 
alkali metals and their monovalent cations in water at 298.15 K 


Half-reaction 

E° (from AC 0 ) [1 1] 

E° (Lewis) [12] 

E° (measure) 

Li+ + e~ = Li° 

-3.040 

-3.027 

-3.040 [13] 

Na + + e“ = Na° 

-2.714 

-2.715 

-2.713 [14] 

K+ + e~ = K° 

-2.936 

-2.925 

-2.924 [15] 

Rb + + e“ = Rb° 

-2.943 

-2.924 

- 

Cs+ + e“ = Cs° 

-3.027 

- 

-2.923 [16] 

Fr+ + e“ = Fr° 

-2.9 [17] 

- 

- 


(NIST) [1, 2]. These values are in close 
agreement with those reported in the 
classic work of Latimer [18]. The second 
column of standard potentials shows val- 
ues measured by Lewis et al. [12]. These 
measurements, which were performed us- 
ing dilute alkali metal amalgams that 
were stable enough to be used in aque- 
ous solutions, have long served as the 
benchmarks for subsequent refined mea- 
surements. The final column shows more 
refined measurements of standard po- 
tentials for alkali metal couples in wa- 
ter [5-8], 

At first glance, the standard potentials 
listed in Table 1 are largely nondescript. 
All are quite similar, with the possible 
exception of the sodium couple, which 
might appear to be anomalously positive. 
These values are qualitatively consistent 
with the simple picture that develops 
upon consideration of the electronic struc- 
tures of the metals and their oxidized 
monovalent cations. Each of the metals 
exhibits an electronic structure that can 
be symbolized by (noble gasj/rs 1 , where 
the principal quantum number (n) ranges 
from 2 < n <7. For example, the elec- 
tronic structure for potassium is [Ar]4s J , 
that is, ls 2 2s 2 2p 6 3s 2 3p 6 4s 1 . Each of the 
alkali metals can easily lose one electron 
to give a stable monovalent metal cation 
that is isoelectronic with the noble gas 


immediately preceding it in the periodic 
table. To summarize, simple arguments 
based on chemical periodicity lead to the 
conclusion that the alkali metals are easily 
oxidized to monovalent cations, and that 
highly negative electrode potentials are re- 
quired to reduce these stable cations to 
their elemental forms. 

While the above description has quali- 
tative merit at an introductory level, it is 
important to recognize that the ground 
state electronic configurations apply to 
unassociated atoms. Ionization (oxidation) 
of a metal phase in a solvent produces sol- 
vated ions, and the stability of these ions 
is an important influence on the value of 
the standard potential. Descriptions of al- 
kali metal electrochemistry that are more 
informative than descriptions based on 
ground state electronic configurations and 
periodicity can be obtained by inspection 
of simple thermodynamic balance sheets. 
One scheme for assigning the contribu- 
tions to the oxidation process in solutions 
is shown in Fig. 1. 

The standard free energy of formation 
of a gaseous metal ion, AG£ (M + , g), can 
be viewed as the sum of the standard free 
energy of sublimation, AG^ (M°, g), and 
the free energy of ionization, AG° oniz . The 
standard entropy of a monatomic gas is 
very nearly equal to the standard entropy 
of its corresponding monatomic gaseous 
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Fig. 1 Formation of aqueous cation from element in its standard state. 


ion. Both are largely translational. Con- 
sequently the entropies of ionization of 
a monatomic gas are near zero, making 
AG° oniz nearly equal to IP (ionization po- 
tential), which is the measurable quantity 
described by Eq. 2. 

IP = A// f °(M+, g) - A// f °(M°,g) (2) 

For those who are interested in a more 
detailed explanation of Fig. 1, including a 
thorough review of the entropic contribu- 
tions, chapters in the two books by Marcus 
are highly recommended [19, 20]. 

The standard free energy of formation 
of the aqueous metal ion, AGf(M + (aq)), 


can be calculated using Eq. (3). 

AG?(M+(aq)) = AG?(M+(g)) + AG£ ydr 

( 3 ) 

Thermodynamic data relevant to the 
schematic diagram shown in Figure 1 are 
found in Table 2. Values relevant to the 
hydrogen electrode are also included for 
comparison. 

The information tabulated in Table 2 is 
provided on both the absolute and rela- 
tive scales. Note that if AG£(H + (g)) and 
A G° (H + , (hydr)) from Table 2 (1523.2 and 
— 1056 kj mol -1 , respectively on the abso- 
lute scale) are used in Eq. (3) to determine 
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Tab. 2 Contributions to standard free energy of formation of aqueous ions (kj mol ') [9, 10] 


Couple 

AG° 

<M+(g)) 

AC° 

(M°(t g)) 

Ionization 

potential 

AC EU 

( absolute ) 

AC EU 

(relative) 

AG° 

(M+(aq)) 

(absolute) 

AC° 

(M+(aq)) 

(relative) 

H/H+ 

1523.2 

203. 25 a 

1318 

-1056 

0 

467.2 

0 

Li/Li+ 

654.8 

126.66 

526 

-481 

575.2 

173.8 

-293.4 

Na/Na+ 

580.5 

76.76 

502 

-375 

680.7 

205.5 

-261.7 

K/K+ 

487.3 

60.59 

425 

-304 

752.5 

183.3 

-283.9 

Rb/Rb+ 

464.0 

- 

409 

-281 

775.1 

183.0 

-284.2 

Cs/Cs+ 

432.7 

49.12 

382 

-258 

798.4 

174.7 

-292.5 


a This is the bond dissociation energy for l+fg). 

AG°(H + (aq)), a value of 467.2 kj mol -1 
is obtained for the formation of H + (aq) 
from H 2 (g). 

H 2 (g) = 2H+(aq) + 2e" (4) 

If we adopt the usual convention that the 
half-cell potential for the cell in Eq. (4) 
is taken to be zero, then we also need 
to adopt a relative convention in which 
AG°(H + (aq)) is zero. Consequently, val- 
ues of AG£ ydr on the relative scale are 
taken to be +1056 kj mol -1 of AG^ dr 
on the absolute scale. The resulting val- 
ues of AGf (M + (aq)) on the relative scale 
are in good agreement with the standard 
potentials listed in Table 1. 

If we examine Table 2 in a stepwise 
fashion, proceeding from cesium to potas- 
sium, there is no information that stands 
out as being anomalous. The atoms with 
smaller atomic numbers have smaller 
atomic radii, and as the radii gradually 
decrease, the respective AG°(M°,g) in- 
crease. As the atomic radii decrease, the 
increase in AG^(M + , g) is offset to some 
extent by increasingly negative AGjJ^; 
thus AG^(M + (aq)) (and E°) remain es- 
sentially constant. It appears that the 
only exception to this trend might be 
AG°(Na + (aq)), but the unusually small 


value for the free energy of formation 
of Na + (aq) and the unusually positive 
standard potential for the Na°/Na + cou- 
ple are red herrings in recognizing the 
periodic trends. A more detailed consid- 
eration that includes H 2 /H + shows that 
Li°/Li + is the anomaly, not Na°/Na + . The 
IPs of Li°(g) and Na°(g) are quite similar, 
despite the fact that the atomic radius (r) of 
lithium (1.34 A) is much smaller than that 
of sodium (1.54 A). AG b (Li + (g)) is much 
smaller than might be expected on the ba- 
sis of a trend that includes AG^(H + (g)). 
Note that AG°(Li+(g)) - AG°(Na+(g)) is 
only 74.3 kj mol -1 , and of this amount, 
49.9 kj mol -1 is due to the larger AG° ubl 
of lithium compared to sodium. The small 
AG b (Li + (g)) can be attributed to the fact 
that shielding of the valence electron from 
the nuclear charge is much more efficient 
in lithium than in sodium. Indeed, the 
effective nuclear charge (often symbolized 
by Z e gf) is only 1.3 for lithium, but is 2.5 
for sodium; thus, Z e f j/r for lithium and 
sodium are more similar than might other- 
wise be expected, as are the IPs. The result 
is a standard potential for the Li°/Li + cou- 
ple that is more negative than might be 
expected on the basis of qualitative peri- 
odic trends from Cs°/Cs + to H 2 /H + . 
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n.4 

Temperature Dependence of Standard 
Potentials 

The standard potentials listed in Table 1 
are all at 298.15 K. Given that not all 
electrochemistry is done at 298.15 K, it 
is useful to consider the temperature 
dependence of the standard potentials 
for the alkali metals. The temperature 
dependence can be obtained from the 
change in entropy, which is given by 
Eq. (5). 


Table 3 provides entropies for those 
species that are needed to determine 
the temperature dependence of standard 
potentials for alkali metal redox cou- 
ples. All of these entropies were ob- 
tained from values published by NIST [11], 
The resulting temperature dependences 
agree well with values tabulated by 
Bratsch [17]. 


11.5 

Alkali Metal Hydrides 


n / dE\ 

AS=nF {3f) P (5) 

So, for the reaction of a generic alkali 
metal (M°) with hydrogen ions as shown 
in Eq. (6), 

M° + H+(aq) = ^H 2 (g) + M+(aq) (6) 


the temperature dependence of the stan- 
dard potential is given by Eq. (7). 



[5°(H + , aq) + 5 ,0 (M°)] 


~ S°(H 2 ,g) 

2 


5°(M+,aq) 


Lithium hydride and sodium hydride are 
the only alkali metal hydrides of much 
practical importance. They are useful when 
it is desirable for proton (or hydrogen 
atom) transfers to accompany electron- 
transfer events. Because these hydrides 
react quickly with water to form alkali 
metal hydroxides and hydrogen gas, they 
are frequently used as drying agents, 
particularly for hydrocarbons and ethers. 
Care should be exercised in using them 
to dry solvents that are not predried, and 
they should not be used to dry alcohols or 
halogenated solvents. 

Standard potentials for half-cells that 
take the following generic form, 


(7) M+(aq) + H+(aq) + 2e“ = MH(cr) (8) 


Tab. 3 Standard entropies for alkali metals and aqueous metal ions, and temperature 
dependences of their standard potentials 


Half-reaction 


S°(M° ) 

[1 mol~' 1 K -1 ] 

S°(M+,aq ) 

U mol~' 1 /T 1 ] 

( BE\ , 

(af) p ^ * 1 

H + (aq) + e~ 

= l/2H 2 (g) 

130.684 

0 

0 

Li + (aq) + e~ 

= Li° 

29.12 

13.4 

-0.514 

Na + (aq) + e~ 

- = Na° 

51.21 

59.0 

-0.758 

K + (aq) + e~ ; 

= K° 

64.18 

102.5 

-1.074 

Rb + (aq) + e~ 

= Rb° 

76.78 

121.50 

-1.141 

Cs+(aq) + e~ 

= Cs° 

85.23 

133.05 

-1.173 



are found in Table 4. Half-cell potentials 
for specific examples can be determined 
from the standard free energies of forma- 
tion of the relevant alkali metal hydrides 
and aqueous ions. The NIST tables are 
again useful for these determinations; 
however, the standard free energies of 
formation of KH, RbH, and CsH have 
not been measured reliably [11]. Conse- 
quently, estimates of standard potentials 
provided by Bratsch are listed for KH, 
RbH, and CsH [17]. The free energies of 
formation listed for KH, RbH, and CsH in 
Table 4 have been calculated on the basis 
of known free energies of formation of the 
aqueous metal ions and Batsch’s estimates 
of standard potentials. 

The information contained in Table 4 
can also be used to determine standard 
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potentials for other half-cells that contain 
alkali metal hydrides. Two alternative 
expressions take the following general 
forms 

M°(cr) + H+(aq) + e“ = MH(cr) (9) 
M+(aq)+ |H 2 (g) + e“ = MH(cr) (10) 

Standard potentials for specific exam- 
ples of these half-reactions are found in 
Table 5. 


The information in the preceding equa- 
tions can be summarized in a highly 
informative graphical form popularized 


11.6 

Pourbaix Diagrams 


Tab. 4 Standard free energies of formation and standard potentials for alkali metal hydrides 
in water 


Half-reaction 


AG° (MH,cr) 

[kj 

AG° (M+, aq) b 
[kj 

E° (V versus SHE) 

Li+ + H + + 2e~ 

= LiH 

-68.35 

-293.31 

-1.166 

Na+ + H+ + 2e 

“ = NaH 

-33.46 

-261.905 

-1.184 

K+ + H+ + 2e~ 

= KH 

— 34.3 a 

-283.27 

-1.29 [17] 

Rb+ + H+ + 2e~ 

- = RbH 

— 27.3 a 

-283.98 

-1.33 [17] 

Cs + + H+ + 2e~ 

' = CsH 

-29. 6 a 

-292.02 

-1.36 [17] 


^“Calculated on the basis of estimates of the standard potential found in the last column of 
this table. 

'“These same standard free energies of formation were used to calculate the standard 
potentials listed in Table 1. 


Tab. 5 Standard potential for hydridic half-cells containing alkali metals 


Half-reaction 


E°[V] 

Half-reaction 

E°[V] 

Li° + H+ + e~ 

= LiH 

0.708 

Li+ + 1 /2H 2 + e~ = LiH 

-2.331 

Na° + H + + e~ 

“ = NaH 

0.347 

Na+ + 1/2H 2 + e“ = NaH 

-2.368 

K° + H+ + e~ 

= KH 

0.355 

K+ + 1 /2H 2 + e~ = KH 

-2.58 [17] 

Rb° + H+ + e~ 

= RbH 

0.283 

Rb + + 1/2H 2 + e“ = RbH 

-2.66 [17] 

Cs° + H+ + e- 

= CsH 

0.307 

Cs + + 1 /2H 2 + e~ = CsH 

-2.72 [17] 
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Fig. 2 Potential-pH diagram for sodium. 


by Pourbaix [21]. In such displays, some- 
times called predominance-region plots, 
half-cell potentials are plotted versus 
pH to describe the redox behavior of 
the element of interest. The predom- 
inant species are usually clearly indi- 
cated in each region, the borders of 
which are formed by relevant half-cell re- 
actions or precipitation reactions. Such 
a diagram for sodium is shown in 
Fig. 2. 

Lines 1-3 in Fig. 2 were calculated on 
the following basis: 

Line 1. E ] = E\ - 0.0592 log a( H 2 ) 

- 0.0592 pH (11) 


where E° = 0 V and a(H 2 ) = 1. 

Line 2. E 2 = E\ + 0.0592 log o(Na+, aq) 

- 0.0296 pH (12) 

where E^ = —1.184 (from Table 4) and 
a(Na + ,aq) = 1. Cases where log n(Na + , 
aq) = —2, —4, —6 are shown as dotted 
lines. 

Line 3. E 2 = E\- 0.0592 log a( Na+, aq) 

(13) 

where = —2.714 V (from Table 1) and 
a(Na + , aq) = 1. 

On the scale at which these plots are 
usually made, potential-pH plots for the 
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other alkali metals are quite similar to 
that shown for sodium. Detailed plots can 
be prepared using information found in 
Tables 1 and 4, and equations analogous 
to Eqs (11-13). Pourbaix has compiled 
similar plots, which are slightly different 
in detail because they contain thermo- 
dynamic information that has now been 
refined [21]. 

11.7 

Amalgams 

The potentials of half-cells that are con- 
structed using amalgams are important 
whenever one is interested in performing 
reactions in a media in which hydrogen 
evolution at the metal-solution interface 
might interfere with the reaction of in- 
terest. Consequently, half-cell potentials 
for alkali metal amalgams are important 
to synthetic chemists and electrochemists 
alike. The standard potential for a metal 
amalgam in contact with a solution of its 
monovalent cation (£’°(M + /M(Hg))) can 
be related to that of the pure metal in con- 
tact with its monovalent cation (E 1 ^) as 
shown in Eq. (14) 

R T 

£°(M+/M(Hg)) = E° u + — log a( M+) s 
nr 

RT 

- -=■ lna(M(Hg)) (14) 

nr 

where a(M(Hg)) is the activity of the metal 
in the mercury amalgam and a(M + ) s is 
the metal ion activity in solution. The 
difference in these standard potentials can 
be used directly to calculate standard free 
energy of amalgamation for the reaction 
shown in Eq. (15). 

(15) 


A number of detailed thermodynamic 
comparisons of half-cells containing alkali 
metal and alkali metal amalgams are 
available. For example, Cogley and Butler 
examined cell potentials as a function of 
amalgam concentration for the cell shown 
below [22]. 

Li(s)|Li + , X“, DMSO|Li(Hg) (16) 

The cell design represented by Eq. (16) 
is noteworthy. For this cell, the activity 
of lithium ions in solution is irrelevant 
to the overall cell potential because both 
the anode and the cathode exhibit the 
same dependence on lithium-ion activity. 
Consequently, the cell potential can be 
written using the relatively simple expres- 
sion shown in Eq. (17), 

RT 

E = ^Li(Hg) - e° u - -y ln(*Li m) 

(17) 

where * s ^ le standard potential 

for the lithium amalgam, is the 
standard potential for solid lithium (see 
Table 1), Xu is the mole fraction of lithium 
in the amalgam, and yu is the activity 
coefficient of lithium in the amalgam. 
Other alkali metal amalgams can be treated 
in a similar fashion. Standard potentials 
and free energies of amalgamation for 
alkali metal amalgams are found in 
Table 6. For more detailed discussions of 
amalgam properties and thermodynamics, 
the reader is directed to peruse the works 
by Guminski et al. [23-25], 


11.8 

Formation of Binary Compounds 

Up to this point, most of the discussions 
in this chapter have focused on descrip- 
tions of electrochemical half-cells of the 


M(s) + Hg = M(Hg) 
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Tab. 6 Standard potentials (in V versus SHE) and free energies 
of amalgamation (in kj moH 1 ) for alkali metal amalgams and 
their monovalent cations in water 


Element 

^(Hg, m 

F° — F° 

c M(Hg) C M 

A C° . 

amalgam 

Li 

-2.195 

0.845 

-81.5 

Na 

-1.958 

0.755 

-72.8 

K 

-1.975 

0.949 

-91.6 

Rb 

-1.970 

0.973 

-93.9 

Cs 

-1.950 

0.974 

-94.0 


alkali metals. Of course, any redox event 
that includes such a half-cell must include 
at least one other half-cell, and the driv- 
ing force for the overall reaction depends 
on the potentials of both half-cells. Fur- 
thermore, the thermodynamics of coupled 
chemical reactions such as precipitations 
or complexations may have a profound 
influence on redox reactions. Such re- 
actions can even drive electron-transfer 
events that might otherwise be unfavor- 
able. A thorough review of this subject 
matter is far beyond the scope of this 
chapter, but a brief overview of a small 
subset is viable. The subset considered 
here is the formation of binary alkali metal 
compounds. Many of the compounds de- 
scribed can be prepared by direct reaction 
of an alkali metal with another species in 
its elemental form, but such procedures 
are frequently not the preferred synthetic 
routes. 

One informative means of organizing 
a discussion of binary alkali metal com- 
pounds is by group in the periodic table. 
The overview provided below begins with 
binary alloys formed with other alkali 
metals and ends with binary compounds 
formed with halogens. The focus is pri- 
marily on second row elements. More 
detailed discussions can be found in 
the books concerning inorganic chem- 
istry [26, 27]. 


Binary compounds do not form between 
any given alkali metal and another alkali 
metal, nor do binary compounds form with 
alkaline earth metals. However, a number 
of binary alloys do form, and the phase 
diagrams for these alloys exhibit a high 
degree of diversity. Phase diagrams for 
binary alloys of alkali metals with other 
alkali metals and with alkaline earth met- 
als can be found in a compilation edited 
by Massalski [28]; many other binary al- 
loys of the alkali metals are also included. 
Binary compounds containing alkali met- 
als and boron are quite rare. There have 
been apparently no reports of alkali metal 
borides until 1963 when the synthesis of 
NaB6 was first described [29]. Alkali metal 
borides are presently of little practical util- 
ity, but they provide valuable information 
in helping to discern periodic trends in 
chemical reactivity. For a more detailed 
review of this interesting class of com- 
pounds, the reader is directed to the works 
by Hagenmuller [30]. Alkali metals do not 
react with carbon to give saltlike structures 
with what are nominally C 4 ~ anions in the 
lattice. Instead, they form solids that are 
better described as acetylides containing 
C^ - anions. Alkali metal nitrides can be 
produced by a variety of methods, but only 
lithium reacts directly with N 2 to produce 
LhN. Sanderson has pointed out that the 
interaction between the nitrogen and the 



lithiums in LL 3 N has significant covalent 
character; hence, it is unlikely that the ni- 
trogen in this compound should be treated 
as a “true” nitride (N 3- ) ion [27]. Among 
the binary compounds formed by the al- 
kali metals, the compounds formed with 
oxygen are certainly the most diverse. The 
multiple formal oxidation states of oxy- 
gen in conjunction with size diversity of 
the alkali metal cations produces an in- 
teresting array of materials. The elements 
from sodium through cesium can form 
stable solid superoxides, which take the 
form MO 2 . All are very strong oxidizing 
agents. Lithium superoxide is not formed, 
possibly because of a strong interaction 
between oxygen and lithium, which weak- 
ens the oxygen-oxygen bond. All of the 
alkali metals burn in air to give perox- 
ides, but little Li 2 C >2 is formed because of 
the unusually high stability of LL 2 O. All 
of the alkali metal oxides are basic ox- 
ides, in other words, they react with water 
to give hydroxides. All of the hydroxides 
are highly soluble in water. Consequently, 
metal hydroxide phases do not appear in 
Pourbaix diagrams such as the one shown 
in Fig. 2. Binary compounds with lithium 
ions and small or highly charged anions 
are often more stable than analogs with 
the other alkali metals. In large part, this is 
due to the very high charge density of the 
lithium ion, which results in very large lat- 
tice energies for the resulting solids. LiH, 
like LL 3 N mentioned above, serves as an 
example. LiH is much more stable and 
generally much less reactive than NaH. Fi- 
nally, the well-known alkali metal halides 
exist largely as one to one compounds, all 
of which exhibit large lattice energies. The 
most notable exceptions are the triiodides, 
MI 3 , which increase in stability as one 
proceeds down the periodic table. 

Much of the phenomenology described 
above can be found in more quantitative 
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forms in Fig. 3 and in tables provided by 
NIST [11]. Figure 3 is designed to provide 
graphical representations of the periodic 
trends present for binary compounds of 
the alkali metals. The information is 
sorted by anion so that periodic trends 
can be identified more readily. All of 
the raw data used to construct the plots 
shown in Fig. 3 were previously tabulated 
by Reed [31]. The NIST tables provide 
additional thermodynamic data for those 
interested in detailed information or in 
performing their own thermodynamic 
calculations [ 11 ]. 


11.9 

Nonaqueous Solvents 

The electrochemical behavior described 
above has been limited to solid-state 
or aqueous systems. Such systems are 
certainly important because of their 
widespread applicability, but a signifi- 
cant amount of electrochemical research 
has been performed in nonaqueous sol- 
vents. The justifications for performing 
nonaqueous experiments are frequently 
straightforward. Many nonpolar or neu- 
tral compounds exhibit low solubilities in 
nonaqueous solutions, and one or more 
oxidation states of many redox couples are 
not stable in water. This reactivity can oc- 
cur because of the acidic nature of water, 
or because of its intrinsic basicity. Alter- 
natively, the reactivity can be caused by 
the strong solvating properties of water 
or to the fact that one or more oxidation 
states of a redox couple might be oxidized 
or reduced by water. Use of a nonaqueous 
solvent is frequently a convenient means of 
circumventing these problems. The prac- 
tical utility of nonaqueous electrochemical 
cells is particularly noteworthy in electroor- 
ganic synthesis and in the development of 
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Fig. 3 Temperature dependence of standard free energies of formation for binary compounds with 
alkali metals. 


high-energy batteries. Readers interested 
in more details are directed to a review, 
and the more than nine hundred refer- 
ences therein [32]. 

Unfortunately, in many nonaqueous sol- 
vents there is no completely unambiguous 
way of determining half-cell potentials. 
This ambiguity stems from the fact that 
the free energies of transfer (A G°) of 
individual ions from one solvent to an- 
other are not knowable. (It should be 
noted that no ambiguity necessarily ex- 
ists if one is content with comparing 
“whole-cell” potentials in different sol- 
vents. This is true because the free energies 
of transfer of dissolved salts are know- 
able.) Some type of extrathermodynamic 
assumption is usually necessary to com- 
pare half-cell potentials measured in one 
solvent to those measured in some other 
solvent. Popovich has provided excellent 


discussions of these extrathermodynamic 
assumptions [33], which appear to have 
converged such that reasonable estimates 
of AG]? for single ions can now be made. 

Marcus has tabulated A G° for a vari- 
ety of ions, from water to a variety of 
solvents [34]. Values for the alkali metal 
ions (AG]?(M + ,w^- s)) are included in 
Table 7. AG]?(Ag + , w^ CH 3 CN) are in- 
cluded for comparative purposes because 
the Ag/Ag + couple is a reliable refer- 
ence half-cell in a number of different 
solvents. AGffH+.w^- s) are included 
because they are needed to determine the 
influence that pH might have on half-cells 
containing alkali metals. These numbers 
are also useful in revealing important 
periodic trends. To provide a frame of 
reference in comparing the various ions, 
entries in Table 7 are sorted by AG°(Na + , 
w -*■ s). 
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Tab. 7 Free 

energies 

of transfer, AG t °(M+, 

w — > s) (in 

kj mol 

’) [34] 


Solvent 

H+ 

L/+ 

Na+ 

K+ 

Rb+ 

Cs+ 

Ag+ 

nh 3 

-97 

-35 

-17 

-12 

-13 

-15 

-100 

DMSO 

-19 

-15 

-13 

-13 

-10 

-13 

-35 

DMF 

-18 

-10 

-10 

-10 

-10 

-11 

-21 

FA 

-10 

-10 

-8 

-4 

-5 

-6 

-15 

EG 

-5 

0 

-2 

-2 

- 

- 

- 

THF 

- 

8 

0 

6 

5 

-7 

-3 

MeOH 

10 

4 

8 

10 

10 

9 

7 

Acetone 

- 

10 

10 

4 

4 

4 

-13 

PC 

50 

24 

15 

5 

-1 

-7 

19 

CH 3 CN 

46 

25 

15 

8 

6 

6 

-31 

Pyridine 

-28 

18 

16 

14 

13 

11 

-57 

PhCN 

- 

36 

21 

19 

15 

13 

-18 

MeN0 2 

95 

48 

32 

15 

11 

6 

21 

PhN0 2 

33 

38 

36 

21 

19 

18 

30 

CH 2 CI 2 

- 

- 

58 

32 

24 

22 

- 


DMSO: dimethyl sulfoxide; DMF: N. /V-dimethylformamide; FA: formamide; EG: 
ethylene glycol; THF: tetrahydrofuran; MeOH: methanol; PC: propylene carbonate; 
PhCN: benzonitrile; MeNC> 2 : nitromethane; PhN02: nitrobenzene. 


The AG° (M + , w — »■ s) for all of the alkali 
metal ions follow similar trends. Generally 
speaking, AG t °(M + ,w^- s) are thermo- 
dynamically favorable for transfers from 
water to solvents that exhibit large dielec- 
tric constants and large donor numbers. 
(See Ref. 35 for a discussion of donor 
numbers.) The transfers are generally un- 
favorable when made to solvents with 
small dielectric constants and small donor 
numbers. Furthermore, because ofits high 
charge density, lithium ion exhibits the 
largest range of AG°(M+,w^>- s). The 
properties of lithium ions that either 
stabilize or destabilize its presence in 
various solvents are exaggerated by its 
small size and large effective charge. The 
influence of solvent basicity is clearly 
evident, particularly for AG°(H + ,w— 
s) when the solvents are ammonia or 
pyridine; the Lewis acidity of the ions 
can also play an important role, as is 
evident for solvents that readily form 


coordinate covalent bonds with silver ions. 
Consequently, cell potentials (comprised 
of alkali metal half-cells measured versus 
a Ag/Ag + reference) in solvents such as 
pyridine, ammonia, and the nitriles, are 
significantly smaller than those measured 
in many other solvents, including water. 
Readers interested in a more detailed 
discussion of ion solvation in various 
solvents, including multiparameter fits to 
various ion and solvent properties, are 
directed to peruse the work by Marcus [36]. 

Finally, although the free energies of 
transfers found in Table 7 are quite use- 
ful in comparing cell potentials mea- 
sured in various solvents, these values 
are insufficient to adequately interpret 
potentials measured under many non- 
aqueous conditions. The primary reason 
for this difficulty stems from the manner 
in which AG°(M + , w — >■ s) is defined. For 
example, AG°(Na + ,w^- CH 3 CN) is as- 
sociated with the transfer of sodium ions 



348 


7 7 Alkali Metals 


in their standard state (i.e. at infinite in 
dilution water) to acetonitrile where they 
are also in their standard state (i.e. at in- 
finite dilution in acetonitrile). Since most 
electrochemical measurements are made 
under conditions where the ions are far 
from their standard states, and since meth- 
ods by which the actual conditions can 
be related to the standard state are infre- 
quently available in nonaqueous solvents 
(in other words, the activity coefficients for 
the ions in nonaqueous solvents are fre- 
quently not known), the contributions of 
individual half-cell potentials to the over- 
all cell potential are frequently ambiguous. 
Sadly, if fundamental research concerning 
the thermodynamic behavior of nonaque- 
ous electrochemical cells continues at its 
present rate, these ambiguities may re- 
main for decades. 
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12.1 

Syntheses of Coordination Complexes by 
Anodic Dissolution of the Metal 

Anodic dissolution of metals in the pres- 
ence of ligands allows the syntheses of 
various coordination complexes, and these 
have included examples of the prepara- 
tion of a limited number of titanium 
complexes. For example, anodic dissolu- 
tion of Ti in the presence of CO and 
cyclopentadienyl monomer is reported to 
yield [Ti(^ 5 -C 5 H 5 )2(CO)2] [1], This field 
has been reviewed but has not been ex- 
tensively developed since the early work of 
Tuck and coworkers [2, 3]. 


12.2 

Electrochemistry in Molten Salts 

The electrochemical reduction of TiCb 
and ZrCU, in chloroaluminate melts and 
other molten salt systems, to lower va- 
lent halides has been fairly widely stud- 
ied [4-7]. This has also been extended 
to studies of centered hexanuclear Zr 
halide clusters. Thus, ambient temper- 
ature AlCl3-l-ethyl-3-methylimidazolium 
chloride (ImCl) molten salts, both ba- 
sic (40/60 mol% AlCh/ImCl) and acidic 
(60/40 mol% AICI3 /ImCl), were used in an 
electrochemical investigation of clusters 


[(Zr 6 ZCli 2 )Cl 6 ]”“ (Z=Be, B, C, Mn, Fe); 
in basic melts, the clusters generally show 
two reversible reduction steps at poten- 
tials that are strongly dependent on the 
net charge on the cluster («— ) [8]. The 
electrochemistry of [Ti(/; 5 -C5H5)2Cl2] has 
also been examined in acidic and basic 
melts [9]. 


12.3 

Metallocene Systems 

Electrochemical studies of the Ti group 
of metals have been far and away, 
dominated by studies of metallocene 
complexes. The primary reduction of the 
dihalides [M()? 5 -CsH5)2X2] (M=Ti, Zr, or 
Hf) in nonaqueous solvents is a reversible 
single electron-transfer step to give the 
labile M(III) monoanions [10-12] from 
which a halide ligand can be reversibly 
displaced by a solvent or by a free ligand. 
For example, electrochemical reduction 
of [Ti^-CsHs^C^] in the presence of 
PMe3 gives the Ti(III) species [Ti(/y 5 - 
C5H5)2Cl(PMe3)] which can undergo a 
further reversible one-electron reduction 
with chloride loss and the formation of 
[Ti(; ? 5 -C 5 H 5 )2(PMe3)2] [13]. 

Various studies have examined the ef- 
fect of substituents of the cyclopentadienyl 
ring on electrochemical behavior [14-16]. 
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For example, in Zr(p 5 -C5H5_„Me„)2Cl2 
complexes, E° for the one-electron re- 
duction shifts to more negative values by 
0.071 V per methyl group for n = 1 - 4 . A 
deviation from this linear dependence is 
observed for Zr(p 5 -C5Mes)2Cl2, which is 
attributed to the steric hindrance between 
rotating CsMes ligands, which tend to 
decrease the angle between the cyclopenta- 
dienyl rings, and consequently the energy 
difference between the frontier orbitals 

[ 15 ]- 

Systematic studies of complexes with 
ansa bridges in which two rings are linked 
by a bridging group have been reported. 
For example, the electronic influence of 
unbridged and ansa-bridged ring sub- 
stituents on a zirconocene center has been 
studied by means of IR spectroscopic, elec- 
trochemical, and computational methods. 
The reduction potentials of the dichlo- 
ride complexes [Zr^-CsFUR^C^] (R = 
substituent) do not correlate well with 
Hammett cr(meta) parameters, thereby 
suggesting that factors other than the sub- 
stituent inductive effect also influence E°. 
Ansa bridges with single-atom linkers, for 
example [Me2C] and [Me2Si], exert a net 
electron-withdrawing effect, but the effect 
is diminished upon increasing the length 
of the bridge - with a linker comprising 
a three-carbon chain, the [CH2CH2CH2] 
ansa bridge becomes electron donating. In 
contrast to the electron-withdrawing effect 
observed for a single [Me2 Si] ansa bridge, a 
pair of vicinal [Me2 Si] ansa bridges exert an 
electron-donating effect relative to that of 
the single bridge. DFT calculations demon- 
strated that the electron-withdrawing effect 
of the [Me2C] and [Me2Si] ansa bridges is 
due to stabilization of the cyclopentadi- 
enyl ligand acceptor orbital, which subse- 
quently enhances backdonation from the 
metal. The calculations also indicate that 
the electron-donating effect of two vicinal 


[Me2Si] ansa bridges, relative to that of 
a single bridge, is a result of it enforc- 
ing a ligand conformation that reduces 
backdonation from the metal [ 16 ]. 

Mono and dialkyl complexes such as 
[Ti(/; 5 -CsH5)2Me2] also display reversible 
single electron reduction to the M (III) an- 
ions which can decay by the loss of the 
cyclopentadienyl anion [ 17 ]. An instructive 
review on molecular electrochemistry of 
metallocene dichloride and dimethyl com- 
plexes of group four metals emphasizes 
redox, photophysical, and photochemical 
properties of homologous bent metal- 
locenes, and a comparative analysis of a 
variety of electron-transfer induced trans- 
formations and ligand-to-metal charge- 
transfer excited states is given for bent 
metallocene complexes upon systematic 
variation of the identity of the metal ion 
(Ti, Zr, or Hf), ancillary 7 r, and mon- 
odentate a - (Cl, Me: linear correlations 
exist between energies of optical and 
redox HOMO-to-LUMO electron transi- 
tions) [ 18 ]. 

Titanocene units have been exploited in 
the formation of heterobimetallic com- 
plexes [ 19 ] and in the construction of 
organometallic macrocycles [ 20 ]. For ex- 
ample, bis(alkynyl) titanocene derivatives 
of the type ][Ti](C=CSiMe3)2), where [Ti] 
= Ti(p 5 -CsH4SiMe3)2, can act as r tweez- 
ers” for Cu (I) or Ag(I) complexes and 
electrochemical studies indicate a strong 
intramolecular interaction with the group 
1 1 metal held in place by the organometal- 
lic 71 tweezers [ 19 ]. Brief electrochemical 
studies of related bimetallic or polymetallic 
systems with ligating thiolate or phosphine 
appendages on the titanocene unit have 
also been reported [ 21 , 22 ]. 

There have been some electrochemical 
studies of monocyclopentadienyl Ti and Zr 
systems including [Ti or Zr (t^-CsHs^], 
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where R is a chelating phosphine ligand 
such as CH 2 PPh 2 [23, 24], 


12.4 

Porphyrin, Phthalocyanine, and Other 
Systems 

The electrochemical reductions of oxo-, 
peroxo-, ?? 2 -azobenzene, and phenylimido 
Ti(IV) porphyrin complexes have been 
described, and the mechanism of the two- 
electron reduction of the peroxo-species to 
the oxo (compound) established [25, 26]. 

A range of neutral, singly and dou- 
bly oxidized heteroleptic double-decker 
complexes of the type [M(IV)(P)(Pc)](«), 
where n = 0, +1, or +2, M=Zr or Hf, 
P = the dianion of octaethylporphyrin 
(OEP) or tetraphenylporphyrin (TPP), and 
Pc = the dianion of phthalocyanine, has 
been reported. Each oxidized or re- 
duced compound was characterized by 
UV-visible and/or EPR spectroscopy. The 
neutral compounds all undergo two re- 
versible ring-centered oxidations and two 
reversible ring-centered reductions. The 
redox potentials were found to depend 
upon the type of macrocycle. They also 
vary with the size of metal ion in the 
case of oxidation but not in reduction, 
where E° values are relatively unaffected 
and shift by only 20-40 mV upon going 
from Hf(P)(Pc) to Th(P)(Pc), as compared 
to a much larger 220-280 mV shift be- 
tween E° for the first oxidation of the 
same compounds [27]. 
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13.1 

Introduction 

This chapter primarily covers studies of the 
electrochemistry of vanadium, which have 
appeared in the literature during the period 
1985-2005. The material is organized on 
the basis of the oxidation state of the 
starting complex and is not meant to be 
an exhaustive review. Cyclic voltammetry 
(CV) studies outnumber other methods of 
electrochemistry for the study of vanadium 
complexes, and redox potentials will be 
reported as referenced to the Cp 2 Fe°/ + 
couple in the appropriate solvent except as 
noted [1], 

The known electrochemistry of coordina- 
tion complexes of vanadium covers a range 
of eight oxidation states, fromV(-II) to 
V(V). “Soft” ligands such as arene, tropy- 
lium, and cyclopentadienyl groups are 
often found in low-valent V complexes, that 
is, V(0), V(I), and V(II). To obtain negative 
oxidation states, strong tt -acidic ligands 
such as RNC, CO, and CN - are neces- 
sary. Many organometallic species have 
reversible reduction chemistry, which re- 
sults in oxidation states as low as V(-II) 
being formed reversibly at an electrode sur- 
face on the cyclic voltammetry timescale. 

Higher oxidation states are stabilized 
by “hard” ligands, which often have N- 
or O-atoms as donor atoms. Examples 


include the triazanonane ligands, and 
biochemically relevant groups such as 
carboxylates and pyrazole rings. A large 
section of high-oxidation state vanadium 
chemistry deals with oxovanadium species 
for which VO(IV)- and VO (V) -containing 
species are the most common. Some 
imidovanadium complexes have also been 
examined. 

The standard aqueous redox chemistry 
of vanadium and the other group 5 ele- 
ments is summarized in the Latimer dia- 
grams shown in Fig. 1 [2]. Under standard 
acidic aqueous conditions, the stability of 
the +5 oxidation state increases for the 
heavier group 5 elements at the expense of 
the +4 and +3 states. 


13.2 

Vanadium(l) and Lower 

Fewer electrochemical studies have been 
performed on low-oxidation- state com- 
plexes of vanadium, compared to higher 
oxidation states. Complexes in oxidation 
states lower than V(I) are limited to those 
which contain ligands such as strong 
jz acids (CO and RNC), arenes, or tropy- 
lium. For example, the [Cp 2 Co][V(CO) 6 ] 
salt contains V(-I) which undergoes a re- 
versible oxidation at —0.54 V in CH 2 CI 2 
to form the 17-electron V(0) species [3]. 
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Fig. 1 Latimer diagram for the aqueous chemistry of the group 5 elements. 


Congeneric Nb species are known [4]. A 
(trimpsi)V(NO)(CO )2 complex (trimpsi = 
'BuSi(CH 2 PMe 2 ) 3 ) has been reported [5] 
which undergoes a reversible oxidation 
to the cationic V(O) complex at —0.74 V 
versus Cp 2 Fe/CH 2 Cl 2 and a second, irre- 
versible oxidation at 0.61 V. More highly 
reduced complexes of vanadium have been 
prepared, but their electrochemistry has 
evidently not been explored. The electro- 
chemical synthesis of CpV(CO )4 from a 
vanadium anode, cyclopentadiene, and 115 
bar of CO at 100 °C in DMF has been 
reported [6]. 

Some work has been performed with 
bis (arene) vanadium and bis(heteroarene) 
vanadium complexes [7-10]. As indicated 
for the selected complexes shown in 
Table 1, replacement of benzene by phos- 
phabenzene and arsabenzene lowers the 
reduction potential. This counterintuitive 
result has been explained in terms of 
a greater positive charge on the metal 


arising from loss of tt -orbital degeneracies, 
higher dipole moments, and the increased 
electron affinity of the ligand relative to 
benzene. Alkyl substituents on these rings 
appear to have the expected effect on redox 
potentials, and substituents with heavier 
(yet electron-rich) atoms have little ef- 
fect on oxidation potentials but facilitate 
reduction. 

The (i/ 6 -QJ! 5 PMe 2 )V complex is coor- 
dinated to the CpMn(CO) fragment as a 
bidentate diphosphine ligand and its re- 
duction becomes irreversible with E pc = 
—2.68 V. On the other hand, the V-based 
oxidation is hardly affected, shifting 30 mV 
to values more negative. 

A growing body of work deals with 
CpV(cycloheptatrienyl) complexes and 
derivatives, which are formally V(0), if 
the cycloheptatrienyl (tropylium) ligand is 
considered to have a +1 charge [11-13]. 
The parent complex has a facile reversible 
oxidation (—0.17 V) in THF but it cannot 
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Tab. 1 Redox potentials of some bis(arene)vanadium complexes in DME versus SCE 




-/ 0 -2.71 -2.52 -2.58 -1.99 -2.25 -2.02 

0/+ -0.35 -0.27 -0.33 0.18 -0.10 0.10 

+/2+ 0.24 a na 0.58 a 1 ,02 a 0.86 a 0.87 a 


a lrreversible: E pa only. 

be reduced within this solvent’s potential 
window. The Nb and Ta congeners have 
even more facile oxidations (—1.18 and 
— 1.54 V, respectively) because they form 
THF adducts. The Nb complex can be 
reduced, but the Ta complex cannot. 
The question of tropylium bonding to 
the group 5 metals and the difference 
in electrochemistry were explored with 
photoelectron spectroscopy [14], and it was 
concluded that although the bonding in 
these complexes is hard to describe via 
an oxidation state formalism because of 
extensive delocalization of d electrons onto 
the ligand, it is not inappropriate to call 
tropylium a trivalent ligand attached to a 
d 1 complex. 

13.3 

Vanadium(ll) 

Electrochemical studies on V(II) com- 
plexes have been relatively few compared 
to the quantity of work on higher oxidation 
states. The recent discovery of a general 
synthesis has improved the availability 
of data on derivatives of vanadocene [15, 
16]. For example, Ef~ values of L 2 V de- 
crease in the order L = indenyl (—2.38 V 
versus Cp 2 Fe/THF)> Cp (—2.72 V versus 


Cp 2 Fe/THF)> Cp* (<— 3.0 V versus 
Cp 2 Fe/THF), the latter being outside the 
observable solvent window [17]. Coordina- 
tion of the jr-acid CO to these vanadocenes 
moves their reduction potentials to more 
positive values by ca 0.4 V, consistent 
with the CO ligand’s n -acidic proper- 
ties. For indenyl derivatives, ring-slippage 
plays a role in the electrochemical conse- 
quences of electron transfer. On the CV 
timescale, (Ind) 2 V(CO )2 displays two ap- 
parently Nernstian reductions at Ef~ = 
— 1.06 and —1.58 V versus Cp 2 Fe/THF, 
but chemical reduction with sodium naph- 
thalenide results in the formation of 
(Ind)V(CO )4 and V(CO)[“ as the only char- 
acterized products [17]. 

A bimetallic vanadocene analog (Fig. 2) 
where a cyclooctatetraendiyl ligand is co- 
ordinated r/ s - to each V atom was studied 
at — 38 °C and shown to have a reversible 
reduction at very negative potentials [18]. 
If the Cp ligands are bound together by a 
short bridging group as shown in Fig. 2, 
then there is a reversible oxidation at mild 
potentials, otherwise the oxidation is irre- 
versible. There is also a second, irreversible 
oxidation. The electrons involved in the ox- 
idation reactions come from the V~ V bond 
which explains the destabilization of these 
structures upon oxidation. 
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Fig. 2 syn-Cyclooctatetraendiyl 
complex. X = Si Me 2 , GeMe 2 , 
SnMe 2l 2H. 


Air and moisture stable tricarbade- 
caboranyl (CH 3 C 3 B 7 H 9 ) analogs of 
vanadocene, which possess only one un- 
paired electron have recently been re- 
ported [19]. The five forms obtained differ 
in the enantiomeric form of the tricarbade- 
caboranyl ligand, the relative orientation of 
the two ligands, or the position of methyl 
groups on the ligands. These complexes 
have redox features which are much more 
positive (e.g. the reduction is 2.9 V more 
positive) than the corresponding features 
of Cp 2 V, a feature attributed to the abil- 
ity of the ligand to stabilize metals in low 
oxidation states. 

The six-coordinate octahedral polypyri- 
dyl [V(bipy)(terpy)L]"+ complexes (bipy = 
1, 8 -bipyridine, terpy = terpyridine; L = 
Cl - : n = +1; L = H 2 0, MeCN: n = +2) 
were found to undergo major structural 
changes upon le“ oxidation to form 
species which are susceptible to further 
oxidation to V(IV) [20, 21]. 

A study of an extensive set of 
pyridine complexes was conducted 
using voltammetry [22]. The com- 
plexes [V(py) 4 L 2 ], V(Et-py) 4 L 2 ], [V(py) 6 ] 2+ , 
[V(py) 5 ] 2+ , [V(py) 4 ] 2+ were prepared 

or studied in situ in pyridine (py = 
pyridine, Et-py = X-ethylpyridine). These 
compounds undergo either reversible or 
irreversible one-electron oxidations as did 
the [V(CH 3 CN) 6 _„L„]+ 2 -' ! (« = 0, 2, 4) 
and a set of V(dmpe) complexes. It was 
found that the affinity of the ligand L for the 
V(II) oxidation state could be determined 
from the values which varied in the or- 
der L = CF 3 SO 3 - < I - < SCN - < Br“ < 


A1H 4 “ < BH 4 “ < Cl - < Ph“ < N 3 “ < 
H - . This order corresponds to increasing 
affinity for V(II). 


13.4 

Vanadium(lll) 

Electrochemically characterized V(III) 
species are plentiful relative to the paucity 
of complexes which have been examined 
in lower oxidation states. Such species 
have been characterized in aqueous, 
nonaqueous, and ionic solvents. 

In contrast to the facile reduction 
of aqueous V(III) (—0.26 V versus 
NHE) [23, 24], coordination of anionic 
polydentate ligands decreases the 
reduction potential dramatically. The 
reduction of the seven-coordinate capped- 
octahedral [23] [V(EDTA)(H 2 0)]“ complex 
( E = —1.440 V versus Cp 2 Fe/H 2 0) has 
been studied extensively [25,26]. The redox 
reaction shows moderately slow electron- 
transfer kinetics, but is independent of 
pH in the range from 5.0 to 9.0, with 
no follow-up reactions, a feature that 
reflects the substitutional inertness of 
both oxidation states. In the presence of 
nitrate ion, reduction of [V(EDTA)(H 2 0)] _ 
results in electrocatalytic regeneration 
of this V(III) complex. The mechanism 
was found to consist of two second- 
order pathways - a major pathway due 
to oxidation of V(II) by nitrate, and a 
minor pathway which is second order in 
nitrate. This mechanism is different from 
the comproportionation observed during 
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the stepwise two-electron reduction of the 
V(IV)-EDTA complex in the presence of 
nitrate [27]. The redox potentials ofa series 
of V(III) complexes of EDTA analogs 
have also been measured [23] and they 
occur at comparable potentials. The values 
of A H° and A S° for the reduction of 
[V(EDTA)(H20)]“ have been measured by 
voltammetric methods to be 72 kj mol -1 
and —85 J mol -1 K -1 respectively [23]. 

Vanadium complexes with polydentate 
ligands, which have all-nitrogen or mixed 
nitrogen/oxygen-donor ligand sets, have 
been especially popular. V(III) complexes 
with amine/phenolato or catecholato lig- 
and sets have biochemical relevance [28, 
29]. For amine -phenolato complexes, 
as the number of O-atoms in the co- 
ordination sphere of the V atom in- 
creases, the V(III/IV) couple shifts to 
more negative values [28]. These hard- 
donor atoms bind well to V(III), which 
is a hard Lewis acid [30]. Many of these 
complexes adopt octahedral coordination 
geometry, but a fair number of trigo- 
nal prismatic complexes have also been 
observed. 

One interesting octahedral complex is 
based on the A r ,A , ,A,A r, -bis[(2-hydroxy 
benzyl) (2-methylpyridyl)]ethylenediamine 
ligand (BBPEN), a derivative of the com- 
mon Schiff base called salen [31]. The 
[V(BBPEN)]PF6 complex has the four 


nitrogen donor atoms in the same plane 
and the phenolate O-atoms are located ax- 
ially. This complex is unusual (but not 
unique) among V(III) species in that 
it displays three apparently Nernstian 
electron-transfer processes. The data sug- 
gests that the V(II) to V(V) oxidation states 
are accessible apparently without major 
structural changes. The dianionic ligand 
shifts the V(II/III) couple to —1.79 V 
versus Cp2Fe/MeCN, but the V(III/IV) 
couple is much more facile (0.27 V ver- 
sus Cp2Fe/MeCN), and even the V(IV/V) 
couple can be observed (1.11 V versus 
Cp 2 Fe/MeCN). 

Another popular ligand motif has been 
the 2.2.2-triazanonane ligand (TAN) and 
its derivatives. This ligand coordinates in a 
fac-octahedral fashion to V(III) centers. In 
such complexes, these ligands leave three 
coordination sites vacant. The N,N',N"- 
tris(f-butyl)-2.2.2-triazanonane ligand co- 
ordinates to VCI3 to form a labile octa- 
hedral complex, which has a Nernstian 
oxidation at 0.78 V versus Cp2Fe/MeCN 
and irreversible reductions at —0.64 and 
— 1.46 V versus Cp2Fe/MeCN. Chelation 
stabilizes a wider range of oxidation states 
of the TAN -derived compounds. An ex- 
ample of one of a series [32, 33] of 
hexadentate ligands is shown in Fig. 3. The 
octahedral V complex made with this lig- 
and has three apparently Nernstian redox 


f-Bu 



Fig. 3 A hexadentate 
triazacyclononane ligand 


O 
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processes at 0.38, —0.50, and —2.41 V ver- 
sus Cp 2 Fe/MeCN due to the V(IV/V), 
V(III/IV), and V(III/II) couples respec- 
tively. This trianionic ligand shifts the 
now-reversible V(III/II) couple to con- 
siderably more negative potentials, but 
also stabilizes the V(IV) and V(V) ox- 
idation states. Bimetallic examples are 
also known. An example is the dimetallic 
[(TAN)Cr(/L4-0)(/Li,-CH 3 C0 2 )V(TAN)] com- 
plex which has an oxidation at — 0.63 V 
versus Cp 2 Fe/MeCN [34] and which dis- 
plays strong ferromagnetic coupling be- 
tween the two vanadium centers. Pro- 
tonation of the complex at the oxo- 
ligand makes the reduction more facile 
(E?' = - 1.29 V versus Cp 2 Fe/MeCN). 
The vanadium-based redox processes on 
the analogous V 2 (Ef~' ( ox) = —0.26 V, 
E? ' (red) = -2.11 V), Cr 2 , and RuV 
(E?'( ox) = -0.18V, E?'( ox) = -2.08 V 
versus Cp 2 Fe) complexes [35] have also 
been studied. Cyclic ligands which con- 
tain four N-donor sites have also been 
studied [36]. 

The redox potentials of trigonal 
prismatic complexes span a similar 
range as that observed for octahe- 
dral V(III) complexes. The complexes 
V(bpy)(Cl 4 Cat) 2 (bpy = 2, 2 , -bipyridine, 
CLjCat = tetrachlorocatecholato) and 
V(bpy)(acac)(Cl 4 Cat) have V(III/II) cou- 
ples at —1.74 and —1.75 V versus 
Cp 2 Fe/MeCN respectively. The V(III/IV) 
couples are —0.35 and —0.50 V, respec- 
tively, values which are comparable to the 
octahedral TAN complexes above. How- 
ever, the V(IV/V) couples are at 0.92 and 
0.06 V versus Cp 2 Fe/MeCN respectively, a 
significant difference when compared to 
the other two couples [28]. 

Octahedral “scorpionate” complexes 
of the [HB(pz) 3 ]“ (Tp) and [HB(3,5- 
Me 2 pz) 3 ]“ (Tp*) ligands (pz = pyrazole, 
3, 5-Me 2 pz = 3, 5-dimethylpyrazole) have 


been prepared and studied using 
voltammetry [37]. The [Tp' 2 V]BPh 4 (Tp' = 
Tp, Tp*) complexes show reversible 
features in their voltammograms (Ef~ = 
—0.42 (Tp) and —0.68 (Tp*) V versus 
Cp 2 Fe/CH 2 Cl 2 ) and can be reduced to 
the neutral V(II) complexes, which appear 
stable on the bulk electrolysis timescale. 
The values of Ef~ were found to be solvent 
dependent. On the other hand, while the 
Tp'VCl 2 (DMF) complexes show reversible 
oxidation behavior by voltammetry (Ef^ = 
1.28 (Tp) and 1.22 V (Tp*) versus 
Cp 2 Fe/CH 2 Cl 2 ), bulk electrolysis revealed 
the V (IV) species to be unstable over longer 
time periods. However, the presence of 
an oxo-ligand, as in Tp , V(0)Cl(DMF) 
and Tp'V(0)(acac)(DMF) (acac = 2, 4- 
pentanedionate) stabilizes the V(IV) and 
V(V) oxidation state considerably (1.07 > 
Ef' > 1.21 V). It appears that TpV 
complexes with anionic (Ph0) 2 P0 2 “ 
ligands which bridge to other metal 
complexes have reversible V(III/II) 
reduction features [38]. 

The highly distorted octahedral complex 
[mer-V(pic) 3 ] (pic = picolinic acid, a tryp- 
tophan metabolite) oxidizes over time to 
the [VO(pic) 2 ] complex in aqueous solu- 
tion [39]. Conductivity measurements re- 
vealed that the species is a nonelectrolyte, 
and voltammetry indicated a reversible 
oxidation at 0.635 V and reduction at 
— 1.01 V versus Ag/AgCl, values which 
are more positive than usually observed 
for comparable complexes. This feature 
was attributed to delocalization of d elec- 
trons [39]. 

It is possible for an appropriately 
designed ligand to force a seven-coordinate 
pentagonal bipyramidal structure upon 
a V(III) complex. An example is the 
Schiff-base ligand shown in Fig. 4 [40]. In 
the [VLC1 2 ]C1 complex the five nitrogen 
donor atoms are in a single plane and 



Fig. 4 A planar pentadentate 
ligand. 
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there are two axial Cl - ligands. This 
cationic complex has a single reduction 
at —0.97 V versus Ag/AgCl/DMSO, which 
is comparable to that of the anionic EDTA 
complex described above. 

Stereoisomerism in a ligand set can 
have a profound influence on the observed 
electrochemical behavior of pentagonal 
bipyramidal structures. For example, a 
set of dinuclear V(III) complexes with 
bridging oxo ligands, benzoate ligands, 
and specially designed bridging heptaden- 
tate ligands (Fig. 5a) was examined [41]. 
Two isomers of a distorted pentagonal 
bipyramidal species were examined elec- 
trochemically. The first was characterized 
by single crystal X-ray diffraction to have 
the structure depicted in Fig. 5b [41], and 
the second appeared to be an isomer where 
coordinated carboxylate and pyridyl groups 


had exchanged places. Interestingly, this 
small structural change results in signifi- 
cant changes in the redox chemistry. The 
isomer shown in Fig. 5b has two reversible 
oxidation features evident in CV studies 
(Ef~ = 0.65, 1.02 V versus Ag/AgCl in 
MeOH); however, its stereoisomer has two 
irreversible features under the same condi- 
tions (Ef~ = 0.81, 1.22 V versus Ag/AgCl 
in MeOH). No reductions were reported in 
this system; however, another bimetallic 
pentagonal bipyramidal complex based on 
the ligand shown in Fig. 6 with axial H 2 O 
ligands displayed two closely spaced reduc- 
tion features at mildly negative potentials 
(-1.19 V versus Cp 2 Fe/MeCN) [42], 
Organometallic derivatives of V(III) are 
somewhat rare. The Cp 2 VBr and Cp* 2 VBr 
complexes undergo irreversible oxidation 
processes at 0.40 and 0.31 V versus Cp 2 Fe 



Fig. 5 Pentagonal bipyramidal 
complexes. 


(b) 


V 2 (hpnbpda) 2 
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Fig. 6 A planar pentadentate 
Schiff-base that forms bimetallic 
complexes. 


respectively. The Cp 2 VCl species was in- irreversible oxidation at £ pa = — 1.35 V 
vestigated previously [43]. Coordination of versus Cp 2 Fe/THF results in regeneration 
tetracyanoethylene to these complexes re- of V(mes) 3 (TFIF) [47]. 
suits in oxidation to the V(IV) species, V(III) complexes with sulfur-containing 
as indicated by EPR measurements [44], ligands are somewhat rare. An 
but the resulting Cp 2 VBr(TCNE) and example is the (NEt 4 ) 2 [V 2 (dte) 4 ] salt 
Cp 2 * VBr(TCNE) complexes are then more (dte = 1,2-dithiolatoethane) [48], which 
difficult to reduce (£ pc = —0.75 and can be oxidized by the strongly 
—0.93 V versus Cp 2 Fe respectively). Three coupled (A£> 450mV) mixed-valence 
[L 2 V(VO) 2 ] PF 6 derivatives (L = indenyl, V(III) /V(IV) species at Ef' = — 0.48 V 
Cp, Cp*) have been investigated [45,] and versus Ag/AgCl/MeCN. 
while their reduction potentials decrease in A series of [V 3 (jU 3 - 0 )(/r 2 - 02 CR) 6 L 3 ]ClC >4 
the order L = indenyl > Cp > Cp*, only complexes (R = Me, Et, 4-anisole; L = 
the indenyl derivative (Ef~ = — 1.06 V pyridine, 4-picoline, lutidine) has been 
versus Cp 2 Fe/THF) showed chemically prepared as models for V-containingimpu- 
reversible electrode kinetics. The [Cp*V(/r- rities in crude oils [49]. These complexes 
Cl) 2]3 cluster has a reversible oxidation at feature octahedral geometry around each 
0.5 V versus Cp 2 Fe/THF, but the electrode V atom, which are bridged symmetrically 
kinetics appear very slow with A E p = by the carboxylate groups. At the center 
400 mV [46]. of the cluster is a trigonal-planar O atom. 

The V(mes) 3 (THF) (mes = mesityl) These compounds undergo Nernstian re- 
complex displays a reversible oxidation ductions in the range —1.32 to —1.61 
at —0.25 V versus Cp 2 Fe/THF, and a V versus Cp 2 Fe/CH 2 Cl 2 , values that ap- 
reversible reduction at —2.50 V versus pear to be more facile than monomeric 
Cp 2 Fe/THF although the latter appears complexes with similar ligand sets. At 
to have slow electrode kinetics [47]. If the high scan rates, reversibility was ob- 
atmosphere is switched from Ar to N 2 , served for the oxidations (0.46 — 0.77 V 
new electrochemical features appear. CV versus Cp 2 Fe/CH 2 Cl 2 ) in the CV scans, 
and bulk electrolysis studies showed that A second, irreversible reduction was also 
the new electrode product was [(mes) 3 V — observed at —1.7 to —1.9 V versus 
N = N — V(mes) 3 ] 2- . This species can be Cp 2 Fe/CH 2 Cl 2 - 

oxidized to a monoanion at —2.25 V versus No redox features are observed for 
Cp 2 Fe/THF and reduced to a trianion at VCI 3 dissolved in l-ethyl-3-methyl-l//- 
—2.81 V versus Cp 2 Fe/THF. Attempts to imidazolium chloride (EMIQ/AICI 3 until 
generate the trianion by bulk electrolysis excess Cl - is added. The main species 
result in decomposition, but both the formed appears to be [VClg] 3- , although 
anion and dianion yield ammonia and [VCI 5 ] 2 ' and [VCI 4 ] - are also present, and 
hydrazine upon proto nolysis. The anion’s these species may be oxidized reversibly 




at 1.00, 1.23, and 1.33 V versus Al wire 
in 0.4 EMIC/0.6 AICI 3 melt. Oxidation 
of V(III) under these conditions appears 
to yield V(IV) complexes as indicated by 
spectrophotometry [50]. 


13.5 

Vanadium(IV) 

Analytical techniques such as adsorptive 
stripping voltammetry rely on complex 
formation to improve detection limits of 
metals such as V(IV) and V(V) [51]. An 
example is in the use of cupferron and 
KBr 03 as additives to acidic aqueous solu- 
tions, which result in the adsorption of the 
V(V) -cupferron complex to the electrode 
surface that catalyzes the reduction of the 
Br 03 _ ion in solution. This technique has 
good selectivity over Cu, Pb, Cd, Fe, and 
Ti, but the response is dependent on pH. 

A series of enterobactin analogs has 
been prepared as structural analogs to 
Fe(III) complexes. These species have 
facile oxidation processes (Ef = —0.53 
to — 1.00 V versus Cp 2 Fe/DMF) and are 
based on three catecholato ligands joined 
to a central aromatic ring (Fig. 7) or 
nitrogen atom by amide bridges [52]. The 
parent [V(cat) 3 ] 2- (cat = 1,2-catecholato) 
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species has reversible oxidation and reduc- 
tion processes at —0.42 and —1.24 V versus 
Cp 2 Fe/MeCN, respectively [53], and so 
the electron withdrawing effect of the 
carbonyl substituents on the catecholato 
ligands moves the V(IV/V) couple to 
more positive potentials. Similarly, a com- 
parison of compounds with catecholato- 
and 3,5-di-f-butylcatecholato ligands found 
that substitution by the more electron- 
releasing t -butyl groups moved the re- 
dox potentials to more negative values 
by 0.35 V [53]. In contrast, substitution 
of the methyl groups on the acac lig- 
and (acac = 2,4-pentanedionato) results in 
little change from the redox potential 
observed for the [V(acac) 3 ] +/, ° couple at 
— 1.30 Vversus Cp 2 Fe/MeCN. Mixed dion- 
ato/catecholato complexes displayed the 
same trend. 

Interestingly, a homoleptic 2-mercapto 
phenolate complex Jac-[V(mcp) 3 ] 2- can 
be prepared from VO(acac )2 (as can 
the catecholato analog) by displacement 
of the acac and oxo ligands [54]. 
Similar to the catecholato complex, the 
structure is described as octahedral 
distorted toward trigonal prismatic. The 
redox features of this compound appear 
at values more negative than its 
catecholato analog. The Nernstian V(IV/V) 


R 1 



Fig. 7 An enterobactin analog. 


R 2 = H, Me, Et 
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Fig. 8 Tridentate 
azo(2-phenolate) ligand. 


oxidation occurs at Ef' = —0.27 V versus 
Ag/AgCl/MeCN, but this complex has 
an irreversible reduction at —1.08 V 
versus Ag/AgCl/MeCN. The irreversibility 
of this reduction is unexpected, given 
the reversibility of the catecholato and 
maleonitriledithiolate (vide infra) analogs. 

V(IV) complexes that are coordinated by 
six sulfur donor atoms are also known. 
For example, [AsPh 4 ] 2 [V(mnt) 3 ] (mnt = 
maleonitriledithiolate) displays three re- 
dox features on cyclic voltammetry, which 
correspond to the reversible V(V/IV), 
V(IV/III), and quasireversible V(III/II) 
couples at 0.17, —0.87, and —2.12 V versus 
Cp 2 Fe/CH 2 Cl 2 [55]. The surface normal- 
ized incident Fourier transform infrared 
spectroscopy (SNIFTIRS) spectroelectro- 
chemical technique was used to determine 
that the extent of x r bonding of the mnt 
ligand increases as the metal’s oxida- 
tion state is lowered through examination 
of the v(CN) frequencies in the various 
oxidation states. This technique was par- 
ticularly effective in the determination of 
the spectral features of the short-lived V (II) 
species. 

As for V(III), trigonal prismatic com- 
plexes, and trigonally distorted octahe- 
dral complexes are not uncommon for 
V(IV) [56]. The ligand set exerts a stronger 
influence on the redox potentials, whether 
the coordination geometry is octahedral or 
trigonal prismatic, at least to a first ap- 
proximation. A series of compounds made 
with tridentate and tetradentate ligands 
with N- and O-donor atoms such as the 
azophenol derivative shown in Fig. 8 has 
both reversible oxidations and reductions. 


The former E f' values range from 0.51 
to 0.92 V versus Cp 2 Fe/CH 2 Cl 2 and the 
latter from 1.09 to 1.32 V. 

A variety of vanadocene-derived 
organometallic species has been studied by 
electrochemical means. Cp 2 VCI 2 has been 
studied under a variety of conditions [57]. 
In MeCN, the oxidation appears well 
behaved by CV, but rotating-disk and 
channel-electrode voltammetry studies 
show that the oxidized complex undergoes 
follow-up chemistry shown in Eqs (1-3): 

Cp 2 VCl 2 > [Cp 2 VCl 2 ] + + e“ 

Ei /2 = 1.00V versus SCE/MeCN (1) 
Cp 2 VCl 2 + MeCN 

» [Cp 2 VCl(MeCN)]+ + Cl- (2) 

[Cp 2 VCl(MeCN)]+ 

» [Cp 2 VCl(MeCN)] 2+ + e“ (3) 

However, these studies also noted pho- 
tocurrent at —0.10 and 0.75 V versus 
Cp 2 Fe/MeCN, which reached a maximum 
at 325 nm, a wavelength coincident with 
no spectral feature in CP 2 VCI 2 . This pho- 
tocurrent appears to be due to the forma- 
tion of Cp 2 VCl by homolytic photocleavage 
of a V— Cl bond. 

In THF, CP 2 VCI 2 has two irreversible 
reductions that each lead to chloride 
loss (Ef~ =—1.15 and —2.20 V versus 
Cp 2 Fe/THF), which ultimately lead to 
the observation of the reversible cou- 
ple for vanadocene at —3.27 V versus 
Cp 2 Fe/THF [58]. In acetonitrile, a se- 
ries of substituted vanadocene dichlorides 
((C 5 H 4 R)2VC1 2 , R = Me, 'Pr, 'Bu)) [59] is 



reported to have reversible oxidations at 
ca 0.52 V versus Cp 2 Fe/MeCN and ir- 
reversible reductions at ca —0.36 and 
— 1.38 V versus Cp 2 Fe/MeCN. The dis- 
parity in values is most likely due to 
electrode kinetics rather than extreme dif- 
ferences in E° values. The analogous 
1 , 1 ,2 ,2-tetramethylethylene-bridged ansa- 
metallocene also shows irreversible re- 
ductions at Ef =— 1.50 and —2.40 V 
versus Cp 2 Fe/THF, but the correspond- 
ing vanadocene species reduction is much 
less reversible because the ansa-bridge 
prevents the rings from attaining copla- 
narity. 

Vanadocene(IV) complexes can act as 
potent spermicides, which function as 
modulators of cellular redox potential and 
exert pleiotropic effects that result in 
the cessation of sperm motility through 
depolarization of mitochondrial mem- 
branes [60, 61]. An example of a sper- 
micidal complex is [Cp 2 V(/c 2 -S 2 CNEt)] + 
which has a reversible reduction at E'f = 
—0.92 V versus Cp 2 Fe/MeCN and an 
irreversible oxidation at 0.56 V versus 
Cp 2 Fe/MeCN, potentials that are within 
the usual range of the biochemically ac- 
cessible redox values. Nitrogen donors 
appear to result in less negative reduction 
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potentials, that is, [Cp 2 V(bipy)] + and 
[Cp 2 V(phen)] + (phen = phenanthroline) at 
—0.63 and —0.62 V versus Cp 2 Fe/MeCN 
respectively [61]. 

Other electrochemically characterized 
organometallic V(IV) complexes are 
rare. The thiolate bridged [Cp(CO) 2 V(/r- 
SR) 2 V(CO) 2 Cp] (R = Me, Et, Ph) have 
reversible reduction processes that range 
from —1.89 to —2.01 V versus Cp 2 Fe/THF 
in addition to two other irreversible 
reduction processes at more negative 
potentials. For R = Me, an oxidation at 
—0.20 V versus Cp 2 Fe/THF is reported. 
Reductive bulk electrolysis results in 
the decomposition of [Cp(CO) 2 V(/r- 
SMe) 2 V(CO) 2 Cp] by loss of SMe“ [62], 

An example of a tetrahedral 
tetraamido V(IV) complex, bis^A'- 
bistrimethylsilylethylenediamine)vana 
dium(IV) was reported (Fig. 9) [63,] which 
had reversible oxidation and “quasire- 
versible” reduction features in its CV at 
0.41 and —1.51V versus Ag/AgCl/THF 
respectively. A second, irreversible ligand- 
based oxidation was observed at 1.34 V. 

A related bimetallic complex forms when 
VCl 3 (THF )3 is treated with dimethylhy- 
drazine (Fig. 10) where three N 2 Me 2 units 
bridge the two V atoms which are joined by 


Fig. 9 A tetraamido V(IV) 
complex. 
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Fig. 10 A bimetallic 
hydrazide/isodiazene complex. 
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a single bond [64]. The structures indicate 
that two of the N 2 Me 2 units are dian- 
ionic hydrazido ligands, but the third is a 
neutral isodiazene ligand which preserves 
the V(IV) oxidation state. Consistently, 
this complex has a reversible oxidation 
at 0.30 V versus Cp 2 Fe/CH 2 Cl 2 and a fur- 
ther irreversible oxidation at 1.30 V versus 
Cp 2 Fe/CH 2 Cl 2 which correspond to the 
loss of the electrons in the V— V bond. 

V(IV) is a biologically active oxidation 
state, acting as an electron-transfer 
mediator in enzymes such as amavadine, 
which catalyzes the formation of 
disulfides [65]. Amavadin is a V(IV) 
complex found in mushrooms of 

the genus Amanita in which two 
(5 1 , 5)-2,2 , -(hydroxyimino)dipropionic acid 
(HIDPA 3- ) ligands (Fig. 11) and two 

water molecules coordinate to the metal 
atom [66], This [V(HIDPA) 2 (H 2 0) 2 ] 2 “ 
complex has been shown to undergo 
Michaelis-Menton electrocatalysis in 

the presence of thiols such as 

HS(CH 2 ) 2 COOH. Addition of the thiol 
yields enhanced anodic peak current, but at 
very high thiol concentrations, the catalytic 
activity is suppressed, consistent with the 
inner-sphere oxidation of the thiol. The 
carboxylic acid group was shown to be 
important for the reaction in a position 
2 or 3 bonds away from the SH group. 

Porphyrin complexes of V(IV) have 
rich electrochemistry, but few such com- 
plexes have been explored in detail by 
electrochemical methods. An example of 
a complex whose electrochemistry has 
been elaborated is (TTP)VCl 2 (TTP = 


tetra-p-tolylporphyrinate) [67]. At — 30 °C, 
this complex has two-one electron re- 
ductions to the V(III) and V(II) states 
respectively at —0.16 and —1.81 V versus 
Cp 2 Fe/THF on the CV timescale. These re- 
ductions initiate a fast solvent-for-chloride 
substitution process which results in elec- 
troactive (TTP)VCl(THF) complexes that 
can react with the starting material to form 
electroactive halo-bridged dimers. The 
V(II) [(TTP)VCl(THF)] - complex forms 
at Ef~' = —1.46 V versus Cp 2 Fe/THF and 
then loses the second Cl - ligand to form 
the electroactive [(TTP)V(THF) 2 ] complex. 

Bacteria in Mo-deficient environments 
produce a vanadium(IV) - containing an 
alternative to the usual FeMo nitroge- 
nase. This alternative is less active than 
the usual form of the enzyme. A series 
of complexes made by ligand substitu- 
tion on the [(DMF) 3 VFe 3 S 4 X 3 ]“ (X = Cl - , 
Br _ , I - ) cubane structure where the 
V atom is located in an octahedral coordi- 
nation environment have quasireversible 
reduction features at 0.17 > > 0.12 V 

versus Ag/AgCl/MeCN and irreversible 
reductions at —1.12 > £ pc > —1.20 V ver- 
sus Ag/AgCl/MeCN. The similarities in 
the potentials indicate that the LUMOs 
lack significant contribution from ligand- 
based orbitals; however, the Tp derivative 
[TpVFe 3 S 4 Cl 3 ]“ (Fig. 12) has a much more 
facile reduction (—0.68 V), which is at- 
tributed to t r back-donation while its 
oxidation is relatively close to those of the 
DMF complexes at 0.00 V [68, 69]. Similar 
cubane structures with chelating dithicar- 
bamato ligands have also been studied [70]. 



Fig. 12 A cubane-based 
tripyrazolylborate-V complex. 
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A number of other cubane complexes 
of V(IV) have been reported. [Cp*V(N )]4 
can be reduced reversibly at Ef~ = 0.16 V 
versus Cp 2 Fe/THF [71]. A similar cubane 
complex [TpV(C> 3 POPh )]4 where phos- 
phate groups bridge three TpV units 
displays four oxidation features, of which 
two are reversible (0.68, 1.13 V ver- 
sus Ag/AgCl/CH 2 Cl 2 ) and two are irre- 
versible. Although bulk electrolysis at a 
potential suitable to remove one electron 
from the complex resulted in decomposi- 
tion [72]. 


13.6 

Vanadium(V) 

Electrochemically characterized V(V) com- 
plexes which lack oxo ligands are some- 
what rare. Many of those which are known 
are the result of preparative studies guided 
by CV results on V(IV) systems. For exam- 
ple, a series of imidovanadium(IV) com- 
plexes containing the tetradentate dian- 
ionic 5,7,12,14-tetramethyldibenzo[d, /] [1, 
4, 8 , 11] tetraazacyclotetradecinato moiety 
(TMTAA 2- ) was reported [73], and diam- 
agnetic vanadium(V) cations [(TMTAA)V 
= NR] + (4) were prepared by oxidation of 


their neutral V(IV) precursors with 1 equiv- 
alent of[Cp 2 Fe]SbF 6 . The V(IV) complexes 
have a reversible oxidation in the range 
—0.12 to —0.16 V versus Cp 2 Fe/CH 2 Cl 2 , 
and similar values have been found for the 
corresponding oxo complexes [74, 75]. 

For nonoxo and nonimido complexes, 
ligands which bear high charge and can 
stabilize high-oxidation states are neces- 
sary. An example is the [N3S2] 3- ion, 
which forms six-membered chelate rings 
through the terminal nitrogen atoms (N 
and S atoms alternate), reminiscent of 
the acac ligand [76, 77]. An example is 
the octahedral V(phen)(dtbc)(N3S2) com- 
plex (dtbc = 4, 6 -f-Bu 2 -catecholato) which 
undergoes reversible reductions at Ef~ = 
—0.33 and —1.47 V versus Cp 2 Fe/CH 2 Cl 2 - 

The tridentate biquinone ligand shown 
in Fig. 13 (HDBQI 3- ) can adopt five 
different charges, of which the most 
negative (—3) is shown. Calculations 
have been performed and they indicate 
that the octahedral V(HDBQI )2 complex 
has two different forms of the ligand, 
one in the —2 state and one in the 
—3 state. This complex has a reversible 
ligand-based oxidation and a reversible 
metal-based reduction at mildly negative 
potentials [78]. 




'Bu 


Fig. 13 Reduced biquinone 
derivative. 
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Fig. 14 Dimetallic 
/x-carboxylato complex. 


13.7 

Oxovanadium(lll) 

Electrochemically characterized V(III) 
complexes with oxo ligands are exceed- 
ingly rare. A study which probed the nature 
of spin exchange coupling in dimetal- 
lic /r-oxo-/i-bis-carboxylato complexes 
of 1 ,4,7-trimethyl- 1,4,7 -triazacyclononane, 
Fig. 14 [79] emerged. As the electron 
withdrawing ability of the R group 
on the RCO 2 - carboxylato ligand in- 
creases, the compounds become harder 
to oxidize (0.58 > > —0.02 V ver- 

sus CpyFe/MeCN) but easier to re- 
duce (— 1.43 > e£~ >— 1.87 V versus 
Cp 2 Fe/MeCN). Protonation of the oxo- 
ligand dramatically changes the spin cou- 
pling of the complexes from 5 = 2 ferro- 
magnetic to 5 = 0 antiferromagnetic but 
how this change affects redox potentials is 
not known [79]. 

13.8 

Oxovanadium(IV) 

In octahedral vanadyl complexes, the 
weakest ligand is usually found trans- to 
the oxo group. The v(V=0) stretching 
frequency is indicative of the ligand 
trans- to the V=0 bond. As er-donor 
ability increases, v(V=0) decreases [80], 
This trend was examined in a series 
of compounds [VO(DCP)F 2 ] (DCP = 
2,6-dicarboxylatopyridine, L 2 = (H 20 ) 2 , 
o-phenanthroline, bipyridine) which 
displayed reversible reduction chemistry 


(—1.63 < Ef < —1.68 V versus Cp 2 Fe 
/DMF), but irreversible oxidation 
chemistry (0.40 > £ pa > 0.25 V versus 
Cp 2 Fe/DMF) [80], This observation is 
contrary to the expected trend because the 
V=0 group usually stabilizes the lifetime 
of the VO(V) state and destabilizes the 
lifetime of the VO(III) state. 

The weakening of the ligand bonded 
trans- to the oxo group results in a 
large number of square-pyramidal VO (IV) 
complexes where the oxo-ligand occupies 
the apical site. Such complexes can 
serve as useful oxidation catalysts. For 
example, VO(acac )2 is a good catalyst 
for the oxidative (by O 2 ) polymerization 
of diphenylsulfide [81] and is used for 
the epoxidation of allylic alcohols with 
MejCOOH [82]. Its electrochemistry has 
been examined in detail elsewhere [83]. 

Planar tetradentate Schiff-base ligands 
are extremely common for VO (IV) com- 
plexes. The prototypal example, VO(salen), 
has been studied under a variety of con- 
ditions. Under nonaqueous acidic con- 
ditions the chemistry is complicated by 
dimerization driven by the release of water 
(Eq. 4) [84], 

2VO(salen) + 2H+ > H 2 0 

+ [(salen)V— O— V(salen)] 2+ (4) 

VO(salen) is oxidized reversibly at 0.08 V 
versus Cp 2 Fe/MeCN, but in the presence 
of H + or the Lewis acid [Ph 3 C] + , a re- 
versible wave at more positive potentials 
(Ef~ = 0.25 V versus Cp 2 Fe/MeCN) is ob- 
served in addition to the expected wave at 



0.54 V versus Cp 2 Fe/MeCN for the ox- 
idation of [(salen)V— O— V(salen)] 2+ [84]. 
The wave at 0.25 V was assigned to 
the V(salen) 3+ / 2+ couple, a complex 
which is probably solvated by MeCN and 
which forms by disproportionation of the 
[(salen)V— O— V(salen)] 2+ complex (Eq. 5): 

[(salen)V— O— V(salen)] 2+ » 

VO(salen) + V(salen) 2+ (K = 1.4) (5) 

Six-coordinate V(IV/III) couples (e.g. 
[V(salen)(MeCN) 2 ] 2+/+ £?' = at 0.53 V 
versus Ag/AgCl/MeCN) are usually more 
accessible than VO(IV/III) couples (e.g. 
[VO(salen)] 0 / “ at —1.6 V versus Ag/AgCl 
/MeCN [84]). The oxidation of the square- 
pyramidal VO(salen) complex in CH 2 CI 2 
/NBU 4 BF 4 at 0.18 V versus SCE/CH 2 C1 2 
results in coordination of BF 4 - 
and formation of the structurally 
characterized neutral octahedral complex 
(VO(salen)BF 4 ) [85)]. The formation 
constant of the V (V) complex was evaluated 
and found to be 1.1 x 10 2 . In more 
donating solvents, the reversible couple 
appears at —0.24 V to —0.35 V versus SCE. 
These results highlight the preference of 
VO(V) to be octahedrally coordinated. 
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Optically active Schiff-base oxovana- 
dium(IV) complexes catalyze the asym- 
metric oxidation of sulfides to sulfoxides 
by peroxides [ 86 ]. The catalytically active 
species is VO(V) rather than VO (IV) and is 
formed in situ under the reaction con- 
ditions. A series of related complexes 
based on the optically active ligand shown 
in Fig. 15 shows linear dependence of 
their oxidation values on the Ham- 
mett parameters of functional group X. 
These values ranged from 0.18 V versus 
Cp 2 Fe/DMSO for X = N0 2 to -0.18 V for 
X = OCH 3 [87]. A few complexes of planar 
tetradentate non-Schiff base ligands have 
also been investigated [ 88 ]. 

In the solid state, there appear to 
be two common types of five-coordinate 
VO(IV) complexes of tetradentate di- 
anionic Schiff bases. Green derivatives 
have v(V = O) close to 980 cm -1 and 
yellow-brown derivatives have v(V = O) 
around 880 cm -1 [89]. In solution, the 
N,N'- 2 , 2 -dimethyltrimethylenebis [salicyli- 
deneiminate] (salnptn) ligand forms the 
complexes shown in Fig. 16 as expected, 
but it is orange in the solid state with 
very close axial V— 0=V contacts and 
v(V=0) at 871 cm -1 [89]. This complex 


Fig. 15 Optically active 
Schiff-base ligand. 



Fig. 16 Square-pyramidal 
VO(IV) complex. 
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OMe Fig. 17 Octahedral VO(V) 

/H'f'n product. 
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Fig. 18 Square scheme 
reduction mechanism for loss of 
the V=0 group. 


can be reversibly oxidized at 0.152 V ver- 
sus Cp 2 Fe/MeCN and the corresponding 
VO(V) complex can be isolated as its BF 4 - 
salt by chemical oxidation. In the presence 
of methanol, the oxidized product reacts 
to form the complex shown in Fig 17, 
where the presence of the 7 T -basic oxo 
and methoxide ligand force the Schiff-base 
ligand to adopt a rare, nonplanar confor- 
mation. 

A key characteristic of square-pyramidal 
VO(IV) complexes is their preference to 
lose oxo ligands and become six-coordinate 
V(III) species upon reduction [37, 90], 
This structural change is often a fast fol- 
lowing reduction and can require only 
trace amounts of H + from protic species 
for oxo-ligand loss as H 2 O to occur. A 
well-defined example of such a trans- 
formation is shown in Fig. 18 [91]. The 
starting VO(HSalamp )2 complex (Fig. 18, 
top left) is in equilibrium with the octa- 
hedral nonoxo complex V(Salamp) 2 , but 
the rate of interconversion is relatively 
slow. Following one-electron reduction of 


VO(HSalamp) 2 , H 2 O is quickly lost to 
form the V(Salamp) 2 _ anion. Spectro- 
electrochemical measurements reveal the 
reversibility of the overall conversion. In 
contrast, the oxidation process is com- 
pletely reversible ( E = 0.57 V versus 
Ag/Ag + /CH 2 Cl 2 ) as confirmed by con- 
trolled potential electrolysis. 

The octahedrally coordinated Tp*VO 
(3 ,5 -dimethylpyrazole) ( r] 1 -O 2 C R) complex 
(R = (^-CsTUJCpFe) displays a reversible 
oxidation due to the ferrocenyl moiety 
in the carboxylate ligand at e£~ = 
0.15 V versus Cp 2 Fe/CH 2 Cl 2 and an 
irreversible oxidation due to the V atom at 
Ep 3 = 0.86 V similar to other carboxylate 
complexes [92, 93]. Bulk oxidation at 
0.45 V versus Cp 2 Fe/CH 2 Cl 2 resulted in 
the formation of a cationic species which 
could be reduced back to the starting 
material; however, the oxidized V(IV)- 
Fe(III) complex is EPR silent. 

There has been considerable interest in 
the coordination chemistry of biologically 
relevant complexes of VO (IV) [94]. The 
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Fig. 19 Kojic acid complex. 


Fig. 20 

N-(2-Mercaptopropionyl) glycine. 
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redox properties of complexes with 
deprotonated amide ligands [95], penicil- 
lamine-ester ligands [95], glycinate [96], 
and phenylalaninate [96] ligands have been 
reported. The glucose-lowering VO(ma )2 
and VO(ka )2 (lea = kojic acid) (Fig 19) 
complexes (ma = maltol) were studied in 
aqueous solution over a range of pH 
values, and were found to undergo an 
oxidation characterized by slow electron 
transfer that appears to be less chem- 
ically reversible at high values of pH 
(> 8 ) [97]. Ligand dissociation complicated 
the electrochemistry at pH values less 
than 5. 

Glutathione is a tripeptide, which is a 
principle intracellular defense against ox- 
idative stress. Models of its interaction with 
VO(IV) were prepared using sulfhydryl- 
containing pseudopeptides such N- 
( 2 -mercaptopropionyl) glycine ( H 3 mpg) 
shown in Fig. 20 [98]. The [NHEtj] 
[VO(mpg)(phen)]~ salt was character- 
ized spectroscopically and by X-ray 
diffraction techniques and displays 
severely distorted octahedral coordination. 
This complex has a reversible reduc- 
tion whose Ef is solvent-dependent by 
CV (E? = -2.06 V versus Cp 2 Fe/MeCN 
and —2.44 V versus Cp 2 Fe/CH 2 Cl 2 ) but 
which appears more uniform by polarog- 
raphy (—1.92 V versus Cp 2 Fe/MeCN ver- 
sus —2.03 V versus Cp 2 Fe/CH 2 Cl 2 ). The 
irreversible oxidation appears to be much 


less solvent-dependent (—0.83 V versus 
Cp 2 Fe/MeCN). 

A pair of triazocyclononane deriva- 
tives [99] [LVO(SCN)] were found to un- 
dergo a reversible oxidation process at 
E f' 1 = 0.26 V versus Ag/AgCl/MeCN, but 
form oxo-bridged mixed-valence dimers 
[LV(0)0V(0)L] + on reaction with wa- 
ter. Compounds with the ](0)V0V(0)] 3+ 
core form a large class of mixed-valent 
compounds [100]. This example has two 
reversible electron transfers at Ef~ = 0.59 
and —0.75V versus Ag/AgCl/MeCN, cor- 
responding to a Robin and Day Class I 
delocalized system. The delocalization of 
these species does not strongly depend 
on the V— O— V angle [99], but does de- 
pend on the presence of tz -donor ligands 
in the x~y plane. Such donors stabi- 
lize the V(V) state, but destabilize the 
V(IV) state in which the occupied d xy 
orbital has an antibonding character, lead- 
ing to localization. In this example, the 
[L 1 V(0)0V(0)L 1 ] + is delocalized because 
all ligands are predominantly a donors, 
but the [L 2 V(0)0V(0)L 2 ] + is localized be- 
cause of the phenylato group. 

In a related example, the mixed-valence 
V 2 O 3 core forms when vanadyl sulfate is 
oxidized in a pH = 7.5 HC 03 _ /CC> 3 2_ 
buffer. This complex has a reversible 
oxidation whose potential is pH dependent 
since the mixed-valence dimer forms by 
the following equilibrium (Eq. 6 ): 
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[V(0) 2 (C0 3 )2] 3 “ + [V0(C0 3 ) 2 0H] 3 - 

+ H+ ^ [(C0 3 ) 2 V(0)0V(0)(C0 3 ) 2 ] 5 - 

+ H 2 0 (6) 

The [VO(C0 3 ) 2 OH] 3_ species is ap- 
parently the form of vanadyl sulfate 
present under these conditions and the 
[V(0) 2 (C0 3 ) 2 ] 3- species is formed from 
the monomeric V( IV) species by oxidation. 
Similar processes result in the formation 
of the V 2 0 3 core when a V(V) source is 
reduced in the same buffer [101]. 

Research related to the use of vanadium 
phosphates or V 2 Os as oxidants of gases 
such as CO and S0 2 in commercial pro- 
cesses shows that solid vanadyl sulfate 
can serve as a gas-permeable solid-phase 
electrolyte [102]. Two reversible redox fea- 
tures are observable at slow scan rates 
(20-150 mV s _1 ) by CV in a gas-tight 
two-electrode cell packed with powdered 
VOSO4 • 3H 2 0 between a 10-mm carbon 
disk and a 3-mm glassy carbon electrode. 
TheV(IV/V) couple was observed at 0.55 V 
versus C, and the V(IV/III) couple was 
observed at —0.97 V. Unlike in aqueous 
solution where vanadyl sulfate is reduced 
to [V(H 2 0)6] 3+ , the V=0 bond in the solid 
remains intact. The oxidation of CO(g) can 
be observed when it is introduced into this 
cell. 

13.9 

Oxovanadium(V) 

Stabilization of the V(V) oxidation state 
by the V=0 group is well established in 
vanadyl coordination chemistry, but there 
are fewer electrochemically characterized 
examples of VO(V) complexes than for 
VO(IV) [32], 

Schiff-base complexes are popular mo- 
tifs for VO(V) chemistry. It is often 
observed that the reduction potentials of 


such complexes become more negative as 
the energy of the ligand to metal charge 
transfer band in the UV-vis spectrum 
moves to a higher energy [103]. A vari- 
ety of ligands have been recently reported 
which range from bidentate to pentaden- 
tate [104]. The effect of decreasing the 
number of N-donor atoms and increas- 
ing O-donor atoms in the coordination 
sphere of the metal seems to move the re- 
duction potential to more negative values. 
Five-coordinate square-pyramidal struc- 
tures and six-coordinate octahedral struc- 
tures (with varying amounts of distortion) 
are known. As expected, the six-coordinate 
species is more difficult to reduce by 
ca 0.1 V in the case where the sixth lig- 
and is an alcohol [105]. These reductions 
to VO(IV) are often reversible. The effect of 
the alkoxo group is to move the reduction 
potential to more negative values, at least 
compared to carboxylato groups [106]. Oc- 
tahedral VO complexes of methylated a-D- 
mannopyranoside and jd-D-ribofuranoside 
with V-salicylideneglycinate as an an- 
cillary ligand have facile reductions at 
—0.70 V versus Cp 2 Fe/MeCN. 

A series of 12-mixed-ligand complexes 
of substituted catecholates and tridentate 
Schiffbases (made from 8-aminoquinoline 
and salicyladehyde derivatives) was pre- 
pared, and each showed a reversible 
reduction to the corresponding VO (IV) 
species in the range —0.70 to —0.85 V ver- 
sus Cp 2 Fe/CH 2 Cl 2 . A second, irreversible 
reduction was also observed correspond- 
ing to the loss of the oxo-ligand, as 
previously described. In DMSO, the CV re- 
sponse of these complexes diminished as 
they converted to the corresponding V0 2 + 
complexes, with loss of the catecholato 
ligand [107]. 

VO(V) complexes with flexible polyden- 
tate ligands can adopt isomeric struc- 
tures in solution, even though they favor 



Fig. 21 A flexible polydentate 
ligand. 
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Fig. 22 Azobenzene complex. 



one structure in the solid state [108]. 
An example is the ligand shown in 
Fig. 21 (R 1 = H, OMe, Br, N0 2 , H). The 
corresponding salicylaldimine Schiff-base 
complex displays only one structure in 
solution [108]. For the ligand in Fig. 21, 
two VO(V) complexes exist in solution 
which differ by fac- and mer- arrangement 
of the alkoxide ligands. Both types dis- 
play irreversible reductions complicated 
by solubility problems, and their reduction 
peak potentials vary over a 200-mV range 
depending on the identity of R 1 . This vari- 
ation does not correlate with the Hammett 
constants cr p for the substituents R 1 , but 
other series of Schiff-base ligands do show 
Hammett correlations [87]. 

Structural motifs related to Schiff- 
base ligands have been explored. Three 
tridentate ligands have been coordi- 
nated to the VO (quin) fragment (quin = 
8-quinolinato). The octahedral azobenzene 
complex VO(quin)(2-hydroxy-2 , -carboxy-5- 
methylazobenzene) shown in Fig. 22 has a 
reversible reduction (by CV and controlled 
potential electrolysis) at ca —0.31 V versus 
Cp 2 Fe/CH 2 Cl 2 - This potential is 0.58 V 
more positive than the potential found 
in the analogous Schiff-base VO (quin) 
( N - ( 1 -hydroxyethyl) salicylaldimine) com- 
plex. The latter complex reduction is also 


reversible on the electrolysis timescale, 
although the reduced product is air- 
sensitive [106]. However, when the an- 
cillary ligand is replaced by the re- 
lated acetylacetone benzoylhydrazone lig- 
and, the reduction loses much of its 
reversibility (E pc = —0.33 V versus Ag/ 
AgCl/CH2Cl 2 ) [109], 

cis- V0 2 complexes with tridentate Schiff- 
base ligands also appear, and they 
sometimes have five-coordinate square- 
pyramidal structures with one oxo-ligand 
at the apex. Many of these species have re- 
versible features in their CVs at E = ca 
—0.07 V versus Ag/AgCl/MeOH and can 
undergo a photoreduction in the solid 
state which can be reversed by dissolu- 
tion [110]. 

Oxidation of d° V(V) complexes must 
occur at the ligands. Although many 
oxidations are irreversible, some re- 
versible processes are known. For example, 
the square-pyramidal bimetallic complex 
shown in Fig. 23 has two reversible oxi- 
dations (Ef~ = —0.05 and 0.37 V versus 
Cp 2 Fe/MeCN), the first of which re- 
sults in a cationic ligand radical species, 
on the basis of its Ef~ value, its EPR 
spectrum, and UV-vis data [111]. The 
complex also shows two closely spaced 
reductions (Ef~ =—1.26 and —1.36 V 
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Fig. 23 Square-pyramidal 
bimetallic complex. 


versus Cp 2 Fe/MeCN) which are at more 
negative potentials because of the anionic 
nature of the complexes [ 111 ]. 

While many complexes feature 
VO(IV)-0-VO(IV) moieties, and VO(IV) 
— O— VO(V) represent the largest class 
of mixed-valence compounds known [ 100 ], 
electrochemically characterized VO(V)— O 
— VO(V) are rare [112]. A series of three 
such complexes has been prepared, 
including [(abd)OV— O— VO(abd)] which 
features tridentate abd ligands and square- 
pyramidal coordination geometry around 
each V atom. These complexes are reduced 
in the range — 0.25 < Ef~ <— 0.16 V 
versus Cp 2 Fe/CH 2 Cl 2 and the mixed- 
valence products are stable on the bulk 
electrolysis timescale and they display 
temperature-dependent delocalization of 
the unpaired electron. 

The extent of delocalization in 
VO(IV)— O— VO(V) is sensitive to the 
ligands present in the molecule. A series 
of complexes based on tetradentate TAN 
ligands showed Robin and Day Class 1 
delocalization when the pendant donor site 
was a carboxyl ligand, but showed Class 3 
delocalization when the donor site was a 
phenoxide ligand [99]. 

Highly oxygenated VO(V) complexes 
can be electrosynthesized. K 2 [V 0 ( 02 ) 2 F], 
K[V0(0 2 ) 2 (X)] (X = H 2 0, 0 2 , bipyridine, 
1 , 10 -phenanthroline), and similar species 
have been generated by the dissolution 
of vanadium anodes in the presence of 
H 2 O 2 , HF and various ligands [113, 114]. 
Such complexes effect unusual oxidations 
of substrates such as cresols. Vanadium 


peroxide complexes have been recognized 
as two-electron oxidants for the oxidation 
of organic subtrates in chemical and 
biological systems [115, 116]. A molten 
V 2 O 5 /alkali pyrosulfite catalyst for the 
oxidation of gaseous SO 2 used in H 2 SO 4 
manufacture and more recently in the 
desulfurization of power plant flue gas has 
been investigated. The formation of V(IV) 
and V(V) species in sulfate-saturated melts 
was documented [117] and their redox 
reaction with SO 2 was found to follow 
Eq. (7). 

2V0 2 (S0 4 )2 3 “ + S0 2 + S0 4 2- 
> 2VO(S0 4 )3 4 “ (7) 

The overall mechanism remains contro- 
versial since the species formed appear to 
be very dependent on conditions such as 
the presence of water, whether the pyrosul- 
fate melt is acidic or basic, and the alkali 
metal present [118]. V 2 O 5 appears to be 
reduced in molten K 2 S 2 O 7 at 400°C under 
Ar in two steps; a reduction to V(IV) which 
is reversible at low concentrations and a 
second step to V(III) [118]. The presence 
of Li + accelerates the reduction. 

There is very little information on 
organometallic V(V) species, but the re- 
lated octahedral Tp*VO(OMe )2 was found 
to be representative of a series of Tp and 
Tp* alkoxide complexes. The Tp* com- 
plexes are more difficult to reduce than 
the Tp derivatives, but the identity of 
the alkoxide ligand had little effect on 
the observed electrochemical features. The 
complex can be reduced at E f = —0.96 V 



versus SCE/CH 2 CI 2 , but there is little re- 
versibility in the CV at 0.3 V s -1 . The 
reduction appears to involve the loss of 
the alkoxide ligand. In methanol, or in 
the presence of a base, the reversibility 
is enhanced and E = —0.26 V versus 
SCE/MeOH [119, 120], 
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15.1 

Introduction 

This chapter deals with aspects of the 
electrochemistry of coordination and the 
organometallic compounds of Cr, Mo, 
and W. Emphasis is placed on the electro- 
chemistry of the lower and intermediate 
oxidation states species in which the metal 
center is generally stabilized with carbonyl, 
cyclopentadienyl, or tertiary phosphine lig- 
ands, as this area has progressed rapidly 
over the last 20 years or so. Molybde- 
num complexes with bis-bidentate tertiary 
phosphine coligands provide a redox plat- 
form at which ligands can be transformed 
in stoichiometric or catalytic reactions, 
and some emphasis is placed on the 
electrochemical aspects of this chemistry. 
The electron-transfer reactions of molyb- 
denum sulfur complexes have received 
enormous attention in the last three 
decades, not least because of their rele- 
vance to molybdo enzymes such as the 
nitrate reductases, xanthine oxidases, and 
the iron molybdenum protein of nitroge- 
nase. For this reason, a separate section 
is devoted to molybdenum sulfur ligand 
systems. In general, rather than an exhaus- 
tive survey, those systems that illustrate 
generic aspects of the electrochemistry 
of both the groups and of the wider 
aspects of transition metal coordination 


or organometallic chemistry are given the 
most attention. Polyoxometallate electro- 
chemistry of Cr, Mo or W is covered in 
Chapter 3 . 


15.2 

Electrochemical Oxidation 

15 . 2.1 

Mononuclear Carbonyls 

The prototypically zero oxidation state 
complexes of the group are the binary 
hexacarbonyls M(CO)6- Early studies of 
the electrochemistry of these 18 -electron 
closed-shell systems in nonaqueous elec- 
trolytes has perhaps been seminal in 
understanding the electron-transfer reac- 
tions of more substituted systems and of 
metal carbonyls in general. 

Cr(CO)6 undergoes a primary diffusion- 
controlled one-electron oxidation near 
+ 1.5 V versus SCE in MeCN or CF3 
COOH containing [NBu4][BF4] to give the 
unstable paramagnetic Cr 1 17 -electron rad- 
ical cation, [1, 2] whereas Mo(CO)6 and 
W(CO)6 both undergo irreversible multi- 
electron oxidation at a similar potential 
under the same conditions [ 2 ]. This can be 
attributed to the ease of attack by nucle- 
ophiles on the larger Mo and W cation 
centers - the tendency of these metals 
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to form seven-coordinate complexes in 15.2.2 

their intermediate oxidation states is well Tertiary Phosphine Complexes: Redox 
established [3]. Replacing one or more Linked cis-trans Isomerism 
CO ligands on the metal center can lead 

to stabilization of the 17-electron cation Formally replacing four CO ligands in 
because all substitutions of a tt * CO by M(CO)6 (M = Mo or W) by two biden- 
a ligand L or anion X“ must lead to en- tate tertiary phosphine ligands both en- 
hanced electron density at the metal, with hances the electron density on the 
the exception of PF 3 . This has two con- metal center and sterically inhibits nu- 
sequences: (1) lower electrophilicity of the cleophilic attack on the 17-electron cation. 
17-electron cation, and (2) stabilizing the For example, trans-[Mo(CO) 2 (Pb .2 
metal carbonyl bond. Thus, in the latter PCH 2 CH 2 PPh 2 ) 2 ] undergoes reversible 
case, a decomposition pathway via loss electrochemical oxidation to the Mo(I) 
of CO from the 17-electron species as a cation, Sch. 1. The electrochemistry of this 
consequence of weaker backdonation from type of P4 tertiary phosphine complexes 
metal to CO in the oxidized state, can be is particularly interesting in that they can 
compensated for by the presence of one exhibit redox linked cis-trans isomerism, 
or more donor ligands. For example, the Sch. 1. Detailed electrochemical studies of 
anions [Cr(CO) 5 X]“ (X = halide or CN) such Cr, Mo, and W systems by Bond and 
undergo fully reversible one-electron oxi- coworkers provided the paradigm analy- 
dation to give stable, isolable 17-electron sis of the thermodynamics and kinetics of 
products [3]. Comparison of the effect of this type of isomerism [3, 5-10], which 
substituents L or X - on the £’i/ 2 0x of has now been recognized in a wide range 
[Cr(CO) 5 L] or [Cr(CO)sX] _ has provided of systems [11], including complexes in 
a scale of the net electron-donating in- which CO is replaced by other tt -acceptor 
fluence of a substituent, the Pl scale, as ligands such as isocyanides or by N 2 
discussed in Chapter 1 [4]. [12, 13]. 



Scheme 1 Scheme of squares for cis-trans redox isomerism. 
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15.2.3 

Tertiary Phosphine Complexes: 

Intermediate Oxidation States and 
Ligand-centered Oxidative Transformations 

The 16-electron tertiary phosphine com- 
plexes trans-[MX 2 {R 2 P(CH 2 ) n PR 2 } 2 ] (M = 
Cr, Mo or W; X = halide, CN, SCN, 
or thiolate; R = alkyl or aryl; n = 1,2, 
or 3) show two successive reversible 
one-electron oxidation processes in non- 
aqueous solvents, corresponding to the 
M(III)/M(II) and M(IV)/M(III) couples. 
The M(III) species are stable on the 
preparative timescale whereas the M(IV) 
14-electron dicationic species are gen- 
erally less stable. Comparison of crys- 
tallographic data for the 15 -electron 
cation trans-[MoCl 2 {Ph 2 P(CH 2 ) 2 PPh 2 } 2 ] + 
and its 16-electron parent shows that the 
average M-P bond lengthens by about 
0.1 A upon one-electron oxidation, and 
this is attributed to diminished backdo- 
nation from the metal to the phosphine 
ligands [14]. 

A range of multiply bonding ligands 
such as =0, =N, =NMe + , and =NNH 2 + 
are supported at M IV sites, for example, 
as in trans-[MoCl(NMe)(Ph 2 PCH 2 CH 2 
PPh 2 ) 2 ] + . Such diamagnetic complexes 
undergo one-electron reversible oxidation 
to the paramagnetic M v dications, which 
are moderately stable when generated in 
solvents of low nucleophilicity. The electro- 
generated dication [MoCl(NMe)(Ph 2 PCH 2 
CH 2 PPh 2 ) 2 ] 2+ has been studied by 
EPR and ENDOR which has shown 
that the MoNMe moiety remains linear 
[15]. The methyl group in trans-[MoCl 
(NMe)(Ph 2 PCH 2 CH 2 PPh 2 ) 2 ] + can be de- 
protonated with a strong base to yield 
a Mo IV methyleneamide complex trans- 
[MoCl(NCH 2 )(Ph 2 PCH 2 CH 2 PPh 2 ) 2 ]. Re- 
markably, electrochemical oxidation of this 
species leads to rearrangement of the 


MoNC framework to MoCN with for- 
mal reduction of the metal center (from 
18-electron) Mo IV to (16-electron) Mo 11 
[16], Sch. 2. The utility of the square-planar 
{M(Ph 2 PCH 2 CH 2 PPh 2 ) 2 } assembly as a 
platform for electrochemical transforma- 
tion of ligands in the axial position is 
further exemplified in the section on re- 
duction. 

15.2.4 

Arene and Cyclopentadienyl Derivatives 

15.2.4.1 Zero Oxidation State Complexes 

There has been much early work on the 
oxidative electrochemistry of n -arene com- 
plexes of the chromium group. Three 
CO or six ligands on M(CO)6 can formally 
be replaced by arenes to give respec- 
tively [M(?; 6 -arene)(CO) 3 ] or [M(/? 6 -arene) 2 ] 
complexes (M = Cr, Mo, or W). These un- 
dergo reversible one-electron oxidation at 
potentials dependent upon the arene sub- 
stituents. There have been various exper- 
imental and theoretical analyses of such 
effects, including free-energy correlations 
between free and coordinated ligand re- 
dox potentials [17]. The stabilization of the 
metal-centered 17-electron radical cation 
[Cr(/; 6 -C 6 H 6 )(CO) 3 ] + has recently been 
achieved using an electrolyte of low nu- 
cleophilicity, [NBu 4 ][B(C 6 F 5 ) 4 ]-CH 2 Cl 2 , a 
system which has wide application for sta- 
bilizing electrophilic metallo complexes 
[18]. The electronic interplay between 
arene tricarbonyl chromium units linked 
by spacer groups has been systemati- 
cally examined [19]. The ferrocenyl (Fc) 
group attached to the benzene ring in 
[Cr((^ 6 -FcC 6 H 5 )(CO) 3 ] functions as a re- 
versible redox switch by providing a 
mechanism for the chromium center to 
be oxidatively activated to ligand substi- 
tution and addition reactions [20]. The 
initial oxidation occurs at the ferrocenyl 
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Scheme 2 Electrochemical and chemical transformations of nitrogen ligands. 


group promoting CO substitution by, for spacers have been studied by cyclic voltam- 
example, P(OEt) 3 . Internal electron trans- metry and controlled-potential coulome- 
fer from Cr to Fe accompanies this CO try. The binuclear complexes undergo two 
substitution, with the result that the fer- reversible oxidations. In one system in 
rocenium group in reverts to ferrocenyl, which the metal centers are at a dis- 
thus closing the redox switch. Cyclopen- tance of 6.48 A, the two-redox steps are 
tadienylide complexes such as anionic separated by 140 mV. This magnitude of 
[Cr()? 5 -C 5 H 5 )(CO) 3 ]“ (isoelectronic with interaction between the two-redox sites is 
the neutral arene tricarbonyl analog) and ascribed to efficient through-bond cou- 
certain CO substituted derivatives also un- pling through the bicyclic spacer. Some 
dergo reversible one-electron oxidation to characterization of the cation radicals was 
17-electron, neutral metal -centered rad- accomplished by low-temperature IR and 
icals [21]. The isolable mixed-sandwich ESR studies [19]. 

17- electron metallocene [Mo^^-CsHs)^ 6 - 

C 6 Ph 6 )] has been shown to undergo 15.2.4.2 Intermediate and Higher 
reversible one-electron oxidation and re- Oxidation State Cyclopentadienyl 
duction reactions to the 16-electron and Complexes 

18- electron species by voltammetry and Electrochemical oxidation of the M(IV) 

coulometry; notably the 16-electron cation bis-cyclopentadienyl complexes such as 
can form an adduct with [PFgp in [Mo(/i 5 -C 5 H 5 ) 2 X 2 ], where Xis an an- 
dichloromethane [22]. ionic ligand, have been widely studied. 

Chromium tricarbonyl complexes with Invariably, such complexes undergo re- 
arenes bonded to rigid polynorbornyl-type versible oxidation to the M(V) species 




in nonaqueous electrolytes [23]. A recent 
sonoelectrochemical study of [Mo(^ 5 - 
CsH 5 ) 2 Cl 2 ] suggests, surprisingly, that 
ultrasound promotes the displacement 
of Cl' from the 17-electron cation by 
MeCN and subsequent disproportion- 
ation [24]. One or both X = halide 
groups in [Mo(p 5 -CsH 5 ) 2 X 2 ] can be 
replaced by alkyl ligands, and cyclic 
voltammetry studies show that they un- 
dergo one-electron oxidation. Not un- 
expectedly, the ease of oxidation of 
these complexes decreases in the or- 
der Me;Me > Me;Bu > Bu;Bu > Et;Et > 
Cl;Me > Br;Me [25]. The amide thio- 
late complex [Mo(^ 5 -C 5 H 5 ) 2 (NHCH(COO 
Me)(CH 2 S)], which is formed by the re- 
action of [Mo(/; 5 -CsH 5 ) 2 Cl 2 ] with cysteine 
methyl ester, displays a remarkable elec- 
trochemistry insofar as a redox linked 
rotamerism is observed in which the C =0 
group of the amide is orientated toward 
the metal in the 17-electron cationic form 
and is predominately rotated away from 
the metal in the parent neutral 18-electron 
complex [26]. 

Anodic oxidations of the Mo(II) bis- 
cyclopentadienyl alkyne compound Mo(;; 5 - 
C 5 H 5 ) 2 ()? 2 -C 2 Ph 2 ), and of metal-alkene 
analogs such as Mo(^ 5 -C 5 H 5 ) 2 (/? 2 -C 2 H 4 ) 
involve a reversible one-electron oxi- 
dation at very facile potentials. The 
v(CC) alkyne stretch in the IR spec- 
trum of 17-electron Mo-alkyne cation 
(1824 cm -1 ) was shifted by 50 cm -1 to a 
higher wave number to that of its par- 
ent, consistent with a decrease in the 
metal-alkyne interaction in the Mo(III) 
cation. 

15 . 2.5 

Pyrazolylborate Derivatives 

Pyrazolylborate anions such as [HB(3,5- 
Me 2 C 3 H N 2 ) 3 ] ~ (Tp* ) are isoelectronic with 
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the cyclopentadienide anion and serve 
in a similar capacity as ligands which 
“occupy” three facial sites. McCleverty 
and coworkers have very extensively 
studied the chemistry and electrochem- 
istry of Mo and W systems containing 
these type of ligands [27] and have 
particularly developed the syntheses to 
probe systematically the electronic and 
magnetic interactions between bimetal- 
lic systems linked by bridging units 
such as 4 , 4 ’-NC 5 H 4 (CH=CH)„C 5 H 4 N 
and have notably explored such ma- 
terials for second-harmonic generation 
[27-33]. 


15.3 

Electrochemical Reduction 

15 . 3.1 

The Hexacarbonyls 

M(CO )6 complexes all undergo irreversible 
electrochemical reduction in nonaque- 
ous electrolytes at peak potentials close 
to —2.7 V versus SCE in tetrahydrofu- 
ran (THF) containing [NBu 4 ][BF 4 ]. The 
product of the reductions are the din- 
uclear dianions [M 2 (CO)io] 2- although 
under some conditions polynuclear prod- 
ucts can also been obtained, Sch. 3 [2]. 
It was initially proposed that the pri- 
mary step involved a single-electron trans- 
fer with fast CO loss and subsequent 
dimerization of the 17-electron radical an- 
ion [M(CO)s] _ [34]. A subsequent study 
showed that a common intermediate de- 
tected on the voltammetric timescale 
was the 18-electron species [M(CO) 5 ] 2_ 
and that the overall one-electron pro- 
cess observed in preparative electrolysis 
arises by attack of the dianion on the 
parent material in the bulk solution, 
Sch. 2 [35], 
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M(CO) 6 


Scheme 3 Pathway for 
reduction of group VI 
hexacarbonyls. 


M = Cr, Mo or W 


M(CO) 6 
| M 2 (CO) 10 J 


15 . 3.2 

Substituted Hexacarbonyls: 

Ligand-centered Reduction 

By the same notion that replacing one 
or more CO ligands in M(CO)6 by a lig- 
and, generally L, raises the energy of the 
HOMO and makes oxidation more acces- 
sible, the enhanced charge on the metal 
as a consequence of substitution raises the 
energy of the LUMO and shifts the re- 
duction ofM(CO) 5 L beyond —2.7V versus 
SCE - generally outside of the reduction 
range of the electrolyte system. However, 
with certain N ligands such as TCNE, 2,2’- 
bipyridyl, and phenanthroline, low-lying 
7 t* orbitals allow ligand-centered, reduction 
and the electrochemistry of such systems 
has received attention, most notably by 
the group of Kaim, in the context of hy- 
perfine interactions, photophysics, solvato- 
chromic properties, and redox induced 
substitution chemistry, as have binuclear 
systems in which a group bridging two 
metal centers undergoes ligand-centered 
reduction [36-41]. 

15 . 3.3 

Haptotropic Rearrangements - Ring 
Slippage 

In the sections above, we have seen that 
addition of an electron to an 18-electron 
octahedral complex can lead to the fast 
expulsion of a ligand as in the case of 


[Cr(CO)6] or if the metal center bears a 
ligand with low-lying it* system the “ex- 
tra” electron can reside on the ligand. 
There is an additional way in which ex- 
tra electrons can be accommodated in 
the reduction of closed-shell 18-electron 
systems and that is by a change in hap- 
ticity of an unsaturated tt -hydrocarbon 
ligand. Examples are well documented 
for a wide range of metal centers, and 
the work of Geiger’s group has been 
at the forefront of delineating redox 
induced changes in hapticity [42, 43]. 
Examples for chromium group systems 
are limited but include an early exam- 
ple in which an ?? 6 -naphthalene com- 
plex [Cr(^ 6 -CioH 8 )(CO) 3 ] rearranges to 
[Cr(;; 4 -CioH 8 )(CO) 3 ] 2- upon two-electron 
reduction [44] and stepwise hapticity 
changes in an indenyl ligand (Ind) 
[45]. Thus, the chemically reversible 
two-electron reduction of the dication 
[Mo(/? 5 -Ind) (^ 5 -C 5 H 5 ){P(OMe) 3 } 2 ] 2+ to 
[Mo(/? 3 -Ind) (^ 5 -C 5 H 5 ){P(OMe) 3 } 2 ] 2+ pro- 
ceeds through a one-electron interme- 
diate. The structures of the parent »? 5 
complex and the product were deter- 
mined by X-ray diffraction studies and 
these have shown that the slip-fold distor- 
tion angle of the indenyl ring increases 
from 4.1 to 21.7°. Cyclic voltamme- 
try and bulk electrolysis were employed 
to define the thermodynamics and het- 
erogeneous charge-transfer kinetics of 
reactions. Molecular orbital calculations 




(density functional theory and extended 
Huckel) predicted that metal -indenyl 
bonding in the monocationic intermedi- 
ate is approximately midway between that 
of the r] S and /; 3 hapticities (slip angle = 
11 . 4 °). The measured electron-transfer 
rate constants k( s) are consistent with 
only minor inner-sphere reorganizational 
energies being necessary for the electron- 
transfer reactions, showing that a full 
rf /i^ hapticity change may require only 
small inner-sphere reorganization ener- 
gies when this is concomitant with step- 
wise one electron-transfer processes. The 
indenyl ligand in the monocation was best 
described as donating approximately four 
7 z electrons to Mo by combining a tradi- 
tional /; 3 linkage with two “half-strength” 
Mo-C bonds. 

15 . 3.4 

Intermediate and Higher Oxidation State 
Complexes 

The electrochemical reduction of Mo (I I) 
and W(II) halido complexes such as trans- 
[MoCl2{Ph 2 P(CH2)2PPh2}2] has been ex- 
amined in the presence of a range of 
substrates by cyclic voltammetry, coulome- 
try, and preparative electrolysis. The initial 
reversible one-electron step is followed by 
loss of a halide ligand and binding of a 
solvent or small molecules such as H 2 , N 2 , 
CO, or isocyanide; further electron trans- 
fer leads to the loss of the remaining halide 
group and binding of the substrate to give 
isolable M( 0 ) complexes such as trans- 
[M(N2)2{Ph2P(CH 2 )2PPh2} 2 ] in moderate 
yields [ 46 ]. The electrochemical reduction 
of the 15 -electron molybdenum(III) com- 
plex [MoCB(dpepp)], dpepp = PI12PCH2 
CH2P(Ph)CH 2 CH 2 PPh2, has been stud- 
ied in the presence of PPI13 under argon 
and under molecular nitrogen. The pri- 
mary reduction of the trichloride involves 
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a reversible single-electron transfer to 
give the unstable 16 -electron molybde- 
num(II) anion [MoCl 3 (dpepp)] _ . Loss of 
chloride from this anion, prior to or fol- 
lowing further electron transfer, provides 
two principal pathways to molybdenum(O) 
products, [Mo(^ 6 -C6H5PPh2) (dpepp)] un- 
der Ar or ris-[Mo(N2)2(dpepp)(PPh3)] un- 
der molecular nitrogen, a relatively high 
potential pathway via molybdenum(I) sol- 
vated intermediates and a low potential 
pathway via trans-[MoCl2 (dpepp) (PPI13)]. 

The cis-dinitrogen complex is unsta- 
ble on the preparative timescale, small 
amounts of trans-[Mo(N2)2(dpepp) (PPI13] 
are formed, presumably by isomerization, 
but the major product is the p 6 -arene 
complex [ 47 ]. Preparative electrochemi- 
cal reduction of Mo( 0 ) or W( 0 ) com- 
pounds from M0CI5 or from WCbs has 
been shown. For example, reduction of 
M0CI5 at a mercury pool in a THF 
electrolyte under molecular nitrogen at 
one atmosphere and in the presence of 
the free phosphine ligand affords trans- 
[Mo(N 2 )2{Ph2P(CH 2 )2PPh2}2] [ 46 ]. 

15 . 3.5 

Electrochemical Transformation of Ligands 
at lM(Ph 2 PCH 2 CH 2 PPh 2 ) 2 ) Centers 

The square-planar {M(Ph 2 PCH2CH2 
PPh2h} assembly provides a robust plat- 
form for reductive transformation of a 
multiply bonded ligand occupying an ax- 
ial position and, in certain cases, released 
as a product molecule. Such transfor- 
mations include reduction of coordinated 
cyanide to an aminocarbyne ligand; con- 
version of organoimide ligands to amines 
or amino acids; reductive coupling of 
diazomethane ligands; and the conver- 
sion of hydrazides to hydrazines [ 16 , 
48 - 56 ]. Illustrative reactions are shown 
in Sch. 2 . 
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16.1 

Manganese 

16.1.1 

Introduction 

Manganese is the third most abundant 
transition element [1], It is present in 
a number of industrial, biological, and 
environmental systems, representative ex- 
amples of which include manganese oxide 
batteries [2]; the oxygen-evolving center 
of photosystem II (PSII) [3]; manganese 
catalase, peroxidase, superoxide dismutase 
(SOD), and other enzymes [4, 5); chiral 
epoxidation catalysts [6]; and deep ocean 
nodules [7]. Oxidation -reduction chem- 
istry plays a central role in the function 
of most, if not all, of these examples. 

The coordination chemistry [8] and elec- 
trochemical properties [9-11] of manga- 
nese-containing compounds have been 
reviewed on a number of occasions. These 
collections contain primarily thermody- 
namic and (to a lesser extent) kinetic 
information on compounds of relatively 
simple composition. The objective in this 
chapter is to provide a descriptive sum- 
mary of the electrochemical properties of 
a wide range of manganese compounds. 
There is generous coverage of coordi- 
nation complexes, which seeks to illus- 
trate relationships between structure and 


reactivity by emphasizing the influence 
of coordination environment on oxidation 
state preference, reactivity, and mecha- 
nism. This approach provides a conve- 
nient framework for the discussion of 
electron-transfer reactivity that is impor- 
tant in many applications. The topics 
covered include mononuclear manganese 
complexes; Schiff base, porphyrin, and 
phthalocyanine complexes; bi- and polynu- 
clear complexes; and Mn in biological 
systems. 

16.1.2 

Mononuclear Complexes with Acyclic and 
Other Common Ligands 

16.1.2.1 Redox Potentials 

Manganese forms a large number of 
mononuclear complexes in oxidation 
states II, III, and IV with acyclic and 
other common ligands. The complexes 
primarily are six-coordinate species with 
octahedral or pseudo-octahedral geome- 
tries. Some exceptions to this catego- 
rization are the tetraoxo anions in ox- 
idation states V, VI, and VII and the 
manganocenes. Table 1 contains electro- 
chemical data for representative redox 
couples in which the Mn coordination 
environment remains invariant with oxida- 
tion state. Many entries are for homoleptic 
complexes, but some species with mixed 
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donor atom sets are included. Potentials 
extend from +0.41 to +2.01 V versus NHE 
for Mn IV / m couples [12-24], from —1.33 
to +1.78 V for Mn 111 / 11 couples [14-19, 
25-34], and from —1.93 to +0.62 V for 
Mn 11 / 1 couples [25, 26, 35]. The large 
ranges reflect the significant influences 
of the charge and donor/acceptor prop- 
erties of the ligand(s). Thus, oxidized 
forms are stabilized and negative poten- 
tials result with negatively charged, strong 
a -donor ligands (e.g. CN“), whereas re- 
duced forms are stabilized and positive 
potentials result with neutral it -acceptor 
ligands (e.g. isocyanides, diimines). Con- 
sequently, one-electron oxidants or reduc- 
tants exhibiting a very large range of 
potentials can be produced at mononuclear 
Mn centers. 

The d-electron configurations most com- 
monly observed for Mn (IV) through 
Mn (II) electron-transfer reactions involve 
Mn (III) in the high-spin state (t 2 g 3 e g 1 ): 

Mn(IV)(t 2g 3 ) Mn(III)(t 2 g 3 e g 1 ) 

Mn(II)(t 2 g 3 e g 2 ) 

( 1 ) 

However, low-spin Mn(III) (t 2g 4 ) is 
found in some instances (e.g. for Tp“ and 
its substituted derivatives [15]), resulting 
in the observation of: 


Mn(IV)(t 2g 3 ) > Mn(III)(t 2g 4 ) 

Mn(II)(t 2g 5 ) 

Mn(I)(t 2g 6 ) (3) 

Isocyanides stabilize low-spin Mn(I), 
(II), and (III) and form a redox sequence 
encompassing the last three members 
of Eq. (3). The potentials in Eq. (3) are 
very solvent-dependent for the negatively 
charged cyanide complexes. The reduced 
forms are stabilized relative to the oxidized 
forms by strong hydrogen bond interac- 
tions, which produce positive E°' shifts 
of 0.6-0. 9 V in proton-donating solvents. 
The magnitude of the effect is such that 
the potential of the Mn(CN) 6 4_,/5_ cou- 
ple in H 2 0 is more positive than that 
of the Mn(CN) 6 3 ~/ 4_ couple in CH 3 CN 
(Table 1). 

Decamethylmanganocene (D^f) under- 
goes chemically reversible and kinetically 
facile electron-transfer reactions encom- 
passing the Mn(III), (II), and (I) oxidation 
states: 

Mn(III)(e 2 g 2 ai g 2 or e 2 g 3 ai g 1 ) 
Mn(II)(e 2 g 3 a lg 2 ) 

Mn(I)(e 2 g 4 a lg 2 ) (4) 


Mn(IV)(t 2g 3 ) Mn(III) (t 2g 4 ) 

— - — > Mn(II)(t 2 g 3 e g 2 ) 

(2) 

Strong field CN - stabilizes low-spin Mn 
in oxidation states I through IV and is 
unique in stabilizing a four-member redox 
series: 


[Mn(Cp*) 2 ]+/°/- is low spin in all oxida- 
tion states. However, unsubstituted high- 
spin Mn(Cp ) 2 is extremely reactive and has 
not been characterized electrochemically 
[26, 38], 

Simple one-electron reduction of man- 
ganese tetraoxo anions in aqueous solu- 
tion is observed only under very alkaline 
conditions. Hydroxide ion concentrations 
greater than 0.4 and 10 M are required 
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Fig. 1 Cyclic voltammetric curves of electrode reactions of the M 11 O 4 V 2 - (I) and 
MnO,) 2 ^/ 3- (II) couples in 1 M NaOH; 0.001 M KMn 04 , v = 1 .5 V min -1 ; (a) carbon paste 
electrode and (b) glassy carbon electrode (reprinted from Ref. 12, Copyright 1979 with 
permission from Elsevier). 


to stabilize M 11 O 4 2- and MnC> 4 3- , re- 
spectively, and to produce the following 
electron-transfer sequence: 

Mn VII 0 4 “(e°) 

► Mn VI 0 4 2 _ (e 1 ) + H 2 0 

> Mn v 0 3 (0H) 2 “(e 2 ) + OH" (5) 

Here, the electrochemical reduction of 
Mn 04 2- is accompanied by protonation 
under certain conditions. As shown in 
Fig. 1 [12], the close proximity of the 
Mn VII /vi an d Mn vi ^ v electrode reactions 
reflects the positive shift in the Mn vl/v 
potential because of proton addition in the 
second step of Eq. (5). Under more acidic 
conditions, MnC> 4 - reduction proceeds to 
Mn IV 0 2 or to Mn n (H 2 0) 6 2 +. 

For heteroleptic complexes not in- 
cluded in Table 1, redox potentials can be 
estimated by ligand additivity principles 


[39-41]. Lever has successfully predicted 
Mn 11 / 1 potentials of 24 Mn-carbonyl com- 
plexes containing halide, pseudohalide, 
isonitrile, and phosphine co-ligands, with 
additivity parameters derived from the 
potentials of Ru 111 / 11 couples [39]. An 
important consideration for heterolep- 
tic complexes is the influence of iso- 
merism on redox thermodynamics. For 
Mn(CO)„(CNR) 6 - H complexes, with n = 2 
or 3, the Mn 11 / 1 potentials for cis/trans and 
fac/mer pairs differ by as much as 0.2 V 
[40]. The effect arises from the different er- 
donor and it -acceptor abilities of carbonyl 
(CO) and isocyanide and their influence on 
the energy of the highest energy occupied 
molecular orbital (HOMO). 

The electron-transfer reactions in Table 
1 primarily are metal-centered processes. 
As a result, the separation between the 
potentials of successive electrode reactions 
generally is large. Values of A E°' = 
E^y/ni' — E^ u , u ' in Table 1 range from 
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0.5 to 1.7 V, and the corresponding 
comproportionation constants, ^ com = 
exp(F AE°' / RT), range from 3 x 10 8 to 
5 x 10 28 . The larger values of A E°' (e.g. 
CN“) are consistent with highly metal- 
localized electron transfers, whereas as 
smaller values (e.g. Et 2 dtc“) indicate more 
effective distribution of charge upon a 
change in oxidation state. 

1 6.1 .2.2 Coupled Chemical and 
Electrochemical Reactions 

The influence of isomerism is re- 
vealed in the mechanistic electrochem- 
istry of Mn carbonyls. One-electron ox- 
idation of _/ac-Mn(CO) 3 (dpm)Cl (dpm = 
bis-(diphenylphosphino)methane) is fol- 
lowed by rapid rearrangement of fac- 
[Mn(CO) 3 (dpm)Cl] + to mer-[Mn(CO )3 
(dpm)Cl] + [42]. However, reduction of 
the mer-Mn(II) species (protected against 
photoytic or solvolytic decomposition) to 
mer-Mn(CO) 3 (dpm)Cl is not followed by 
the facile rearrangement to the thermo- 
dynamically favored^ac-Mn(CO) 3 (dpm)Cl. 
The mechanism is summarized in Sch. 1, 
from which it is evident that (1) the fac 
isomer is thermodynamically favored in 
the Mn(I) state and the mer isomer in the 
Mn(II) state, (2) the fac isomer is 0.5 V 
more oxidizing than the mer isomer, and 
(3) the 17-e“ Mn 11 species is kinetically 
more reactive than the 18-e“ Mn 1 species. 


Further structure-dependent reactivity is 
illustrated by the electrochemistry of 18- 
electron trans-[Mn(CO) 2 (>? 2 -dppe) 2 ] + [I + , 
dppe = 1, 2-bis(diphenylphosphino)etha- 
ne] (Fig. 2) [43]. As summarized in Sch. 2, 
the initial one-electron reduction of I + pro- 
duces the metastable 19-electron species, 
I*, which rapidly (kj » 4 x 10 6 s -1 ) ex- 
trudes one end of a coordinated dppe 
ligand and forms the 17-electron trans- 
[Mn(CO) 2 (^ 2 -dppe)()? 1 -dppe)], II*. This 
five-coordinate complex is reduced at the 
potential of initial reduction, affording 
two-electron transfer by an electrochemi- 
cal-chemical-electrochemical (ECE) mech- 
anism: I + + 2e“ —*■ 11“ . Reversible one- 
electron electrochemistry of the IT/II“ 
couple is observed on a subsequent cyclic 
scan at positive potentials (peaks B and 
C, Fig. 2). An interesting aspect of this 
voltammogram is the curve-crossing at 
— 1.6 V. This phenomenon results from 
the contribution of the homogeneous 
chemical reaction, I + + 11“ < > 2IT, to 

the electrochemical response, produc- 
ing an ECE-disproportionation (DISP) 
mechanism. 

16.1.2.3 Electron-transfer Kinetics 

Electrochemical electron-transfer rate con- 
stants have been measured less frequently 
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Scheme 1 Mechanism of 
electrochemically induced 
fac/mer isomerization of 
Mn(CO)3 (dpm)CI in 
CH3CN/O.I M TEACIO4 [42], 



Fig. 2 Negative-scan cyclic 
voltammogram of 5 x 10 ~ 3 M 
[Mn(CO) 2 (dppe) 2 ] PF 6 (l + PF 6 ') in 
THF, containing 0.3 M TBACIO 4 at 
v = 0.5 V s -1 (reprinted with 
permission from Ref. 43, Copyright 1988 
American Chemical Society). 

than redox potentials for these mononu- 
clear manganese complexes. Even so, the 
values of k s ^ in Table 1 encompass a 
range of 7 orders of magnitude. In circum- 
stances in which little inner-shell reorga- 
nization accompanies electron transfer, as 
in the reduction of low-spin Mn(CN)6 4- 
(t 2g 5 ) to low-spin Mn(CN) 6 5_ (t 2g 6 ) (Eq. 3), 
k S ' h is large (0.26 cm s' 1 ) [35]. However, 
in cases in which there is a change in the 
number of antibonding e* electrons, struc- 
tural change ensues and the rate constant 
can be much smaller. This is illustrated by 
the oxidation of [Mn n (tripod) 2 ] (t 2g 3 e g 2 ) to 
[Mn m (tripod) 2 ] + (t^e 1 ), where k s ^ = 7 x 
10~ 7 cm s _1 (Fig. 3) [21]. Figure 4, which 
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A 



-1 -2 


Volts vs SCE 

depicts the sequential one-electron oxi- 
dations of [Mn n (Me 2 pzb) 2 ] (Me 2 pzb“ = 
Tp* - =hydrotris(3,5-dimethylpyrazol-l-yl) 
borate) species [15], further illustrates the 





Scheme 2 Mechanism of the two-electron reduction of [Mn(CO) 2 (;; 2 -dppe) 2 ] + (l + ) to 
[Mn(CO ) 2 (t] 2 -dppe) ( 17 1 -dppe)] (IT) [43], 
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Fig. 3 Cyclic voltammograms for the oxidation of 
[Mn 11 (tripod) 2 ] in CH 2 CI 2 at sweep rates of 50-1000 mV s^ 1 
(reprinted from Ref. 21, Copyright 2002 with permission from 
Wiley-VCH). 



Fig. 4 Oxidative cyclic voltammogram of 2.4 x 10~ 4 M Mn 11 (Me 2 pzb )2 in 
1 ,2-dichloroethane containing 0.1 M TBAPF6 at v = 0.1 V s _1 (reprinted with 
permission from Ref. 15, Copyright 2003 American Chemical Society). 


influence of inner-shell reorganizations on 
electron-transfer rate. Here, k s ^ = 5.9 x 
10 -4 cm s _1 for the oxidation of high- 
spin [Mn n (Me 2 pzb) 2 ] (t 2 g 3 e g 2 ) to low-spin 
[Mn m (Me 2 pzb) 2 ] + (t 2 g 4 ), which is accom- 
panied by a large change in the average 


Mn— N bond distance (AMn-N = 0.26 A) 
[44], and k s ^ = 1.1 x 10 -2 cm s _1 for the 
oxidation of low-spin [Mn m (Me 2 pzb) 2 ] + 
(t 2 g 4 ) to low-spin [Mn IV (Me 2 pzb) 2 ] 2+ 
(t 2 g 3 ), for which the structural change is 
much less (AMn-N = 0.025 A) [44]. 
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16.1.3 

Mononuclear Complexes with Porphyrins, 
Schiff Bases, Phthalocyanine, and Related 
Macrocyclic Ligands 

16.1.3.1 Introduction 

Manganese complexes with porphyrins, 
Schiff bases (SBs), and related ligands are 
of interest as catalysts for the epoxida- 
tion of olefins [6]; as models for the behav- 
ior of catalases, SODs, cytochrome P450, 
and other metalloenzymes [4, 5, 45]; and as 
the active component of membrane elec- 
trodes with unusual anion selectivities [46]. 
Because they are catalytic scavengers of 
reactive oxygen- and nitrogen-containing 
species, they have also been tested for their 
efficacy in the treatment of oxidative stress 
[47]. In addition, Mn-phthalocyanines are 
of interest as dyes and in display devices 
because of their intense coloration and 
resistance to degradation [48]. 

The utility of these complexes derives 
from the robustness provided by the equa- 
torial coordination of the macrocyclic or 
polydentate ligand plus the ability to 
modulate chemical and physical proper- 
ties and reactivity patterns by changing 
axial ligation and/or ligand substituent 
groups. Replacement of H with electron- 
donating or -withdrawing groups on the 
porphyrin skeleton or appended aromatic 
substituents can shift the potential of 
metal- or ligand-centered electron transfer 
by more than 0.5 V [49-51]. In addition, 
ligand substituents impart favorable sol- 
ubility properties, steric constraints, or 
structural features not found in the un- 
substituted porphyrin complex. Ligand 
structures and abbreviations are found in 
the Appendix. 

The most common oxidation states in 
these complexes are Mn(III) and Mn(II). 
The more highly oxidized forms can be 
stabilized by strongly electron-donating 


ligands or by appropriate control of exper- 
imental conditions. For Mn-porphyrins 
and phthalocyanines, the ligand-centered 
reductions producing metal-bound tz an- 
ion and dianion species occur at poten- 
tials that are about 1.4 V more negative 
than that for Mn(III) -» Mn(II) reduc- 
tion. The ligand-centered reactions are 
separated by ~0.4 V. Depending on condi- 
tions, ligand-centered oxidations produc- 
ing metal-bound tt cation and dication 
species also may occur at potentials that are 
about 1 V more positive than the Mn 111 / 11 
value and may precede, follow, or coincide 
with Mn(III) oxidation. 

16.1.3.2 Studies in Nonaqueous Media 

Because of its high reactivity and un- 
suitable solubility characteristics, com- 
plexes of the unsubstituted porphine 
(H2P) are rarely investigated. The most 
widely studied manganoporphyrins are the 
tetraphenylporphyrin species, Mn(TPP)X, 
where X - is a monodentate axial lig- 
and. In noncoordinating, aprotic solvents, 
Mn(TPP)X is a five-coordinate, high-spin 
(d 4 ) complex in which the Mn(III) atom 
is displaced ~0.23 A (X - = Cl - ) above 
the porphyrin plane [52]. Reduction of 
Mn(TPP)Cl in a noncoordinating solvent 
occurs without a change in ligation but 
the Mn atom further extends to ~0.69 A 
above the plane [53]. This large inner- 
shell reorganization causes the rate of 
heterogeneous Mn 111 / 11 electron transfer 
to be slow - k s h = 2 x 10 -3 cm s -1 [54, 
55], Electrochemical behavior is influenced 
dramatically by the presence of a coordi- 
nating solvent or a strong axial ligand (e.g. 
CH3OH, py), which converts the Mn(III) 
form to a six-coordinate species with axial 
bis-ligation, while the Mn(II) form retains 
the five-coordinate geometry with the new 
axial ligand. Scheme 3 summarizes this 
reactivity, which produces demonstrable 



410 


76 Electrochemistry of the Group 7 Elements: Manganese, Technetium, and Rhenium 


A 

Mn m (TPP)CI + e . Mn"(TPP)Cr 


+2L, -CP 


+l, -cr 


Mn m (TPP)(L) 2 + + e- . Mn"(TPP)(L) + L 

B 

Scheme 3 Electrode half-reaction scheme for five- and 
six-coordinate Mn(lll) porphyrins [56-58], 



Fig. 5 Dependence of the 
potential of Mn 111 (TPP)CI 
reduction on CH3OH 
concentration in 
1 ,2-dichloroethane containing 
0.1 M Et 4 NCI at 296 K; 

(•) experimental data, (-) 
calculated data (reprinted with 
permission from Ref. 58, 
Copyright 1 992 American 
Chemical Society). 


effects on the thermodynamics of electron 
transfer. The Mn III//u potential is no longer 
dependent on the counterion present in 
the initial complex but rather depends 
on the nature and concentration of the 
new axial ligand [56-58]. Under appro- 
priate conditions, the electrode potential 
can exhibit a biphasic dependence on the 
concentration of the added ligand, as il- 
lustrated in Fig. 5. The kinetics of Mn 111 / 11 
electron transfer also is influenced by this 
change in composition. As shown in Fig. 6, 
the voltammetric peak potential separa- 
tion decreases and the electron-transfer 
rate increases upon conversion to the six- 
coordinate species, which has its Mn atom 
in the porphyrin plane. Enhancement of 


the Mn 111 / 11 electron-transfer rate by this 
axial bis-ligation is observed in both elec- 
trochemical [58] and homogeneous [59] 
experiments. The spectroscopic signatures 
of Mn 111 and Mn 11 porphyrins also are sen- 
sitive to the state of axial ligation, and these 
features have been used to characterize 
Mn-porphyrin species [60, 61]. 

Table 2 contains redox potentials for 
representative porphyrin, SB, and related 
complexes in nonaqueous solvents. These 
data primarily illustrate the influence of 
axial ligation and porphyrin substituents 
on the Mn nl,/I1 potential. Planar macro- 
cyclic ligands such as phthalocyanine and 
corrole provide an equatorial coordination 
environment similar to that of porphyrins. 
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Fig. 6 Cyclic voltammograms at a 
1.6-mm diameter Pt electrode 
(200 mV s _1 ) and steady state 
voltammograms at a 25-|tm diameter Pt 
electrode (20 mV s -1 ) for oxidation and 
reduction of 8.5 x 10 “ 4 M Mn m (TPP)CI 
at 241 Kin 1 ,2-dichloroethane 
containing 0.1 M TBABF 4 in the 
presence of 0-1 .28 M CH 3 OH. The 
peak potential separation at 200 mV s -1 
for cyclic voltammetric reduction of 
Mn 1 " (TPP)CI at 296 Kin 
1 , 2 -dichloroethane decreases from ca 
220 mV in 0 M CH 3 OH to ca 70 mV in 
> 1 M CH 3 OH (reprinted with 
permission from Ref. 58, Copyright 1992 
American Chemical Society). 



In the case of dinegative Pc 2- , the Mn 111 / 11 
potential is similar to that of the porphyrins 
[62]. However, the trinegative tpc 3- lig- 
and [63] shifts potentials to negative values 
and enables observation of Mn 1 ^ 111 and 
Mn v ^ lv redox processes (Table 2). 

The electrochemistry of Mn-Schiffbase 
complexes closely parallels that of the 
Mn-porphyrins. A Mn 111 / 11 redox process 
is observed near 0 V versus NHE. In 
addition to changes in substituent groups 
and axial ligation, the variation of the 
donor atom set and denticity is possible 
with SBs. Redox potentials can be tuned 
over a range of ~0.5 V by using one 
or more of these modifications [65, 
66]. The state of axial ligation often is 
not fully characterized for Mn-Schiff 
base complexes. However, it appears 
that many Mn(III) forms are high-spin, 
six-coordinate d 4 species and that the 
Mn(II) forms presumably are high-spin, 
five-coordinate d 5 species. Thus, for a 


tetradentate SB ligand, the generic Mn 111 / 11 
half-reaction is represented as: 

[Mn m (SB)(L) 2 ]+ + e- 

± > [Mn n (SB)(L)]° + L (6) 

Manganese (IV) and (V) complexes with 
a multiply bonded oxo ligand are poten- 
tially important intermediates in catalytic 
and biological processes. Although ob- 
served transiently, these species have not 
been generated in a stable form by elec- 
trochemical methods in aprotic media. 
However, strongly donating ligands such 
as the deprotonated tetraamide macrocy- 
cle (mac 4- ) [68] enable access to high- 
valent oxo systems, as exemplified by the 
[Mn V/,IV 0(mac)] - / 2- system in Table 2. 

16.1.3.3 Studies in Aqueous Media 

Manganese porphyrins can be solubilized 
in aqueous solution by the attachment of 
charged functional groups to the porphyrin 




412 76 Electrochemistry of the Group 7 Elements: Manganese, Technetium, and Rhenium 


Tab. 2 Electrochemical data for manganese complexes with porphyrins, Schiff bases, and related 
macrocyclic ligands in nonaqueous media 


Complex 

Electrode 
Reaction 3 

Conditions 

E° ,b , V versus 
NHE 

Refe- 

rences 

Five-coordinate porphyrins 
Mn 1 " (TPP)CI0 4 

A 

CH 3 CN/O.I M TBACIO 4 

-0.43 

57 

Mn 1 " (TPP)CI 

A 

CH 3 CN/O.I M TBACIO 4 

-0.47 

57 

Mn 1 " (TPP)N 3 

A 

CH 3 CN/O.I M TBACIO 4 

-0.53 

57 

Mn 1 " (tdcmpp)CI 

A 

C 6 H 5 CN/0.1 M TBACIO 4 

+0.05 

50 

Mn 1 " (DPPF 20 )CI 

A 

C 6 H 5 CN/0.1 M TBACIO 4 

- 0.20 

51 

Mn 1 " (DMHP)CI 

A 

CH 3 CN/O.I M TPACIO 4 

-0.61 

64 

Mn 1 " (EtioP)CI 

A 

CH 3 CN/O.I MTPACIO 4 

-0.69 

64 

Mn 1 " (tdmpp)CI 

A 

C 6 H 5 CN/0.1 M TBACIO 4 

-0.81 

50 

Six-coordinate porphyrins 
Mn 1 " (TPP) (CH 3 OH) 2 + 

B 

CH 2 CI 2 /0.1 MTEACI/1 M CH 3 OH 

-0.42 

58 

Mn 1 " (TPP) (dmso) 2 + 

B 

CH 2 CI 2 /0.1 MTEACIO 4 /I M DMSO 

-0.49 

57 

Mn 1 " (TPP) (py) 2 + 

B 

CH 2 CI 2 /0.1 MTEACIO 4 /I M py 

-0.54 

57 

Schiff bases 

Mn 1 " (salophen) + 

6 

DMSO/O.l M TEACIO 4 

-0.36 

65 

Mn m (saldpt)+ 

6 

DMSO/O.l M TEACIO 4 

-0.44 

66 

Mn'"(salen)+ 

6 

CH 3 CN/O.I M TBACIO 4 

-0.52 

67 

Others 

Mn m (Pc)+ 


DMSO/TEACIO 4 

-0.32 

62 

Mn lv (tpc)CI 


CH 2 CI 2 /0.1 M TBACIO 4 

+0.79 c — 0.31 d 

63 

Mn v O(mac) - 


DMSO/O.l M TBAPF 6 

— 0.27 c 

68 


a From Sch. 3 or text. 
b Mn" 1 / 11 potential, except as indicated. 
c Mn v / lv potential. 
d Mn lv / m potential. 

skeleton or its appended phenyl rings. 
The behavior of the tetrasulfonated TDM- 
SPP system is represented in Fig. 7 [69]. 
Sequential Mn v / iv and Mn lv ^ IU electron- 
transfer reactions are observed from pH 
1 to 10. At the highest acidities both 
axial ligands of Mn are H 2 O, and E°' 
values are independent of pH. The ax- 
ial H 2 O ligands become deprotonated as 
pH is increased. Thus, under some condi- 
tions, half-reactions involve both H + and 
e“ transfer, and E°' values become pH 
dependent. Overall behavior is described 
by the sequence of reactions in Sch. 4. 
Data for selected aqueous Mn-porphyrin 


systems are collected in T able 3 . Accessible 
oxidation states, electrode potentials, and 
p K 3 values are dependent on porphyrin 
substituents and experimental conditions. 
For this reason, the entire range of oxida- 
tion and protonation states has not been 
observed for a single system. Moreover, 
manganese porphyrins with a fully depro- 
tonated oxo ligand (i.e. Mn v = O) have not 
been observed under these conditions. 

16.1.3.4 Electrocatalytic Studies 

High -valent oxomanganese species are im- 
portant intermediates in industrially sig- 
nificant catalytic reactions and are model 
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Fig. 7 Aqueous solution 
electrode potentials as a 
function of pH for 
Mn(TDMSPP)(X )2 porphyrins, 
with X = H 2 O or OH - axial 
ligands. Top curve (□): 

Mn lv — > Mn v oxidation; bottom 
curve (■): Mn m -> Mn lv 
oxidation (reprinted with 
permission from Ref. 69, 
Copyright 1 991 American 
Chemical Society). 
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Scheme 4 Electron- and proton-transfer reactions of manganese porphyrins in aqueous media. 


reactants of similar catalytic processes in 
biological systems (e.g. cytochrome P450) 
[45, 75], The mechanism of olefin epoxi- 
dation has been studied electrochemically 


using Mn(TPP)Cl [76] or Mn(salen)Cl [66] 
as the source of manganese. As shown 
in Fig. 8, the oxidative process is initiated 
by the reduction of Mn(TPP)Cl (believed 
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Tab. 3 Electrochemical data for manganese porphyrins in aqueous media 3 


Porphyrin 

Axial ligation 

E°', V versus NHE 

Proton ionization 


References 

V/IV IV/III 

Ill/ll 

oxidation 

state 

pKal 

PK 3 2 

h 2 tdmspp 

(H 2 0) 2 

+1.45 +1.28 


V 

3.7 


69 


(H 2 0) (OH) 

+1.39 +1.17 


IV 

4.1-4. 7 

9.9 



(OH) 2 

+0.9 


III 

5.8 

12.2 


h 2 tdcspp 

(H 2 0) 2 

+1.44 


V 



70 


(H 2 0) (OH) 

+1.29 


IV 

1.8 




(OH) 2 



III 

4.4 



H 2 TMPyP 

(H 2 0) 2 


+0.02 

III 

8.0 

10.6 

71,72 

H 2 TMAP 

(H 2 0) 2 


-0.13 

III 

11.4 


73 

h 2 dmhp 

(H 2 0) (OH) 


— 0.33 b 




74 


3 Defined on the basis of the half-reactions in Sch. 4. 
b 47.5% ethanol in H 2 O. 



to exist as Mn(TPP)(l-MeIm)Cl in the 
presence of excess 1-methylimidazole) in 
an O 2 -saturated solution, which produces 
five-coordinate [Mn(TPP)(Im)]. This com- 
plex binds O 2 in an axial position and 
is reduced by a second electron to the 
Mn(II)-peroxo species, [Mn m (TPP)(C> 2 )(l- 
Melm)] - . Benzoic anhydride, which is 
added to the solution as an electrophilic 


Fig. 8 Proposed mechanism of 
electrocatalytic epoxidation of 
olefins by manganese-porphyrin 
catalysts (reprinted with 
permission from Ref. 76, 
Copyright 1986 American 
Chemical Society). 


activator, reacts with the bound peroxo 
and forms a Mn v = O center upon dis- 
placement of two moles of benzoate ion. 
This highly reactive Mn v = O species then 
epoxidizes the olefin. Although direct elec- 
trochemical reduction of Mn v = O pre- 
sumably contributes to a loss of faradaic 
efficiency, product yields of 48-56% have 
been achieved. 



16.1.4 

Binuclear and Polynuclear Complexes 

16.1.4.1 Introduction 

Manganese forms a number of bi- and 
polynuclear complexes. In many cases, 
the metal centers are bridged by oxo- 
or O-donor ligands (consistent with the 
affinity of Mn for this element) and are 
capped by N-donor or other ligands at the 
remaining coordination sites. The most 
common structural forms discussed in this 
section are depicted in Chart 1. Interest 
in these compounds is predicated on the 
presence of multiple Mn atoms in close 
proximity to one another at several enzyme 
active sites [4, 5] and at the oxygen- 
evolving center of PSII [3]. In addition, 
manganese centers of high nuclearity 


are being investigated actively as single- 
molecule magnets [77-79]. 

16.1.4.2 Studies in Nonaqueous Media 

Among the earliest compounds inves- 
tigated are those containing the binu- 
clear di-fi-oxo core represented by (1). 
The complexes are isolated as mixed- 
valent Mn(IV,III) species, with four 
N-donor atoms from two bipyridyl or two 
phenanthroline ligands bound to each 
metal. The cyclic voltammetric response 
[80-82] of the more stable phen system, 
[Mn 2 C> 2 (phen) 2 ] 3+ is reproduced in Fig. 9. 
It consists of a one-electron oxidation to 
the Mn(IV,IV) species, [Mn 2 C> 2 (phen) 2 ] 4+ , 
and a one-electron reduction to the 
Mn(III,III) species, [Mn 2 C> 2 (phen) 2 ] 2+ : 
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Chart 1 Polynuclear metal structures in Chapter 16. 




Evs SCE 


Fig. 9 Cyclic voltammogram for the oxidation and reduction of the 
[Mn2C>2(phen)4] 3+ dimer at v = 0.1 V s _1 in CH3CN/O.3 M TEACIO4 (reprinted 
with permission from Ref. 81, Copyright 1977 American Chemical Society). 


Mn 2 IVJV 0 2 4+ + e- 

<=> Mn 2 IV ’ lm 0 2 3+ + e _ 

± > Mn 2 IIUII 0 2 2+ “ (7) 

The half-reaction potentials for these 
and the related redox couples are repre- 
sented in Table 4. The large separation 
between potentials implies a large elec- 
trostatic interaction between Mn centers, 
which strongly stabilizes the intermediate 
mixed-valent state with respect to dispro- 
portionation. However, it is interesting 
to note from magnetic properties that 
the two Mn atoms in [Mn 2 0 2 (phen) 2 ] 3+ 
are only weakly antiferromagnetically cou- 
pled (/ = —147 cm -1 ) [83], indicating that 
there is little direct metal-metal interac- 
tion in the complex. 

The potentials represented by Eq. (7) 
can be tuned in several ways. One 
approach is to replace one or more of 
the heterocyclic nitrogen donors with 


a saturated amine, as reflected by the 
potentials of the (bispicen) versus (phen) 2 
or (bpy) 2 complexes in Table 4 [84]. 
This change produces a negative shift of 
300-400 mV in both the (IV,IV)/(IV,III) 
and (IV,III)/(III,III) potentials. A second 
strategy is to place sterically demanding 
substituents at key positions on the 
ligands. As illustrated by the comparison 
of the E°' values for the bispicMe 2 en 
versus bispicen [84] and pebMe 2 pma 
versus pebpma [85, 86] complexes, the 
placement of a methyl group at the 6- 
position of the coordinating pyridyl groups 
produces positive shifts of 400-500 mV 
in the (IV,IV)/(IV,III) and (IV,III)/(III,III) 
potentials. Weaker metal-ligand bonding 
is caused by steric hindrance from these 
methyl substituents and is reflected in 
the changes in Mn— N bond distances 
and N— Mn— N bond angles at these 
sites [86]. 
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Another strategy for modifying poten- 
tials is to alter the composition of the 
bridge between the metal centers. This 
can be done by protonation, which pro- 
duces (2) and (3) in nonaqueous media. 
Larsen et al. [82] measured the energetics 
of electron-, proton-, and H-atom-transfer 
reactions for [Mn2C>2(phen)4]'' + com- 
plexes in CH3CN and found that pro- 
tonation greatly increases the ease of 
reduction. For example the E°' for 
Mn(III,III) —*■ Mn(III,II) reduction of the 
[Mn2(0)(0H)] 3+ form (2) nearly equals 
that for Mn(IV,III) -f Mn(III,III) reduc- 
tion of the [Mn2C>2] 3+ form (1) (Table 4). 
Thus, protonation can facilitate multi- 
electron transfer at oxo-bridged man- 
ganese centers. In addition, the donor 
strength of bridging ligands and redox 
potentials can be modified by replac- 
ing [i-oxo units with carboxylate (e.g. 
CH 3 C0 2 “) (4,5) [87] or phenolate (6) [92] 
groups. 

A particularly interesting example of bin - 
uclear Mn electrochemistry is that reported 
by Holm et al. for the [Mn2(salmp)2]" (n = 
2+, 1+, 0, 1—, 2—) complex [88], H 3 salmp 
is a pentadentate SB ligand that bridges 
both Mn centers by means of a cen- 
trally positioned phenolate group (7). 
[Mn2(salmp)2]" undergoes four chem- 
ically reversible one-electron transfers, 


encompassing five oxidation levels over 
a potential range of 1.5 V. 

[Mn 2 IUI (OR) 2 ] 2- — e“ 

[Mn2 IUII (OR) 2 ]- -e" 
[Mn 2 IIUII (OR) 2 ] 0 -e" 
[Mn 2 IIUV (OR) 2 ] + - e“ 
[Mn 2 IV ' IV (OR) 2 ] 2+ (8) 

As shown by the cyclic voltammetric re- 
sponse in Fig. 10, the peak potential sepa- 
ration of the initial Mn(II, II) —*■ Mn(II,III) 
electrode reaction is much larger than that 
of the other steps. This suggests significant 
inner-shell reorganization and a small rate 
of heterogenous electron transfer for oxi- 
dation of the fully reduced Mn(II,II) state. 
Similar kinetic sluggishness is observed 
for Mn(III)/Mn(II) electron-transfer reac- 
tions of some mononuclear complexes (see 
Sects 16.1.2 and 16.1.3). 

A second structural motif in binuclear 
manganese chemistry is the triply bridged 
structure in which one [i-oxo unit has 
been replaced by two bridging carboxy- 
lates (8 in Sect. 16.1.4). The remaining 
coordination sites on each metal are com- 
monly occupied by a tridentate tripod or 
a macrocyclic ligand such as HB(pz) 3 “ 


1.13 



Fig. 10 Cyclic voltammogram for the 
oxidation of [Mn 2 (salmp) 2 ] 2 ~ in CH 3 CN 
at v = 0.05 V s -1 . Peak potentials in 
V versus SCE [+0.24 V versus NHE] are 
shown on the voltammetric trace 
(reprinted with permission from Ref. 88 , 
Copyright 1991 American Chemical 
Society). 



(Tp“) [89] or Mejtacn [90], Other combi- 
nations such as bidentate bipyridyl plus 
monodentate chloride ligands are pos- 
sible [91]. These complexes have been 
prepared and studied as models for cata- 
lase, ribonucleotide reductase, and re- 
lated manganese-containing enzymes [93]. 
[(Tp)2Mn2(0)(0 2 CCR) 2 ] 2 +/+/ 0 /- [90] and 
[(Me3tacn)2Mn 2 (0)(0 2 CCR)2] 4+/3+/2+/+ 
[91] participate in four-membered redox 
series, which cover a potential range of 
ca 1.7 V. 

[Mn 2 IV ’ IV (0)(0 2 CCR)2] 4+ + e“ 

[Mn 2 IV ' nl (0)(0 2 CCR)2] 3+ +e“ 
[Mn 2 lnjII (0)(0 2 CCR)2] 2+ + e“ 
[Mn2 IIUI (0)(0 2 CCR)2] + (9) 

It is interesting to note that the 
(IV,IV)/(IV,III) and (IV,III)/(III,III) po- 
tentials of the [Mn 2 (0)(0 2 CCR) 2 ]" + com- 
plexes (8 in Sect. 16.1.4) with Tp“ and 
Me3tacn capping ligands are similar to 
one another and also to those of the 
[Mn 2 0 2 ]' ,+ complexes (1) with terminal 
bpy and phen ligands (Table 4). The lat- 
ter observation presumably is a result of 
the charge compensation that occurs when 
two mononegative bridging carboxylates 
replace a single, dinegative bridging oxo 
ligand. The comparative influence of Tp”, 
tacn, and aromatic diimine ligands on 
metal-centered redox potentials has been 
discussed in Ref. 15. 

[Mn 2 (0)(0 2 CCR)2]” + redox potentials 
also can be modified by protonation of 
the single fi - oxo bridge. The /r-hydroxo 
[(Me3tacn) 2 Mn2 n ’ II (0H)(0 2 CCR)2] + com- 
plex (9 in Sect. 16.1.4) has been prepared 
and found to undergo sequential one-elect- 
ron oxidations to [(Me3tacn) 2 Mn 2 IIUI (OH) 
(0 2 CCR) 2 ] 2+ and [(Me3tacn) 2 Mn 2 IIUI1 
(0H)(0 2 CCR) 2 ] 3+ (Table 4) [90], The 
change in potential upon protonation 
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is similar to that observed for di-/r-oxo 
species and increases the potential 
of Mn(III,III) —*■ Mn(III,II) reduction to 
a value near that for Mn(IV,III) —*■ 
Mn(III,III) reduction in the unprotonated 
complex. 

Manganese exhibits a tendency to form 
structures of higher nuclearity, especially 
ones that are supported by bridging 
oxo ligands. An example that has been 
well-characterized structurally and electro- 
chemically is the tetranuclear adamantine- 
like cluster, [Mn4C>6(bpea)4] 4+ [94, 95], 
which is of interest for its relevance 
to the oxygen-evolving center (OEC) of 
PSII. Bpea is the tridentate N, lV-bis(2- 
pyridylmethyl)ethylamine ligand, which 
binds to the vacant coordination sites in (11 
in Sect. 16.1.4). [Mn406(bpea)4] 4+ under- 
goes a chemically reversible one-electron 
reduction (Eq. 10) at +0.50 V in CH3CN: 

[Mn406(bpea) 4 ] 4+ + e~ 

[Mn 4 0 6 (bpea) 4 ] 3+ (10) 

and exhibits coupled electron -proton- 
transfer chemistry in aqueous media [94]. 

It is of interest to note that the fully oxi- 
dized Mn(IV)4 center in [Mn40g(bpea)4] 4+ 
is achieved at a very accessible potential. 

Manganese complexes of higher nu- 
clearity are being investigated as single- 
molecule magnets (SMMs). An example is 
the Mni2 cluster, [Mni 2 0i2(0 2 CCHCl2)i6 
(H 2 0) 4 ] 0 , whose structure in its two- 
electron reduced form ([Mni 2 ] 2 ~) is shown 
in Fig. 11 [96], The [Mni 2 ]°, [Mn^H, 
and [Mni 2 ] 2- states of this structure 
have ground-state spin values of S = 

10, 19/2, and 10, respectively. The ox- 
idized forms have a larger barrier to 
magnetization relaxation and therefore 
exhibit SMM behavior at higher temper- 
atures. The influence of oxidation level 
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Fig. 11 Structure of the (PPh4)2[Mni20i2 
(0 2 CCHCl2)i6(H 2 0)4] • 4CH 2 CI 2 • H 2 0 dianion. 
Atoms Mn4 and Mn8 are reduced from Mn(lll) 
to Mn(ll) upon reduction of[Mni 2 ]° to [Mni 2 ] 2 ~. 

on magnetic properties is of fundamen- 
tal importance in these compounds. The 
[Mn 1 20 1 2(02CCHCl2)i6(H20)4] 0 cluster 
exhibits reductions at + 1.55 and + 1.25 V 
in CH3CN: 

Mn 4 lv Mn 8 nl + e“ 

± > Mn 4 IV Mn 7 I11 Mn 11 + e“ 

± > Mn4 IV Mn 6 ln Mn2 n ( 11 ) 

It is of interest to note that Mn(III) 
rather than Mn(IV) sites are reduced in 


Atoms Mn9 through Mnl 2 form the Mn 4 lv 0 4 
core at the center of the molecule (reprinted with 
permission from Ref. 96, Copyright 2003 
American Chemical Society). 

Eq. ( 11 ) and that the Mn4 lv Mny ln Mn n 
and Mn4 IV Mn6 III Mn2 11 reduction prod- 
ucts are trapped valence species. Figure 11 
shows that the dodecamangano cluster 
consists of a central Mn 4 04 cubane unit 
surrounded by a nonplanar ring of eight 
Mn atoms that are bridged by and con- 
nected to the core by eight /X3-0 2 ~ ions. 
Sixteen bridging dichloroacetate ions and 
four H2O groups are ligated to the eight 
Mn atoms in the ring. In the neutral 
[Mni2] form, the four central Mn atoms 
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Fig. 12 Cyclic voltammogram 
of [Mn202(phen)4] 3+ in pH 4.5 
phosphate buffer at an activated 
glassy carbon electrode; 
v = 0.1 V s” 1 (reprinted with 
permission from Ref. 97, 
Copyright 1 992 American 
Chemical Society). 


are Mn(IV) and the eight Mn atoms in 
the ring are Mn(III). On the basis of bond 
valence sum analyses of the structurally 
characterized products [96], Mn atoms at 
positions 4 and 8 are reduced in Eq. (11). 
The relative ease of reduction of these 
sites presumably results from their par- 
tial coordination by H 2 O, which is less 
strongly donating than oxo or dichloroac- 
etato ligands. 

16.1.4.3 Studies in Aqueous Media 

The electrochemistry of oxo-bridged 
manganese complexes in aqueous 
solution is characterized by coupled 
electron and proton-transfer reactions. 
The cyclic voltammetric behavior of 
[Mn 2 IV ' U 1 C) 2 (phen) 4 ] 3+ in aqueous pH 
4.5 phosphate buffer is illustrated in 
Fig. 12 [97]. It is of interest to compare 
this result with that obtained for the 
same complex dissolved in CH 3 CN 
(Fig. 9). Two one-electron reactions 
are observed in each case. However, 
these correspond to Mn(IV,IV) -> 
Mn(IV,III) and Mn(IV,III) — Mn(III,III) 
reductions in the nonaqueous solvent 
and to Mn(IV,III) — Mn(III,III) and 
Mn(III,III) — »■ Mn(III,II) reductions in 



V vs Ag/AgCI 

H 2 O. Moreover, the half-reactions in 
aqueous solution exhibit a pH dependence 
corresponding to the addition of one 
proton in conjunction with each electron. 
Thus, under the conditions of Fig. 12, the 
[Mn 2 IV, 11 I 02 ] 3+ center ( 1 ) is converted 
to an [Mn 2 ln, 1 I 1 0 (OH)] 3+ center (2) 
in the first reduction and to an 
[Mn 2 nl,II (OH) 2 ] 3+ center (3) in the 
second. Electrode half-reactions, Nernst 
equations, and p values for the 
phen complex and for several related 
systems are summarized in Table 5. 
Precise data are somewhat difficult to 
obtain for these systems owing to the 
slow electron-transfer kinetics (k s y, 
10“ 3 cm 2 s _1 or less), the need to activate 
the working electrode surface to achieve a 
useful response, and the limited stability 
of some species in the presence of 
coordinating buffers. Nonetheless, p^ a 
values for the bpy complex obtained 
from the Pourbaix diagram in Ref. 
93 lead to pH-independent potentials 
of +1.1 and +0.5 V, respectively, for 
[Mn 2 Ivln O(OH)] 3+ and [Mn 2 IVJII 0 2 ] 3+ 
reduction, values that compare reasonably 
well to the results in Table 4, given the 
difference in solvent environments. 
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16.1.5 

Biological Systems 

16.1.5.1 Introduction 

Manganese is an element that is essen- 
tial for life. It is present at the active site 
of many enzymes [4, 5]. Those enzymes 
in which the metal center is involved in 
a redox process are manganese catalase 
[101], peroxidase [102], and SOD [103], In 
addition, a cluster containing four Mn and 
one Ca atoms in the water-oxidizing cen- 
ter (WOC) of PSII is the site at which 
dioxygen is produced photosynthetically 
on Earth [3, 104]. 

16.1.5.2 Manganese Catalase 

Hydrogen peroxide, which is a by-product 
of the process of O 2 utilization by aerobic 
organisms, is a toxic substance. Its toxicity 
is ameliorated by the disproportionation of 
H 2 O 2 into H 2 O and O 2 

2H 2 0 2 * 2H 2 0 + 0 2 (12) 

This process is catalyzed by a variety of 
catalase enzymes, the most common be- 
ing the heme catalases, which accomplish 
the two-electron chemistry of Eq. (12) at a 
mononuclear heme center. Here, both the 
iron and its surrounding porphyrin ligand 
participate to the extent of one electron 
each in the redox process. Manganese cata- 
lases contain a binuclear Mn center and 
cycle between Mn 2 (II,II) and Mn 2 (III,III) 
oxidation states while carrying out the dis- 
proportionation of H 2 O 2 . The enzyme can 


Fig. 13 A schematic drawing of 
the active site of manganese 
catalase from Lactobacillus 
plantarum (reprinted from Ref. 
105, Copyright 2003 with 
permission from Elsevier). 
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also exist in a superoxidized Mn 2 (III,IV) 
state, which does not destroy its catalytic 
activity. 

The active site structure of the Mn 2 (III, 

III) form of Lactobacillus plantarum is de- 
picted in Fig. 13 [105, 106]. The Mn centers 
are bridged by oxo, hydroxo, and car- 
boxylato ligands in a manner similar to 
the binuclear structures (8-10) in Sect. 
16.1.4. A proposed mechanism for hydro- 
gen peroxide dismutation by Mn catalase 
is presented in Fig. 14. A number of model 
studies of H 2 O 2 disproportionation em- 
ploying bridged binuclear Mn complexes 
have been conducted [107]. 

16.1.5.3 Manganese Peroxidase 

Peroxidases catalyze the oxidation of a wide 
variety of substrates through utilization 
of hydrogen peroxide. Manganese peroxi- 
dase is a heme protein that also contains 
a mononuclear Mn center linked to the 
iron-protophorphyrin IX prosthetic group 
through a propionate residue on the por- 
phyrin [102, 105]. Manganese peroxidases 
are found in white rot fungi, where they 
serve to degrade lignin, a polyphenolic 
substance in woody plants that is other- 
wise resistant to degradation. As shown 
in the catalytic cycle in Fig. 15, Mn 111 is 
produced by an electron-transfer reaction 
with the H 2 O 2 -oxidized ferric porphyrin, 
at which point it diffuses into the lignin 
matrix and initiates the degradation of the 
polymer via phenol radical formation. Di- 
rect electron transfer between electrodes 
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Fig. 14 Proposed mechanism for disproportionation of H 2 O 2 by manganese 
catalase (reprinted with permission from Ref. 107, Copyright 2004 American 
Chemical Society). 


Fig. 15 Catalytic cycle of 
manganese peroxidase 
(Reprinted with permission 
from Ref. 102, Copyright 2000, 
Marcel Dekker). 



Compound III 
Fe 111 0 2 i 




and ligninolytic redox enzymes has been 
achieved, and the Fe m / U -heme potential 
has been measured [108]. However, the 
potential of the Mn 111 / 11 couple in Mn per- 
oxidase has not been determined. 

16.1.5.4 Manganese Superoxide 
Dismutase 

Superoxide ion, O 2 - ', is a highly toxic 
substance that is also a by-product of 
oxygen utilization in aerobic organisms. 
Its decomposition into H 2 O 2 and O 2 , 

20 2 - + 2H+ > H 2 0 2 + 0 2 (13) 

is catalyzed by SOD enzymes [103], of 
which there are Mn-, Fe-, Ni-, and Cu/Zn- 
containing forms. Absence of or defects in 
MnSOD are thought to be linked to disease 
states in humans. 

The active site of manganese SOD con- 
tains a single five-coordinate Mn bound 
to three histidine imidazoles, a monoden- 
tate aspartate carboxylate, and a solvent 
molecule (H 2 O or OH - , depending on the 
oxidation state) [103]. The catalytic cycle of 
the enzyme, which is illustrated in Fig. 16, 
incorporates the following oxidative and 
reductive steps: 

0 2 - ' + Mn(III)SOD 

> 0 2 + Mn(II)SOD (14) 

0 2 -- + 2H+ + Mn(II)SOD 

* H 2 0 2 + Mn(III)SOD (15) 
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Electron transfer is coupled with proton 
transfer involving the metal-bound sol- 
vent molecule. For Eqs (14) and (15) to 
be thermodynamically favorable, the po- 
tential of the Mn m / n -SOD couple must 
lie between the values for superoxide ox- 
idation and reduction ( 02 -- —*■ O 2 + e - , 

E°' = - 0.16 V; 0 2 -, + 2H+ -* H 2 0 2 + 
e - , E°' = +0.89 V at pH 7) [109], The po- 
tential has been measured for MnSOD 
from several organisms. From the results 
summarized in Table 6, the Mn 111 / 11 po- 
tential is intermediate to the values of the 
O 2 /O 2 - ' and 02 - '/H202 couples in all 
cases and hence is capable of accomplish- 
ing the Eqs (14) and (15). Values of E°' 
have been measured for wild-type and two 
mutated forms of human MnSOD. There 
are only small differences in E °' , from 
which it is suggested that the role of the 
mutated His30 and Tyr34 residues is to 
support proton transport rather than redox 
potential tuning [110], The E°' value from 
Escherichia coli is constant from pH 7.0 to 
8.5 but decreases dramatically at higher 
pH (A£°7ApH « -140 mV) [111, 112], 

The pH dependence of the Mn(III/II) 
potential has not been studied for other 
organisms. It is interesting to note that the 
Fe-substituted form of MnSOD has E°' = 
—0.24 V and that the Mn-substituted form 
of FeSOD has E°' > 0.96 V [105]. These 
altered enzyme forms are ineffective in 
superoxide dismutation. 


Fig. 16 Catalytic cycle of 
manganese superoxide 
dismutase; X is a dead-end 
peroxide complex (Reprinted 
with permission from Ref. 703, 
Copyright 2000, Marcel Dekker). 


O, , Mn +3 S0D-0 2 
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Mn +3 SOD 


Mn +2 SOD 
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Tab. 6 Redox potentials of manganese superoxide dismutase 


Organism 

Method a 

pH 

E°', V versus NHE 

References 

WT Human 

A 

7.8 

+0.40 ±0.03 

no 

H30N Human 

A 

7.8 

+0.37 ±0.03 

no 

Y34F Human 

A 

7.8 

+0.44 ±0.03 

no 

Escherichia coli 

B 

7.0 

+0.42 

111 

Escherichia coli 

C 

7.0 

+0.31 

112 

Bacillus stearothermophilus 

C 

7.0 

+0.26 

112 


a A: Chemically mediated spectroelectrochemical titration; B: Cyclic voltammetry at a 
3-mercaptopropionic acid-modified Au electrode; C: Chemically mediated coulometric titration. 


16.1.5.5 Oxygen-evolving Center in 
Photosystem II 

The photosynthetic oxidation of water to 
O 2 is responsible for the generation of 
virtually all the dioxygen in the planet. 
This reaction is accomplished at a tetra- 
manganese cluster - now known to also 
contain Ca 2+ and require Cl - and possibly 
bicarbonate ion as cofactors - that lies at 
the oxidizing terminus of PS II in higher 
plants, green algae, and cyanobacteria 
(Fig. 17) [3, 104, 113]. The understanding 


of the structure and function of this OEC 
or WOC, although still incomplete, has ad- 
vanced considerably in concert with the 
knowledge of the structural and redox 
properties of mono-, bi-, and polynuclear 
manganese complexes described in the 
earlier parts of this chapter. 

Photosynthesis is initiated by the ab- 
sorption of a photon, which produces a 
charge-separated P680 + Pheo“ state be- 
tween P680, a special arrangement of four 
chlorophyll a molecules, and pheophytin 


Stroma 


Lumen 


Photosystem II 



Fig. 17 A schematic drawing of photosystem II (Reprinted with permission from 
Ref. 113, Copyright 2000, Marcel Dekker). 
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Scheme 5 The S-state cycle of 
the oxygen-evolving center in 
photosystem II [1 14], 


(Pheo) . The negative charge is passed from 
Pheo - to the reducing terminus of PS II, 
where carbohydrate biomass is produced 
by the fixation of CO 2 and H 2 O. The pos- 
itive charge is passed from P680 + to a 
redox-active tyrosine residue (Y^— OH), 
which in its deprotonated radical form 
(Yz~ O') serves as the immediate oxidant 
of the OEC. This transfer of charge drives 
the OEC through a sequence of four one- 
electron steps known as the S-state cycle 
[114] (Sch. 5). Absorption of three photons 
promotes the OEC from its So to the S 3 
state. Absorption of a fourth photon and 
promotion to the S 4 state is accompanied 
by the almost simultaneous release of O 2 
and return to the So level. The OEC, there- 
fore, is able to store charge and release it 
in a concerted manner to accomplish the 
four-electron oxidation of water to O 2 : 

2H 2 0 » 20 2 + 4H+ + 4e“ (16) 

The potential of Eq. (16) at pH 7 is 
+0.81 V [115]. As shown in Table 7, P680 + 


0 hv o hv q hv o hv 

Oq — - o-j 02 — •*- °3 — ♦- :o4 

-e -e -e -e 



0 2 + 4e _ + 4H + 2H 2 0 


and Yz — O' are sufficiently potent oxidants 
to drive the individual steps in the S-state 
cycle and to convert water to dioxygen. The 
need for a catalyst and a mechanism for 
multielectron reaction is evident from the 
very positive potentials of the one-electron 
steps in H 2 O to O 2 conversion [109]. It 
is of interest to note that the E°' values 
of the individual S,- —*■ S,-+i conversions 
are approximately equal. This indicates 
that proton transfer or a compositional or 
structural change must accompany each 
electron transfer to maintain the OEC 
potential at an accessible level. Although 
coupled electron -proton (or hydrogen 
atom) transfer maintains the requisite 
overall charge neutrality with each step, 
a proton-addition sequence of 1 : 0 : 1 : 2 
also is likely. There is general agreement 
that the average oxidation state of Mn in 
the tetramanganese cluster advances from 
+3.25 to +4.25 upon So -> S 4 conversion, 
but there is no consensus on the formal 
oxidation state assignments at each stage 
in the cycle. The possibilities considered 


Tab. 7 Redox potentials and oxidation state assignments of photosystem II components 


Half-reaction 


Potential, V 
versus NHE a 

OEC 

state 

Oxidation state assignments 

P680+ + e~ - 

s- P680 

+1.12 

So 

Mn 4 (II, III, IV, IV) or Mn 4 (III, III, III, IV) 

Y z — O' + H+ 

+ e~ > Y z — OH 

+0.97 

Si 

Mn 4 (III, III, IV, IV) 

Si + e“ 

-> So 

< +0.70 

S 2 

Mn 4 (III, IV, IV, IV) 

S 2 + e - 

-> St 

+0.925 

S 3 

M n 4 (1 V, 1 V, IV, IV) or Mn 4 (lll,IV,IV,IV)-0' 

S 3 + e~ 

-* s 2 

+0.925 

s 4 

Mn 4 (IV,IV,IV,V) or M n 4 (1 V, 1 V, 1 V, 1 V) -O* 


a From Ref. 104. 




428 | 76 Electrochemistry of the Group 7 Elements: Manganese, Technetium, and Rhenium 

most likely on the basis of current evidence Included among these are the steps in 
from XAS, EPR, and other spectroscopic which electron transfer is assumed to 
experiments are included in Table 7. involve an oxo ligand rather than a metal. 



Fig. 78 A proposed model structure oftheOEC of photosystem II 
(reprinted with permission from Ref. 3, Copyright 1 996 American 
Chemical Society). 



Fig. 79 A proposed mechanism for O 2 evolution from photosystem II based on the 
model structure in Fig. 18 (Reprinted with permission from Ref. 118, Copyright 1997, 
American Association for the Advancement of Science). 




Many chemical model studies and pro- 
posed mechanisms have been presented 
for the OEC in PSII [3, 104, 116-128], 
These draw heavily on the redox and co- 
ordination chemistry discussed in Sect. 
16.1.4 and on the extensive work with iso- 
lated biological materials. Space does not 
permit full coverage; thus, only some of the 
more significant stages in the model and 
mechanism development are described in 
the following paragraphs. 

An early model of the Mn complex in 
the OEC of PSII is shown in Fig. 18 [3], 
This C-shaped structure consists of two 
di-yu-oxo-bridged Mn units connected by 
a single fi-oxo plus two di-/x-carboxylato 
bridges. These features are similar to 
(1) and (8), respectively, in Sect. 16.1.4. 
Important components of the model are 
the Mn-Mn distances of 2.7 A in the 
di-//-oxo unit and 3.3 A in the mono-/x-oxo 
unit, which are consistent with the values 
obtained by EXAFS of the OEC in PSII. 
Although it was proposed initially that O 2 
forms from the bridging oxo ligands, this 
possibility has been discounted. 

An important stage in the OEC model de- 
velopment based on this C-shaped cluster 
is shown in Fig. 19 [118]. This descrip- 
tion established the role of the neutral 
tyrosyl radical (Yz — O') derived from the 
Tyrl61 residue on the D1 polypeptide as 
the primary oxidant of the Mn 4 cluster. In 
addition, the Yz — OH/Yz — O' redox sys- 
tem provides a means of coupling proton 
transfer to electron transfer during the 
S-state cycle. It has been argued that these 
H + /e“ exchanges are accomplished ex- 
clusively by hydrogen atom transfer on 

Fig. 20 Some proposed model 
structures ofthe OEC in photosystem II 
incorporating four Mn and one Ca atom 
(Reprinted with permission from 
Ref. 128, Copyright 2005, 

Springer-Verlag). 


76.7 Manganese | 429 

the basis of the approximate energetic 
equivalence of O— H bonds in Yz — OH 
and manganese-bound ligands. However, 
it is likely that H + and e“ transfer is 
not so tightly concerted in all stages of 
O 2 evolution and that protons and elec- 
trons may move along separate paths in 
the higher S-state conversions [129]. The 
model in Fig. 19 also recognizes the pos- 
sibility that dioxygen may be formed (via 
/x-peroxo species) at a terminal rather than 
at a bridging Mn site within in the OEC. 

The development of O 2 evolution model 
chemistry has received considerable impe- 
tus from recent X-ray spectroscopic [128, 

130, 131] and 3.2-3.5-A resolution crystal- 
lographic [132, 133] studies, which reveal 
a prominent role for Ca 2+ . The structures 
shown in Fig. 20, which contain Ca 2+ ei- 
ther as an integral component of a Mn 3 Ca 
cluster or bridged across a multinuclear 
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Fig. 21 A proposed mechanism for O 2 evolution from photosystem II based on a 4Mn-lCa cluster 
(reprinted from Ref. 125, Copyright 2004 with permission from the Royal Society of Chemistry). 


Mn array, are consistent with the exper- 
imentally established Mn-Ca distance of 
~3.4 A. Although seemingly implausible, 
intimate binding of Ca 2+ is supported by 
the observation that Ca can be incorporated 
in MnC>2 minerals [134] and by the recent 
synthesis of an Mni3Ca2 cluster contain- 
ing an Mn4CaC>4 unit [135]. An important 
feature of these models is the presence of a 
“dangling” Mn atom connected the main 
cluster via a mono-/x-oxo or fi 4-0x0 bridge. 
One proposed mechanism based on recent 


findings is shown in Fig. 21 [125]; other 
interpretations have been presented [122, 
127, 129, 131]. Some important points to 
be resolved while achieving an understand- 
ing of the molecular basis of dioxygen 
evolution include the details of proton- 
transfer reactions; whether oxidations of 
the OEC involve solely metal-centered elec- 
tron transfers or the formation of oxy 
radicals in some instances; the specific 
roles of Ca 2+ and Cl - ; and the details of 
the S2 — »■ S3 transition, which is thought 
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to involve a change in the Mn coordination 
number or structure within the Mn 4 Ca 04 
cluster [131]. 
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16.2 

Technetium 

16.2.1 

Introduction 

There are no stable isotopes of technetium. 
The element is obtained from fission 
reactions rather than from natural sources. 
The most commonly encountered isotopes 
are "Tc, a weak 292-keV /3~ emitter 
with a half-life of 2.1 x 10 5 yr, and " m Tc, 
a metastable form that decays to "Tc 
with the emission of a 140-keV y photon 
with a half-life of ca 6 h. The coordination 
chemistry [1, 2] and electrochemistry [3] of 
technetium have been reviewed on several 
occasions. 

Aside from interest in the properties 
of this relatively unexplored element, a 
primary reason for studying the electro- 
chemistry of technetium is its utilization 
in nuclear medicine [4, 5]. Because of 
its relatively short half-life, the " m Tc 
isotope is well suited and widely ap- 
plied to the radiopharmaceutical imag- 
ing of the bone and the heart, liver, 
kidney, and brain. The so-called first- 
generation imaging agents rely on the 
inherent biodistribution of technetium 
complexes (or their in vivo by-products) 
to reach an intended destination. Because 
this distribution varies with charge, size, 
lipophilicity, and other properties that de- 
pend on the oxidation state, extensive 
electrochemical investigations have been 
conducted on actual and model tech- 
netium radiopharmaceuticals [4]. More re- 
cently, second-generation imaging agents 
based on stable technetium complexes 
have emerged, which serve as a scaf- 
fold for the attachment of a biological 
molecule (e.g. a peptide, metallopeptide, 
monoclonal antibody) that can target a 
specific receptor site. The knowledge of 


Tc redox properties, however, remains an 
essential component of second-generation 
applications. 

This chapter covers the electrochem- 
istry of technetium complexes in oxida- 
tion states I through VII and focuses on 
mononuclear Tc(II) through Tc(V) species 
that are actual or model components of 
radiopharmaceuticals. In addition, tech- 
netium forms mononuclear complexes 
with multiply bonded oxo groups, bin- 
uclear complexes with bridging oxygen 
atoms, and binuclear complexes with 
unsupported metal-metal bonds. These 
structural features are rare or unknown 
in manganese chemistry. Thus, the elec- 
trochemistry of technetium differs con- 
siderably from that of manganese but 
is comparable to that of its higher con- 
gener, rhenium. 

16.2.2 

Mononuclear Complexes 

16.2.2.1 Oxo Complexes 

The tetraoxo pertechnetate ion is a much 
less potent oxidant than its permangano 
counterpart. A value of E°' = — 1.50 V 
versus NHE has been measured for the 
potential of the one-electron couple in 
Eq. (1) in CH 3 CN [6], 

Tc 0 4 “ + e“ ± > Tc0 4 2_ (1) 

A much more positive value of E°' = 
—0.88 V is estimated in aqueous solu- 
tion at pH >11 by using short-time pulse 
techniques [7, 8]. The aqueous electro- 
chemistry of Tc0 4 “ is complex. Under 
alkaline conditions, it is proposed that the 
protonation of Tc0 4 2 ~ and/or the expan- 
sion of its coordination shell follows Eq. 
(1) and produces a more easily reduced 
Tc(VI) species, resulting in a multielectron 
transfer [8]. The subsequent reduction can 
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be blocked by the addition of gelatin, which 
allows the chemical disproportionation re- 
action to occur: 

2Tc0 4 2 “ ± >TcQ 4 ~ + Tc0 4 3 “ (2) 

The estimated rate constant of Eq. (2) in 
1 M NaOH is k « 1.5 x 10 5 M -1 s” 1 [7]. 
In noncomplexing acid media, a three- 
electron reduction to Tc(IV) with the 
deposition of Tc0 2 is observed [9], 

Mononuclear oxo and nitrido complexes 
of Tc can be isolated with a variety 
of ancillary ligands. These compounds 
undergo reversible one-electron reactions 
encompassing oxidation states IV through 
VI [10-12] (Table 1). 

16.2.2.2 Homoleptic and Mixed-ligand 
Complexes 

A wide variety of mononuclear homoleptic 
and mixed-ligand technetium complexes 
without oxo ligands have been character- 
ized in the oxidation states I through VI. 
The values of E°' for representative sys- 
tems are represented in Table 1 [13-27]. 
The range of potentials accessible via lig- 
and tuning for a given metal-centered 
redox event approaches 2 V. Soft sulfur, 
phosphorus, and arsenic donor ligands 
are notable for their ability to stabilize 
lower oxidation states and to produce 
stable complexes with biologically compat- 
ible redox potentials. The molar absorp- 
tivity of such compounds is frequently 
large, which enables the determination 
of E°' by using spectroelectrochemistry 
in addition to conventional voltammet- 
ric methods. The determination of E°' 
for the Tc(dmpe) 3 2+ /+ couple by us- 
ing spectroelectrochemistry in an optically 
transparent thin-layer electrode (OTTLE) 
cell is illustrated in Fig. 1 [19]. As is 


customary for second and third transi- 
tion row elements, mononuclear Tc com- 
plexes are in the low- spin state. Hence, 
electron-transfer reactions proceed with- 
out large inner-shell reorganization, and 
electron-transfer rates are high. An ex- 
ception to such a generally reversible 
response is the cathodic behavior of 
Tc(ttcn) 2 2+ . The reduction of this complex 
at +0.26 V is accompanied by the release 
of C 2 H 4 and formation of a Tc(III) com- 
plex containing one trithiacyclononane 
(ttcn) and one tridentate acyclic L 2- =“ 
SCH 2 CH 2 SCH 2 CH 2 S- ligand [17]: 

Tc(ttcn) 2 2+ + e“ 

< > Tc(ttcn) 2 + 

* Tc(ttcn)(L)+ + C 2 H 4 (3) 

The reliable prediction of redox poten- 
tials as a function of composition is useful 
in the synthetic design and application 
of technetium and other transition metal 
complexes. A parametric procedure for do- 
ing so on the basis of ligand additivity 
principles has been developed by Lever 
[28]. Lu et al. [29] used this scheme to 
correlate Tc IV//m , Tc 111 / 11 , andTc 11 / 1 poten- 
tials with the composition of octahedral 
technetium complexes containing halide, 
nitrogen, and phosphorus donor ligands. 
The results are illustrated in Fig. 2 [29], 
where the observed potentials are plotted 
according to 

E o ' 0hs = S M [ZE L (L)] + I M (4) 

where 5 m and / m are the slope and inter- 
cept of the correlation line and E£l(L) 
is the sum of the ligand parameters. It 
is assumed that 5 m and /m are con- 
stant for a given metal and oxidation 
state, provided the coordination number, 
stereochemistry, and spin state do not 
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Fig. 1 Spectroelectrochemical 
characterization of the Tc(dmpe) 2 2+/,+ 
redox couple in 0.5 M 
TEACIC> 4 /propylene carbonate. Applied 
potential in V versus N H E for traces 
(a)-(j) -+0.80, +0.60, +0.58, +0.56, 
+0.54, +0.52, +0.50, +0.48, +0.46, and 
+0.30. For Tc(dmpe) 2 2+/,+ in propylene 
carbonate, E°' = +0.53 V (reprinted 
with permission from Ref. 19, Copyright 
1984 American Chemical Society). 


400 500 600 
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El 

Fig. 2 Plots of E°' for Tc lv / ln , Tc 111 / 11 , and Tc 11 / 1 redox couples versus 
the sum of ligand parameters, according to Eq. (4) (reprinted with 
permission from Ref. 29, Copyright 1990 American Chemical Society). 

change. Figure 2 shows an excellent cor- of modulating technetium-based redox po- 
relation with the predictions. The plots tentials through the adjustment of ligand 
for the Tc IV / m , Tc 111 / 11 , and Tc 11 / 1 cou- composition. 

pies are linear and nearly parallel. The In some cases, agreement with the 
slopes of 5 m = 100 ± 0.10, 1.29 ±0.08, predictions of the Lever parameteriza- 
and 1.39 ±0.12, respectively, are quite tion scheme is not exact. For example, 
large relative to values of other transition Table 1 shows that the Tc 111 / 11 potentials 
elements and indicate an excellent means ofTc(Me 2 bpy) 2 Cl 2 + /° andTc(terpy)Cl 3 °/“ 
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are 0.22 and 0.45 V more positive 
than the values for Tc(py) 4 Cl 2 + /° and 
Tc(py) 3 Cl 3 °/ _ [21]. Such differences are 
not observed for the corresponding Tc IV / m 
potentials. Because py, bpy, and terpy have 
nearly identical ligand parameters per di- 
imine N donor [28], these results indicate 
that polypyridyl ligands are more effective 
than a comparable number of monopy- 
ridines in stabilizing Tc(II) versus Tc(III). 

16.2.3 

Binuclear Complexes 

16.2.3.1 Oxo-bridged Complexes 

Technetium forms a number of binuclear 
complexes in which the metal atoms are 
joined by a single oxygen bridge and do not 
contain any multiply bonded oxo groups 
(1, Chart 1). These complexes undergo 
reversible electron transfers encompass- 
ing the Tc IV — O— Tc IV , Tc IV -0-Tc m , 
Tc 111 — o— Tc 111 , and Tc 111 — O— Tc 11 oxida- 
tion states. As shown by the examples in 
Table 2 [30, 31], experimentally observed 
redox potentials and oxidation states de- 
pend significantly on the ligands bound to 
the Tc-O-Tc unit. The replacement of a di- 
imine nitrogen donor with a monodentate, 
negatively charged ligand shifts the poten- 
tial in the negative direction and stabilizes 
the higher oxidation state. 


I I 

Tc- — O Tc- — 

/\ /\ 




- - - -Tc=Tc- - - 

/\/\ 


( 1 ) 


( 2 ) 




Tc = Tc 

/\/\ 




( 3 ) 



( 4 ) 


An interesting result in Table 2 is the 

large difference between E°' {W m) / (m nl) 

and E°' (ln m)(/(1II for the oxo-bridged 

complexes in comparison to the adjacent 

values F°' — F°' 

values c (i V ,IV)/(IV,III) c (IV,III)/(III,III) 

onr\ F° f F° r TVw=> 

dliU Cj ( III?II I)/(III,II) ^ (III,II)/(II,II) • 1I1C 

values of A E = E qv.iiq/qn.m) _ 

£0 (iii,iii)/(iii,ii) ran 8 e from 127 t0 139 V - 
These differences correspond to com- 
proportionation constants, A!c 0m = 
exp(F AE°' / RT), for the equilibrium 
reaction 

Tc IV -0-Tc m + Tc m — O-Tc 11 

± > 2Tc nl — Q— Tc 111 (5) 

on the order of 10 21 to 10 23 . Such 
values suggest a large thermodynamic 
stabilization of the (d 4 ) Tc 111 — O— Tc 111 
(d 4 ) oxidation state, which presumably is 
promoted by the single pt - oxo bridge. 

16.2.3.2 Metal-metal-bonded Complexes 

The octachloroditechnetate ion, TC 2 CI 8 2- , 
was among the first compounds recog- 
nized as containing a metal -metal quadru- 
ple bond [32]. The electrochemical data 
for this and several other metal -metal- 
bonded Tc 2 complexes are represented in 
Table 2 [32-35]. Ligands bind at the equa- 
torial positions around each metal in the 


Chart 1 Structures of binuclear 
technetium centers. 
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Fig. 3 Cyclic voltammetric reduction ofTc 2 (CH 3 CN)io 4+ at 
v = 0.2 V s -1 in CH 3 CN/O.I M TBAPF 6 (reprinted with permission 
from Ref. 34, Copyright 1995 American Chemical Society). 


Tc 2 "+ unit (2) and in some instances at 
the axial positions as well. Axial binding is 
weak, as exemplified by Tc 2(CH3 CN)io 4+ , 
where the CH3CN ligands at these po- 
sitions exchange rapidly with the sol- 
vent molecules [34]. Some bidentate lig- 
ands, such as diphenylformamidinate 
(DPhF - = C 6 H 5 NHCHNHC 6 H 5 -), can 
bridge the metal centers, resulting in struc- 
tures with three paddlewheel units and one 
Cl - bound to each metal (Tc2(DPhF)3Cl2, 
3) or four paddlewheel units and a single 
axial Cl“ (Tc 2 (DPhF) 4 Cl, 4) [35], 
Quadruply bonded Tq 111,111 has the 
electron configuration <7 2 tz 4 8 2 . Reduc- 
tion produces Tc2 III,n , Tq 11 ’ 11 , Tq 111 , 
and Tc 2 u centers, with configurations of 
<7 2 tt 4 8 2 8* , a 2 ir 4 S 2 8* 2 , <7 2 7T 4 8 2 8* 2 jz* , and 
cr 2 7r 4 8 2 8* 2 7T* 2 and metal-metal bond or- 
ders of 3.5, 3.0, 2.5, and 2.0, respectively. 
Exemplary data for several compounds 
of this type are presented in Table 2. 
Triply bonded Tc2 nlI (CH3CN)io 4+ un- 
dergoes reversible one-electron reduction 
to the uncommon cr 2 7T 4 8 2 8* 2 7T* state 
(Fig. 3) [34]. However, further reduction 


weakens the metal-metal bond to the 
point that the complex is not chemically 
stable. 
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16.3 

Rhenium 

16.3.1 

Introduction 

Rhenium is a rare element, having eluded 
discovery until 1925. Its chemistry [1, 
2] and electrochemistry [3, 4] have been 
reviewed on previous occasions. The prop- 
erties of Re compounds closely parallel 
those of Tc, and, although many com- 
parative studies have been conducted on 
the two elements, the rhenium literature is 
the more extensive. The properties of both 
elements are quite distinct from those of 
manganese. 

Interest in the electrochemistry of rhe- 
nium derives in part from its role in 
nuclear medicine [5], where compounds 
containing the high-energy, -emitting 
186 Re and 188 Re isotopes find use in 
the radiation therapy of cancer. As is 
the case for technetium, the electro- 
chemical properties are helpful in pro- 
jecting the distribution and stability of 
these radiopharmaceuticals in a biologi- 
cal environment. Also, the investigation of 
nonradioactive Re compounds provides a 
useful guide to the behavior of radioac- 
tive Tc congeners. Although similar in 
many respects - especially with regard to 
homoleptic and other mononuclear com- 
plexes - Re compounds generally are less 
oxidizing and kinetically more inert than 
their Tc analogs. Other distinguishing 
characteristics of rhenium include (1) the 
existence of high- valent mononuclear oxo 
complexes, whose aqueous electrochem- 
ical behavior provides useful insight to 
coupled electron-proton transfer reactions 

[6] ; (2) the formation of hydride complexes 
exhibiting well-defined electrochemistry 

[7] ; (3) the incorporation in supramolec- 
ular arrays, which have applications in 


molecular sieving, sensing, and catalysis 

[8]; and (4) the utilization as a catalyst for 
photo- or electrochemically initiated car- 
bon dioxide reduction [9]. 

16.3.2 

Mononuclear Complexes 

16.3.2.1 Oxo Complexes 

A value of E°' = —2.06 V versus NHE has 
been measured for one-electron reduction 
of the perrhenate ion, Re04 - , in CH3CN 
(Eq. 1) [10], although the flow of additional 
current on the plateau of the wave indicates 
that the initial electrode product is not 
chemically stable. 

Re04~ + e~ < > ReQ4 2 ~ (1) 

The electrochemical behavior of Re04~ 
in aqueous solution is irreversible and 
not well-characterized. The estimated one- 
electron potential for the ReC^ - / 2- couple 
in aqueous alkaline solution [3] (Table 1) 
is slightly more negative than that for 
TCO4 - / 2- (Table 1 of Sect. 16.2). In 
aqueous acid media, reduction is thought 
to proceed by a two-electron transfer 
from Re (VI I) to Re(V) [11], followed 
by disproportionation and formation of 
Re0 2 [12], 

Rhenium forms a number of mono-oxo, 
cis-dioxo, and trans-dioxo complexes in oxi- 
dation states IV through VII. Reversible, 
proton-independent, one-electron poten- 
tials for several systems are represented 
in Table 1 [13-22, 35, 36]. As is the case 
forTc, a large change in E°' for a given 
redox step can be produced by changing 
the ancillary ligands. 

Of particular interest are the proton- 
coupled multielectron transfers of high- 
valent oxorhenium (poly)pyridyl com- 
plexes [6, 15-18, 35]. This behavior is 



Tab. 1 Electrochemical data for mononuclear rhenium complexes 
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N 6 Re(bpy) 2 ^ + + e~ < > Re(bpy) 2 + DMA/0.5 M TBAPFg -0.33 

N 4 S 2 Re(tsc) 2 + e~ < > Re(tsc) 2 ~ DMF/0.1 M TBABF 4 -0.83 

P 6 Re(dmpe) 3 2+ +e-±=> Re(dmpe) 3 + DMF/0.5 M TEACI0 4 +0.52 



Mixed-ligand complexes 

V/IV HO 4 P 2 ReH(acac) 2 (PPh 3 ) 2 2+ + e~ < » ReH(acac) 2 (PPh 3 ) 2 + CH 2 CI 2 /0.1 M TBAPF 6 +1.05 

IV/III HQ 4 P 2 ReH (acac) 2 (PPh 3 ) 2 + + > ReH (acac) 2 (PPh 3 ) 2 CH 2 CI 2 /0.1 M TBAPF 6 -0.24 
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1.35 0.15 -1.05 


Potential 
[V vs SCE] 

Fig. 1 Cyclic voltammograms of Re02(bpy) (py) 2 + (solid line) and ReC> 2 (py) 4 + 
(dashed line) at pH 2 on a glassy carbon working electrode (reprinted with 
permission from Ref. 1 7, Copyright 1 990 American Chemical Society). 


illustrated by the aqueous, pH 2, cyclic 
voltammograms of cts-ReC> 2 (bpy)(py) 2 + 



and trans- Re 02 (py) 4 + (Fig. 1) [17]. The 
one-electron Re(V) —*■ Re(VI) potentials 
are proton independent from pH 1 to 11 
and are close to the values observed in 
CH 3 CN. However, the potential for oxida- 
tion of trans-ReC> 2 + complex is 0.6 V more 
positive than that for the oxidation of the 
cts-ReC> 2 + . Conversely, the proton-coupled 
Re(V) Re(III) and Re(III) Re(II) re- 
ductions of the cis and trans isomers 
occur at more nearly equal potentials, 
and the cis form exhibits the more pos- 
itive E°' (Fig. 1). The difference in Re VI / v 
potentials is attributed to the oxo group 
geometry [35]. The redox orbital of the 
trans complex is d xy , which lies in the 
equatorial plane and experiences little in- 
teraction with the oxo groups (Fig. 2) 
[35]. However, the redox orbital of the 

Fig. 2 Structures of (a) trans-ReC >2 
(py) 4 + and (b) c/s-Re0 2 (bpy)(py)2 + 

(reprinted from Ref. 35, Copyright 1995 
with permission from Elsevier). 
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Fig. 3 Pourbaix diagram for ReC> 2 (bpy)(py) 2 + (reprinted with 
permission from Ref. 1 7, Copyright 1990 American Chemical Society). 


cis complex is a composite of the d xz 
and d y 7 orbitals, which interact unfavor- 
ably with one or more oxo p- 7 r* orbitals 
and favor d 2 — »■ d 1 electron removal. The 
electron-transfer kinetics of cis- Re 02 (bpy) 
(py) 2 + and trans- ReC> 2 (py) 4 + also differ; 
(£ s ,h)trans/(ks,h)ds ^ 3 at highly ordered 
pyrolytic graphite electrodes. The smaller 
rate constant for cis-ReC> 2 (bpy)(py) 2 + cor- 
responds to an approximate 4-kJ mol -1 
difference in barrier height, which is as- 
signed to a Re-N(bpy) stretching mode 
that is observed only for the cis com- 
plex [35]. 

Reduction of the ReC> 2 + species at pH 2 
(Fig. 1) is accompanied by the addition of 
three protons and two electrons in the first 
step followed by the addition of one proton 
and one electron in the second step. The 
corresponding half-reactions (Table 1) are 

Re v 0 2 + + 3H+ + 2e“ 

fc^Re m (OH)(OH 2 ) 2+ (1) 

Re nl (OH)(OH 2 ) 2+ + H + + e“ 

fc^Re n (OH 2 )2 2+ (2) 

Proton stoichiometries change as pH is 
altered and are influenced by oxo group 


geometry and pyridyl ligand identity. The 
Pourbaix diagram of cis-ReC> 2 (bpy)(py) 2 + 
(Fig. 3) [17] is representative of the ob- 
served behavior. 

The apparent kinetics of proton-coupled 
ReV/m electron transfer also are de- 
pendent on oxo group geometry; here 
(^s,h )ds/(^s,h)trans ^ 100 [36]. It is pro- 
posed that the apparent kinetics is con- 
trolled by the thermodynamic accessibility 
of the intermediate Re(IV) state, whose 
effective potential is modulated by proto- 
nation, oxo group geometry, and pyridyl 
ligand substituents. 

16.3.2.2 Homoleptic and Mixed-ligand 
Complexes 

Rhenium forms a large number of 
mononuclear nonoxo complexes in ox- 
idation states I through VI. The redox 
potentials of selected examples are in- 
cluded in Table 1. The majority of com- 
pounds are octahedral. However, notable 
exceptions include the pentagonal bipyra- 
midal Re(CN) 7 3 “/ 4 “ (E°' = -0.64 V) and 
the square antiprismatic Re(CN)8 2- / 3- 
(E° r = +1.64 V) couples [23]. The latter 
complexes are similar in behavior to the 
isoelectronic Mo species. 
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The electrochemistry of Re and Tc com- 
plexes is frequently compared. Rhenium 
compounds are more difficult to reduce 
in a given oxidation state. Comparison 
of values from Table 1 of Sect. 16.2 and 
Table 1 of Sect. 16.3 at identical ligand 
composition indicates that Re potentials 
are 0. 2-0.6 V more negative than those 
ofTc, with the smaller differences oc- 
curring more frequently in the lower 
oxidation states. Lever constructed an elec- 
trochemical parameterization scheme on 
the basis of the ligand additivity princi- 
ples for 119 Re redox couples [37]. The 
results are shown in Fig. 4. The lines for 
the Re IV / m , Re 111 / 11 , and Re 11 / 1 couples 
are not as cleanly parallel as they are for 
Tc’V/ni, Tc 111 / 11 , and Tc 11 / 1 (Fig. 2 of Sect. 
16.2). Moreover, two lines are apparent for 


Re 11 / 1 couples. The upper line is domi- 
nated by complexes containing electron- 
withdrawing CO and isocyanide ligands. 
However, the structural or bonding signif- 
icance of the two Re 11 / 1 correlation lines is 
not clear. 

A change in the coordination number 
accompanies oxidation or reduction of 
some Re complexes. For example, oxida- 
tion of Re 1 (terpy) 2 + in the presence of free 
chloride ion produces seven-coordinate 
Re in (terpy) 2 Cl + via the following reaction 
sequence [31]: 

Re ! (terpy) 2 + — e“ 

fc^Re n (terpy) 2 2+ (3) 

Re u (terpy) 2 2+ + Cl - — e“ 

fc^Re m (terpy) 2 Cl + (4) 



Fig. 4 Plot of E°' for Re IV/,|M , Re 111 / 11 , and Re 11 / 1 redox couples versus the 
sum of ligand parameters (reprinted with permission from Ref. 37, 
Copyright 1990 American Chemical Society). 
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Volts vs Ag/AgCI 


Fig. 5 Cyclic voltammograms of ReH(acac) 2 (PPh 3 ) 3 + in CH 2 CI 2 /O.I M 
TBAPF6 (a) prior to and (b) following exhaustive electrolysis at +1 .1 V 
versus NHE (reprinted with permission from Ref. 7, Copyright 1990 
American Chemical Society). 


Reduction of Re m (terpy) 2 Cl + is irre- 
versible and re-forms Re*(terpy) 2 + in 
a two-electron reaction. Other seven- 
coordinate complexes [e.g. Re m (bpy )3 
(CNBu l ) 3+ ] are generated in this manner 
and exhibit similar reactivity [31]. 

The seven-coordinate hydrido complex, 
Re lv H(acac) 2 (PPli 3 ) 2 + , also undergoes a 
change in coordination number upon 
oxidation [7]. As shown in the upper 
trace (a) in Fig. 5, this compound ex- 
hibits a reversible one-electron oxidation 
at E° y/iy = +1.05 V and a reversible one- 
electron reduction at £ , ° , IV , m = —0.24 V. 
Exhaustive electrolysis at +1.1 V pro- 
duces the six-coordinate Re(III) com- 
plex, Re m (acac) 2 (PPh 3 ) 2 + , which exhibits 
a reversible one-electron oxidation at 
£ 0, IV / m = +1.17 V and a reversible one- 
electron reduction at E°' m , n = —0.52 V 
(Fig. 5b). Although similar in appearance 
and potential, the two sets of electrode 


reactions involve different pairs of oxida- 
tion states. 

16.3.3 

Polynuclear Complexes 

16.3.3.1 Oxo-bridged Complexes 

Although relatively few oxo-bridged rhe- 
nium complexes have been character- 
ized electrochemically, several studies 
have been conducted on Re(V) complexes 
containing a linear 0=Re— O— Re=0 
unit (1, Chart 1). Dithiocarbamate com- 
plexes such as Re 2 C> 3 (Et 2 dtc )4 exhibit a 
reversible Re v,v —*■ Re VIV reduction at 
E°' = —1.13 V in CH 3 CN [38], Complexes 
with SB ligands such as Re 2 C> 3 (salen )2 
exhibit one-electron Re v v —*■ Re VI V and 
RgVi.v R e VI,VI oxidations at +0.76 and 
+1.29 V and a one-electron Re v v — ► 
Re v - Iv reduction at —0.82 V in C 2 H 4 CI 2 
[39]. 
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16.3.3.2 Metal-metal-bonded Complexes 

The octachlorodirhenate ion, Re 2 Cls 2 ~, 
was the first substance recognized to con- 
tain a metal -metal quadruple bond [40]. 


Chart 1 Structures of polynuclear 
rhenium centers. 


Multiple metal -metal bonds have since 
been found in Re and many other transi- 
tion metal complexes [41]. The structure of 
the unsupported Re 2 6+ unit (2) is shown in 
Chart 1. Bonds to the ligands in the equa- 
tor around each metal may be staggered 
or eclipsed depending on electronic struc- 
ture, and solvent or unidentate ligands may 
bind weakly at the axial positions. In some 
cases, polydentate ligands may bridge the 
metal -metal-bonded unit (3). 

Electrochemical data for a number of 
multiply bonded Re 2 complexes are repre- 
sented in Table 2 [42-50]. The oxidation of 
quadruply bonded Re 2 ln ’ m (a 2 7z 4 S 2 ) pro- 
duces Re 2 III IV and Re 2 IV ' IV centers with 
configurations of a 2 7T 4 8 1 and <j 2 tz 4 and 
formal metal-metal bond orders of 3.5 
and 3.0, respectively. Reduction produces 
a o 2 7z 4 8 2 8* 1 Re 2 111-11 center, also with a 
bond order of 3.5. The sequential one- 
electron potentials in Table 2 are widely 


Tab. 2 Electrochemical data for metal-metal-bonded rhenium complexes 


(Re 111,111) complex 

Solvent /supporting 
electrolyte 


E°' , V versus NHE 


References 

(IV, IV)/ 
(IV, III) 

(IV, HI)/ 
(111,111) 

(111,111)/ 

(111,11) 

(111,11)/ 

(11,11) 

Re 2 Clg 2 ~ 

CH 3 CN-CH 2 CI 2 (1 : 1)/ 

+2.08 c 

+1.64 c 

-0.44 


42, 43 


0.5 M TBAPFg 






Re 2 CI 6 (PEt 3 ) 2 

CH 2 CI 2 /0.2 M TBAPF 6 



+0.14 


44, 45 

Re 2 CI 5 (PEt 3 ) 3 + 

CH 2 CI 2 /0.2 m tbapf 6 



+0.58 

-0.64 

44, 45 

Re 2 CI 4 (PEt 3 ) 4 2+ 

CH 2 CI 2 /0.2 M TBAPF 6 



+ 1.04 

-0.16 

44, 45 

Re 2 CI 2 (OOCEt 2 ) 4 a 

CH 2 CI 2 /0.2 m tbapf 6 



-0.10 


46, 47 

Re 2 (NCS)8 2 ~ 

n-PrCN/0.4 M TBAPF 6 


+1.30 

0.00 

-0.70 

48 

Re 2 (NCS) 10 4 “ b 

CH 2 CI 2 /0.5 m tbapf 6 

+0.66 

+0.20 

— 1 .1 l d 


49, 50 


a Axial Cl ligands. 
b Re 2 (/i-NCS) 2 (NCS)g 4 -. 
c Evaluated at 220 K. 

b Irreversible two-electron reaction (see text). 




spaced, indicating strong interaction be- 
tween metals, and the E°' values for a 
particular redox step are influenced signif- 
icantly by the charge and donor properties 
of the ligands. 

Electrochemical oxidation or reduction 
of Re 2 ,i+ complexes is frequently followed 
by chemical reactions leading to prod- 
ucts with altered structure or composition. 
For example, the exhaustive oxidation of 
Re 2 II ' II Cl 4 (PEt2)4 to Re2 nl ' n Cl4(PEt2)4 + 
and Re 2 IIU1I Cl 4 (PEt 2 ) 4 2+ is followed by 
chemical reactions that produce Re 2 III,n 
Cl 5 (PEt 2 )3, Re 2 IIUII Cl 5 (PEt2)3 + , and 
Re 2 IIUII Cl 6 (PEt 2 )2 [44, 45], The reac- 
tions involve scavenging of additional 
Cl - ligands by complexes in the higher 
oxidation states. In the four-membered 
Re 2 (NCS) 8 - / 2- / 3- / 4- redox chain [48], 
oxidation of Re 2 I1I,ln (NCS) 8 2_ is also 
followed by ligand scavenging and re- 
arrangement to Re 2 IV ' lv (NCS)io 2- [49, 
50]. This compound has been formu- 
lated as an edge-shared bioctahedral com- 
plex, Re 2 (/x-NCS) 2 (NCS) 8 2- , containing 
two N-bonded bridging thiocyanate lig- 
ands (4). The electronic configuration 
is a 2 7T 2 8 2 , which is consistent with a 
metal-metal bond order of 3.0. Reduction 
ofRe 2 IV - IV (M-NCS) 2 (NCS) 8 2 “ proceeds by 


Fig. 6 Structural 
representation of 
[Re(CO) 3 CI(u-azp)] 4 , (5) 
(reprinted with permission from 
Ref. 51, Copyright 2000 
American Chemical Society). 
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two sequential, reversible one-electron 
transfers to Re 2 ln ’ ni (p-NCS) 2 (NCS) 8 4_ , 
which are then followed by an irreversible 
two-electron reduction that forms a prod- 
uct similar to Re 2 n,I1 (NCS) 8 4 ~ [50]. 

16.3.3.3 Supramolecular Arrays 

Rhenium complexes are used in the con- 
struction of robust supramolecular arrays 
having strong metal-ligand bonds. As- 
semblies in the form of triangles, squares, 
rectangles, and the like possess capabilities 
for host- guest interactions and molec- 
ular recognition and have promise in 
areas such as sensing, catalysis, molecular 
sieving, and energy storage and conver- 
sion [8, 51-53]. The fac-Re(CO)iC\ unit 
is frequently employed as an element 
in such structures. An example is the 
molecular square [Re(CO) 3 Cl(/r-azp )]4 (5 
and Fig. 6) which is assembled from four 
Re(CO) 3 Cl moieties and four bridging 4,4'- 
azopyridine (azp) ligands [51]. The com- 
pound exhibits four successive reductions 
at -0.01, -0.45, -0.74, and -1.07 V and 
a single, reversible four-electron oxidation 
at E°' = +2.03 V in DMF. The reductions 
are assigned to ligand-centered electron 
transfers; the oxidation is assigned to 
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fec-Re(bpy)(CO) 3 CI 


-e 




+e 


CO + C0 3 2 - 


C0 2 + 2e 


[Re(bpyr)(CO) 3 CI]- 



CO + [XO]- 


[Re(bpy)(CO) 3 ]- 


-COo 


X + e 


■ [Re(bpy)(CO) 3 C0 2 r 


Fig. 7 Proposed one- and two-electron mechanisms for electrocatalytic reduction of 
C0 2 by^dc-Re(bpy) (CO) 3 CI; X is an oxide ion acceptor (adapted from Ref. 55). 


the removal of one electron each from 
the four noninteracting Re(I) atoms. The 
light-harvesting capacity of polynuclear 
rhenium centers and their capacity for 
reversible multielectron transfer is of in- 
terest with regard to applications in energy 
storage and conversion. 

16.3.3.4 Carbon Dioxide Fixation 

Low-valent rhenium complexes are effec- 
tive in the catalytic reduction of carbon 
dioxide. The conversion can be accom- 
plished photolytically or electrochemically 
and is of interest with regard to fuel pro- 
duction and greenhouse gas remediation 
[9]. Electrocatalytic reduction of CO2 to 
CO is initiated by the reduction of fac- 
Re(bpy)(CO)3Cl or a related complex and 
can be accomplished in homogeneous so- 
lution [54, 55] or on a polymer-modified 
electrode surface [56]. Catalytic current 


efficiency is high and generally is in excess 
of 90%. 

The mechanism of electrocatalytic CO2 
reduction has been studied in some 
detail [57-60] but is not fully understood. 
A proposed mechanism from an early 
investigation [55] is shown in Fig. 7. The 
initial step in the reaction is the reversible 
reduction of fac- Re(bpy)(CO)3Cl (E°' = 
-1.1 V in CH3CN), which is assigned 
to the bipyridyl-centered electron transfer 
(Eq. 5). This is followed by a second 
step (Eq. 6) at ca —1.5 V, which is 
irreversible at room temperature and may 
be accompanied by loss of Cl - : 

Re(bpy)(CO)3Cl + e~ < > 

Re(bpy-)(CO) 3 Cl (5) 

Re(bpy' - )(CO)3Cl + e - * 

Re(bpy)(CO) 3 - + Cl - (6) 



Carbon dioxide reduction is thought to 
proceed via metallocarboxylate interme- 
diate^) formed by coordination of CO2 
to the electron-rich Re center, although 
discrete steps in the process cannot be 
unambiguously assigned. The timing of 
Cl - displacement from and CO2 adduc- 
tion to the Re(bpy)(CO)3 unit are important 
mechanistic parameters. Most interpreta- 
tions are based on a one-electron pathway, 
involving the interaction of CO2 with the 
product of Eq. (5); a two-electron path- 
way, involving interaction of CO2 with the 
product of Eq. (6); or a combination of 
these steps. Additional mechanistic con- 
siderations are the role dimeric rhenium 
intermediates and likely proton sources. 
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Ligand Abbreviations 


Abbreviation 

8-HQ 

acac - 

bisimMe 2 en 

bispicen 

bispicMe 2 en 

bpea 

bpia 

bpy 

bpy0 2 

Cp*“ 

Et2dtc“ 

H2als 

H2bbpen 


Name 

8-Quinolinol 

Acetylacetonate 

N, A'-Dimethyl-lV, Af'-bisfimidazol-d-ylmethy^ethane-l^- 
diamine 

N, A'-Bis (2-pyridylmethyl) - 1 ,2-ethanediamine 
N, A7 , -Bis((6-methylpyrid-2-yl)methyl)ethane-l, 2-diamine 
N, N-Bis (2-pyridylmethyl) ethylamine 
Bis(picolyl)(N-methylimidazol-2-yl)amine 
2,2 , -Bipyridine 
2, 2 , -Bipyridine-l,l , -dioxide 
Decamethylcyclopentadienide 
N, IV-Diethyldithiocarbamate 
A?-(2-Carboxyethyl)salicylideneamine 
N, A , -Bis(2-hyroxybenzyl)-A/', N'-bis(2- 
pyridylmethyl)ethylenediamine 



h 2 dmhp 

H 2 DPPF 20 

H 2 EtioP 

H 2 Pc 

H2saldpt 

H2salen 

H 2 salophen 

H2tdcmpp 

H 2 TDCSPP 

H 2 tdmpp 

H 2 TDMSPP 

h 2 tmap 

H 2 TMPyP 

H 2 TPP 

H3salmp 

H 3 tpc 

H4mac 

HB(pz) 3 - 

hbpme 

Hhpt 

Hphox 

Me 3 tacn 

pebMe 2 pma 

pebpma 

phen 

sar 

tacn 

Tp- 

tripod 
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Hematoporphyrin IX dimethylester = 2, 7, 12, 18-tetramethyl- 
3 ,8-di (2-hydroxyethyl) -13,17 -di(methylpropionato)porphyrin 

5.10.15.20- Tetrakis(pentafluorophenyl)-2,3,7,8,12,13,17,18- 
octaphenylporphyrin 

2 , 7 , 1 2 , 1 7-T etramethyl- 3,8,13,1 8-tetraethylporphyrin 
Phthalocyanine 

1,7- Diamino-4-azaheptanebis (salicylaldimine) 

N, A/' , -Ethylenebis(salicylaldimine) 

N, A/' , -o-Phenylenebis(salicylaldimine) 

2,3,7,8,12,13,17,18-Octachloro-5,10,15,20-tetrakis(3,5-dichloro- 
2 , 6-dimethoxyphenyl) porphyrin 

5.10.15.20- Tetrakis(2,6-dichloro-3-sulfonatophenyl)porphyrin 

5.10.15.20- T etrakis ( 2 , 6-dimethoxyphenyl) porphyrin 

5.10.15.20- Tetrakis(2,6-dimethyl-3-sulfonatophenyl)porphyrin 

5.10.15.20- Tetrakis(4-lV, AI , ,A"-trimethylanilinium)porphyrin 

5.10.1 5 .20- T etrakis (N -methyl-4-pyridyl)porphyrin 

5,10,15,20-T etrakis (phenyl)porphyrin 
2-(Bis(salicylideneamino)methyl)phenol 

meso- Tris (phenyl) corrole 

5,6-(4,5-Dichlorobenzo)-3,8,ll,13-tetraoxo-2,3,9,9-tetramethyl- 
1 2, 1 2-diethyl-l ,4, 7, 1 0-tetraazacyclotridecane 
Hydrotris (pyrazol- 1 -yl)borate 

N - ( 2 - Hy droxybenzyl) - N , IV'-bis ( 2 -pyridylmethyl) ethane- 1 , 2 - 
diamine 

1- Hydroxy-2-pyridinethione 

2- (2'- Hydroxyphenyl) oxazoline 

N , N' , N" -Trimethyl- 1 ,4,7-triazacyclononane 
2 - ( 2 - Pyridyl) ethylbis ( 6-methyl- 2 -pyridylmethyl) amine 
2 - (2 - Pyridyl) ethylbis ( 2 -pyridylmethyl) amine 
1,10- Phenanthroline 

3,6,10,13,16,19-Hexaazabicyclo[6.6.6]eicosane 
1,4,7 -Triazacyclononane 
Hydrotris (pyrazol- 1 -yl)borate 

Cyclopentadienyltris (diethylphosphito- P) cobaltate ( 1 -) 
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16.1 

Manganese 

16.1.1 

Introduction 

Manganese is the third most abundant 
transition element [1], It is present in 
a number of industrial, biological, and 
environmental systems, representative ex- 
amples of which include manganese oxide 
batteries [2]; the oxygen-evolving center 
of photosystem II (PSII) [3]; manganese 
catalase, peroxidase, superoxide dismutase 
(SOD), and other enzymes [4, 5); chiral 
epoxidation catalysts [6]; and deep ocean 
nodules [7]. Oxidation -reduction chem- 
istry plays a central role in the function 
of most, if not all, of these examples. 

The coordination chemistry [8] and elec- 
trochemical properties [9-11] of manga- 
nese-containing compounds have been 
reviewed on a number of occasions. These 
collections contain primarily thermody- 
namic and (to a lesser extent) kinetic 
information on compounds of relatively 
simple composition. The objective in this 
chapter is to provide a descriptive sum- 
mary of the electrochemical properties of 
a wide range of manganese compounds. 
There is generous coverage of coordi- 
nation complexes, which seeks to illus- 
trate relationships between structure and 


reactivity by emphasizing the influence 
of coordination environment on oxidation 
state preference, reactivity, and mecha- 
nism. This approach provides a conve- 
nient framework for the discussion of 
electron-transfer reactivity that is impor- 
tant in many applications. The topics 
covered include mononuclear manganese 
complexes; Schiff base, porphyrin, and 
phthalocyanine complexes; bi- and polynu- 
clear complexes; and Mn in biological 
systems. 

16.1.2 

Mononuclear Complexes with Acyclic and 
Other Common Ligands 

16.1.2.1 Redox Potentials 

Manganese forms a large number of 
mononuclear complexes in oxidation 
states II, III, and IV with acyclic and 
other common ligands. The complexes 
primarily are six-coordinate species with 
octahedral or pseudo-octahedral geome- 
tries. Some exceptions to this catego- 
rization are the tetraoxo anions in ox- 
idation states V, VI, and VII and the 
manganocenes. Table 1 contains electro- 
chemical data for representative redox 
couples in which the Mn coordination 
environment remains invariant with oxida- 
tion state. Many entries are for homoleptic 
complexes, but some species with mixed 



76 Electrochemistry of the Group 7 Elements: Manganese, Technetium, and Rhenium 


O O 
i — ■ d p*i 


i— r- O O 

+ + + + + 


i — q! LJ_ 3L CL 

■ U < CL U < 

<C QD <C ■< LU 

: Lil I CQ LU I — 


■'f VO ^ ^ 

os-Oo 

u U u 


u u -o u o 

< < ID < 

p-1 CL <-l= CQ — 

I- I- u I- u 

2 2 q .2 £ 


1 ' i r” 1 — J ^ I w 

d S. d o d <2_ d od^ 

ZOZZZlZZZu 

uvuuuOuuu ^ 

UUUUUUUUUcn 


>H ^ CN * * <U + 

£ + + ++ ■ 
" ? Oj. J. + V 

“T ^ vo ^fN <U . 

' + O z z -2_§-< 

On^ Siiib£! 

C ^ E C C C 

s i ^ :> ^ ^ : 


■ ++. 
£ + 'NbCT' ro+ 

<N O O "o' 

: :2T S:.§- 3 0-4^ 

L a} _Q -i_> 03 _C LU 

: c c c c c c 


= .N 

5 "I -5 

o 


VO VO VO O O O O VO VO VO (/) VO VO VO 

u u z ^ m ^ nOOO^^uu 

Z.Z.ZZ O 


c 

.o 

+1 CO 

Q „ bD 

sag 
z s J 

VJ u 


>>>>>>>>>>>> 


Mn(CNCH 3 ) 6 3+ + e“ <=? Mn(CNCH 3 ) 6 2+ CH 3 CN/0.1 M TEACIO 4 +1.78 

Mn(CN) 6 3 ~ + e~ < > Mn(CN) 6 4 ~ Formamide/0.1 M TEACI0 4 -0.43 1 



Mn(CN) 6 3 ~ + e~ •* > Mn(CN) 6 4 ~ CH 3 CN/0.1 M TEACIO 4 -1.33 14 

Mn(Cp*) 2 + +e” < > Mn(Cp *) 2 CH 3 CN/O.I M TBABF 4 -0.32 > 4 x 10° 26, 27 

Mn(bpy) 3 3+ + e~ < > Mn(bpy) 3 2+ CH 3 CN/O.I M TPACIO 4 +1.60 28 


m N - 

OltnOi-VDNoOOl^ Oi— rn ro^J-Lr)LOV£)'X) 
<N 1— m m 1 — 1— 1— 1— pj - <N (N pj" (N CN (N ro (N m 
PO CN 





7 6. 7 Manganese 403 



404 


76 Electrochemistry of the Group 7 Elements: Manganese, Technetium, and Rhenium 


donor atom sets are included. Potentials 
extend from +0.41 to +2.01 V versus NHE 
for Mn IV / m couples [12-24], from —1.33 
to +1.78 V for Mn 111 / 11 couples [14-19, 
25-34], and from —1.93 to +0.62 V for 
Mn 11 / 1 couples [25, 26, 35]. The large 
ranges reflect the significant influences 
of the charge and donor/acceptor prop- 
erties of the ligand(s). Thus, oxidized 
forms are stabilized and negative poten- 
tials result with negatively charged, strong 
a -donor ligands (e.g. CN“), whereas re- 
duced forms are stabilized and positive 
potentials result with neutral it -acceptor 
ligands (e.g. isocyanides, diimines). Con- 
sequently, one-electron oxidants or reduc- 
tants exhibiting a very large range of 
potentials can be produced at mononuclear 
Mn centers. 

The d-electron configurations most com- 
monly observed for Mn (IV) through 
Mn (II) electron-transfer reactions involve 
Mn (III) in the high-spin state (t 2 g 3 e g 1 ): 

Mn(IV)(t 2g 3 ) Mn(III)(t 2 g 3 e g 1 ) 

Mn(II)(t 2 g 3 e g 2 ) 

( 1 ) 

However, low-spin Mn(III) (t 2g 4 ) is 
found in some instances (e.g. for Tp“ and 
its substituted derivatives [15]), resulting 
in the observation of: 


Mn(IV)(t 2g 3 ) > Mn(III)(t 2g 4 ) 

Mn(II)(t 2g 5 ) 

Mn(I)(t 2g 6 ) (3) 

Isocyanides stabilize low-spin Mn(I), 
(II), and (III) and form a redox sequence 
encompassing the last three members 
of Eq. (3). The potentials in Eq. (3) are 
very solvent-dependent for the negatively 
charged cyanide complexes. The reduced 
forms are stabilized relative to the oxidized 
forms by strong hydrogen bond interac- 
tions, which produce positive E°' shifts 
of 0.6-0. 9 V in proton-donating solvents. 
The magnitude of the effect is such that 
the potential of the Mn(CN) 6 4_,/5_ cou- 
ple in H 2 0 is more positive than that 
of the Mn(CN) 6 3 ~/ 4_ couple in CH 3 CN 
(Table 1). 

Decamethylmanganocene (D^f) under- 
goes chemically reversible and kinetically 
facile electron-transfer reactions encom- 
passing the Mn(III), (II), and (I) oxidation 
states: 

Mn(III)(e 2 g 2 ai g 2 or e 2 g 3 ai g 1 ) 
Mn(II)(e 2 g 3 a lg 2 ) 

Mn(I)(e 2 g 4 a lg 2 ) (4) 


Mn(IV)(t 2g 3 ) Mn(III) (t 2g 4 ) 

— - — > Mn(II)(t 2 g 3 e g 2 ) 

(2) 

Strong field CN - stabilizes low-spin Mn 
in oxidation states I through IV and is 
unique in stabilizing a four-member redox 
series: 


[Mn(Cp*) 2 ]+/°/- is low spin in all oxida- 
tion states. However, unsubstituted high- 
spin Mn(Cp ) 2 is extremely reactive and has 
not been characterized electrochemically 
[26, 38], 

Simple one-electron reduction of man- 
ganese tetraoxo anions in aqueous solu- 
tion is observed only under very alkaline 
conditions. Hydroxide ion concentrations 
greater than 0.4 and 10 M are required 
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Fig. 1 Cyclic voltammetric curves of electrode reactions of the M 11 O 4 V 2 - (I) and 
MnO,) 2 ^/ 3- (II) couples in 1 M NaOH; 0.001 M KMn 04 , v = 1 .5 V min -1 ; (a) carbon paste 
electrode and (b) glassy carbon electrode (reprinted from Ref. 12, Copyright 1979 with 
permission from Elsevier). 


to stabilize M 11 O 4 2- and MnC> 4 3- , re- 
spectively, and to produce the following 
electron-transfer sequence: 

Mn VII 0 4 “(e°) 

► Mn VI 0 4 2 _ (e 1 ) + H 2 0 

> Mn v 0 3 (0H) 2 “(e 2 ) + OH" (5) 

Here, the electrochemical reduction of 
Mn 04 2- is accompanied by protonation 
under certain conditions. As shown in 
Fig. 1 [12], the close proximity of the 
Mn VII /vi an d Mn vi ^ v electrode reactions 
reflects the positive shift in the Mn vl/v 
potential because of proton addition in the 
second step of Eq. (5). Under more acidic 
conditions, MnC> 4 - reduction proceeds to 
Mn IV 0 2 or to Mn n (H 2 0) 6 2 +. 

For heteroleptic complexes not in- 
cluded in Table 1, redox potentials can be 
estimated by ligand additivity principles 


[39-41]. Lever has successfully predicted 
Mn 11 / 1 potentials of 24 Mn-carbonyl com- 
plexes containing halide, pseudohalide, 
isonitrile, and phosphine co-ligands, with 
additivity parameters derived from the 
potentials of Ru 111 / 11 couples [39]. An 
important consideration for heterolep- 
tic complexes is the influence of iso- 
merism on redox thermodynamics. For 
Mn(CO)„(CNR) 6 - H complexes, with n = 2 
or 3, the Mn 11 / 1 potentials for cis/trans and 
fac/mer pairs differ by as much as 0.2 V 
[40]. The effect arises from the different er- 
donor and it -acceptor abilities of carbonyl 
(CO) and isocyanide and their influence on 
the energy of the highest energy occupied 
molecular orbital (HOMO). 

The electron-transfer reactions in Table 
1 primarily are metal-centered processes. 
As a result, the separation between the 
potentials of successive electrode reactions 
generally is large. Values of A E°' = 
E^y/ni' — E^ u , u ' in Table 1 range from 
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0.5 to 1.7 V, and the corresponding 
comproportionation constants, ^ com = 
exp(F AE°' / RT), range from 3 x 10 8 to 
5 x 10 28 . The larger values of A E°' (e.g. 
CN“) are consistent with highly metal- 
localized electron transfers, whereas as 
smaller values (e.g. Et 2 dtc“) indicate more 
effective distribution of charge upon a 
change in oxidation state. 

1 6.1 .2.2 Coupled Chemical and 
Electrochemical Reactions 

The influence of isomerism is re- 
vealed in the mechanistic electrochem- 
istry of Mn carbonyls. One-electron ox- 
idation of _/ac-Mn(CO) 3 (dpm)Cl (dpm = 
bis-(diphenylphosphino)methane) is fol- 
lowed by rapid rearrangement of fac- 
[Mn(CO) 3 (dpm)Cl] + to mer-[Mn(CO )3 
(dpm)Cl] + [42]. However, reduction of 
the mer-Mn(II) species (protected against 
photoytic or solvolytic decomposition) to 
mer-Mn(CO) 3 (dpm)Cl is not followed by 
the facile rearrangement to the thermo- 
dynamically favored^ac-Mn(CO) 3 (dpm)Cl. 
The mechanism is summarized in Sch. 1, 
from which it is evident that (1) the fac 
isomer is thermodynamically favored in 
the Mn(I) state and the mer isomer in the 
Mn(II) state, (2) the fac isomer is 0.5 V 
more oxidizing than the mer isomer, and 
(3) the 17-e“ Mn 11 species is kinetically 
more reactive than the 18-e“ Mn 1 species. 


Further structure-dependent reactivity is 
illustrated by the electrochemistry of 18- 
electron trans-[Mn(CO) 2 (>? 2 -dppe) 2 ] + [I + , 
dppe = 1, 2-bis(diphenylphosphino)etha- 
ne] (Fig. 2) [43]. As summarized in Sch. 2, 
the initial one-electron reduction of I + pro- 
duces the metastable 19-electron species, 
I*, which rapidly (kj » 4 x 10 6 s -1 ) ex- 
trudes one end of a coordinated dppe 
ligand and forms the 17-electron trans- 
[Mn(CO) 2 (^ 2 -dppe)()? 1 -dppe)], II*. This 
five-coordinate complex is reduced at the 
potential of initial reduction, affording 
two-electron transfer by an electrochemi- 
cal-chemical-electrochemical (ECE) mech- 
anism: I + + 2e“ —*■ 11“ . Reversible one- 
electron electrochemistry of the IT/II“ 
couple is observed on a subsequent cyclic 
scan at positive potentials (peaks B and 
C, Fig. 2). An interesting aspect of this 
voltammogram is the curve-crossing at 
— 1.6 V. This phenomenon results from 
the contribution of the homogeneous 
chemical reaction, I + + 11“ < > 2IT, to 

the electrochemical response, produc- 
ing an ECE-disproportionation (DISP) 
mechanism. 

16.1.2.3 Electron-transfer Kinetics 

Electrochemical electron-transfer rate con- 
stants have been measured less frequently 
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Scheme 1 Mechanism of 
electrochemically induced 
fac/mer isomerization of 
Mn(CO)3 (dpm)CI in 
CH3CN/O.I M TEACIO4 [42], 



Fig. 2 Negative-scan cyclic 
voltammogram of 5 x 10 ~ 3 M 
[Mn(CO) 2 (dppe) 2 ] PF 6 (l + PF 6 ') in 
THF, containing 0.3 M TBACIO 4 at 
v = 0.5 V s -1 (reprinted with 
permission from Ref. 43, Copyright 1988 
American Chemical Society). 

than redox potentials for these mononu- 
clear manganese complexes. Even so, the 
values of k s ^ in Table 1 encompass a 
range of 7 orders of magnitude. In circum- 
stances in which little inner-shell reorga- 
nization accompanies electron transfer, as 
in the reduction of low-spin Mn(CN)6 4- 
(t 2g 5 ) to low-spin Mn(CN) 6 5_ (t 2g 6 ) (Eq. 3), 
k S ' h is large (0.26 cm s' 1 ) [35]. However, 
in cases in which there is a change in the 
number of antibonding e* electrons, struc- 
tural change ensues and the rate constant 
can be much smaller. This is illustrated by 
the oxidation of [Mn n (tripod) 2 ] (t 2g 3 e g 2 ) to 
[Mn m (tripod) 2 ] + (t^e 1 ), where k s ^ = 7 x 
10~ 7 cm s _1 (Fig. 3) [21]. Figure 4, which 
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A 



-1 -2 


Volts vs SCE 

depicts the sequential one-electron oxi- 
dations of [Mn n (Me 2 pzb) 2 ] (Me 2 pzb“ = 
Tp* - =hydrotris(3,5-dimethylpyrazol-l-yl) 
borate) species [15], further illustrates the 





Scheme 2 Mechanism of the two-electron reduction of [Mn(CO) 2 (;; 2 -dppe) 2 ] + (l + ) to 
[Mn(CO ) 2 (t] 2 -dppe) ( 17 1 -dppe)] (IT) [43], 
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Fig. 3 Cyclic voltammograms for the oxidation of 
[Mn 11 (tripod) 2 ] in CH 2 CI 2 at sweep rates of 50-1000 mV s^ 1 
(reprinted from Ref. 21, Copyright 2002 with permission from 
Wiley-VCH). 



Fig. 4 Oxidative cyclic voltammogram of 2.4 x 10~ 4 M Mn 11 (Me 2 pzb )2 in 
1 ,2-dichloroethane containing 0.1 M TBAPF6 at v = 0.1 V s _1 (reprinted with 
permission from Ref. 15, Copyright 2003 American Chemical Society). 


influence of inner-shell reorganizations on 
electron-transfer rate. Here, k s ^ = 5.9 x 
10 -4 cm s _1 for the oxidation of high- 
spin [Mn n (Me 2 pzb) 2 ] (t 2 g 3 e g 2 ) to low-spin 
[Mn m (Me 2 pzb) 2 ] + (t 2 g 4 ), which is accom- 
panied by a large change in the average 


Mn— N bond distance (AMn-N = 0.26 A) 
[44], and k s ^ = 1.1 x 10 -2 cm s _1 for the 
oxidation of low-spin [Mn m (Me 2 pzb) 2 ] + 
(t 2 g 4 ) to low-spin [Mn IV (Me 2 pzb) 2 ] 2+ 
(t 2 g 3 ), for which the structural change is 
much less (AMn-N = 0.025 A) [44]. 
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16.1.3 

Mononuclear Complexes with Porphyrins, 
Schiff Bases, Phthalocyanine, and Related 
Macrocyclic Ligands 

16.1.3.1 Introduction 

Manganese complexes with porphyrins, 
Schiff bases (SBs), and related ligands are 
of interest as catalysts for the epoxida- 
tion of olefins [6]; as models for the behav- 
ior of catalases, SODs, cytochrome P450, 
and other metalloenzymes [4, 5, 45]; and as 
the active component of membrane elec- 
trodes with unusual anion selectivities [46]. 
Because they are catalytic scavengers of 
reactive oxygen- and nitrogen-containing 
species, they have also been tested for their 
efficacy in the treatment of oxidative stress 
[47]. In addition, Mn-phthalocyanines are 
of interest as dyes and in display devices 
because of their intense coloration and 
resistance to degradation [48]. 

The utility of these complexes derives 
from the robustness provided by the equa- 
torial coordination of the macrocyclic or 
polydentate ligand plus the ability to 
modulate chemical and physical proper- 
ties and reactivity patterns by changing 
axial ligation and/or ligand substituent 
groups. Replacement of H with electron- 
donating or -withdrawing groups on the 
porphyrin skeleton or appended aromatic 
substituents can shift the potential of 
metal- or ligand-centered electron transfer 
by more than 0.5 V [49-51]. In addition, 
ligand substituents impart favorable sol- 
ubility properties, steric constraints, or 
structural features not found in the un- 
substituted porphyrin complex. Ligand 
structures and abbreviations are found in 
the Appendix. 

The most common oxidation states in 
these complexes are Mn(III) and Mn(II). 
The more highly oxidized forms can be 
stabilized by strongly electron-donating 


ligands or by appropriate control of exper- 
imental conditions. For Mn-porphyrins 
and phthalocyanines, the ligand-centered 
reductions producing metal-bound tz an- 
ion and dianion species occur at poten- 
tials that are about 1.4 V more negative 
than that for Mn(III) -» Mn(II) reduc- 
tion. The ligand-centered reactions are 
separated by ~0.4 V. Depending on condi- 
tions, ligand-centered oxidations produc- 
ing metal-bound tt cation and dication 
species also may occur at potentials that are 
about 1 V more positive than the Mn 111 / 11 
value and may precede, follow, or coincide 
with Mn(III) oxidation. 

16.1.3.2 Studies in Nonaqueous Media 

Because of its high reactivity and un- 
suitable solubility characteristics, com- 
plexes of the unsubstituted porphine 
(H2P) are rarely investigated. The most 
widely studied manganoporphyrins are the 
tetraphenylporphyrin species, Mn(TPP)X, 
where X - is a monodentate axial lig- 
and. In noncoordinating, aprotic solvents, 
Mn(TPP)X is a five-coordinate, high-spin 
(d 4 ) complex in which the Mn(III) atom 
is displaced ~0.23 A (X - = Cl - ) above 
the porphyrin plane [52]. Reduction of 
Mn(TPP)Cl in a noncoordinating solvent 
occurs without a change in ligation but 
the Mn atom further extends to ~0.69 A 
above the plane [53]. This large inner- 
shell reorganization causes the rate of 
heterogeneous Mn 111 / 11 electron transfer 
to be slow - k s h = 2 x 10 -3 cm s -1 [54, 
55], Electrochemical behavior is influenced 
dramatically by the presence of a coordi- 
nating solvent or a strong axial ligand (e.g. 
CH3OH, py), which converts the Mn(III) 
form to a six-coordinate species with axial 
bis-ligation, while the Mn(II) form retains 
the five-coordinate geometry with the new 
axial ligand. Scheme 3 summarizes this 
reactivity, which produces demonstrable 
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A 

Mn m (TPP)CI + e . Mn"(TPP)Cr 


+2L, -CP 


+l, -cr 


Mn m (TPP)(L) 2 + + e- . Mn"(TPP)(L) + L 

B 

Scheme 3 Electrode half-reaction scheme for five- and 
six-coordinate Mn(lll) porphyrins [56-58], 



Fig. 5 Dependence of the 
potential of Mn 111 (TPP)CI 
reduction on CH3OH 
concentration in 
1 ,2-dichloroethane containing 
0.1 M Et 4 NCI at 296 K; 

(•) experimental data, (-) 
calculated data (reprinted with 
permission from Ref. 58, 
Copyright 1 992 American 
Chemical Society). 


effects on the thermodynamics of electron 
transfer. The Mn III//u potential is no longer 
dependent on the counterion present in 
the initial complex but rather depends 
on the nature and concentration of the 
new axial ligand [56-58]. Under appro- 
priate conditions, the electrode potential 
can exhibit a biphasic dependence on the 
concentration of the added ligand, as il- 
lustrated in Fig. 5. The kinetics of Mn 111 / 11 
electron transfer also is influenced by this 
change in composition. As shown in Fig. 6, 
the voltammetric peak potential separa- 
tion decreases and the electron-transfer 
rate increases upon conversion to the six- 
coordinate species, which has its Mn atom 
in the porphyrin plane. Enhancement of 


the Mn 111 / 11 electron-transfer rate by this 
axial bis-ligation is observed in both elec- 
trochemical [58] and homogeneous [59] 
experiments. The spectroscopic signatures 
of Mn 111 and Mn 11 porphyrins also are sen- 
sitive to the state of axial ligation, and these 
features have been used to characterize 
Mn-porphyrin species [60, 61]. 

Table 2 contains redox potentials for 
representative porphyrin, SB, and related 
complexes in nonaqueous solvents. These 
data primarily illustrate the influence of 
axial ligation and porphyrin substituents 
on the Mn nl,/I1 potential. Planar macro- 
cyclic ligands such as phthalocyanine and 
corrole provide an equatorial coordination 
environment similar to that of porphyrins. 
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Fig. 6 Cyclic voltammograms at a 
1.6-mm diameter Pt electrode 
(200 mV s _1 ) and steady state 
voltammograms at a 25-|tm diameter Pt 
electrode (20 mV s -1 ) for oxidation and 
reduction of 8.5 x 10 “ 4 M Mn m (TPP)CI 
at 241 Kin 1 ,2-dichloroethane 
containing 0.1 M TBABF 4 in the 
presence of 0-1 .28 M CH 3 OH. The 
peak potential separation at 200 mV s -1 
for cyclic voltammetric reduction of 
Mn 1 " (TPP)CI at 296 Kin 
1 , 2 -dichloroethane decreases from ca 
220 mV in 0 M CH 3 OH to ca 70 mV in 
> 1 M CH 3 OH (reprinted with 
permission from Ref. 58, Copyright 1992 
American Chemical Society). 



In the case of dinegative Pc 2- , the Mn 111 / 11 
potential is similar to that of the porphyrins 
[62]. However, the trinegative tpc 3- lig- 
and [63] shifts potentials to negative values 
and enables observation of Mn 1 ^ 111 and 
Mn v ^ lv redox processes (Table 2). 

The electrochemistry of Mn-Schiffbase 
complexes closely parallels that of the 
Mn-porphyrins. A Mn 111 / 11 redox process 
is observed near 0 V versus NHE. In 
addition to changes in substituent groups 
and axial ligation, the variation of the 
donor atom set and denticity is possible 
with SBs. Redox potentials can be tuned 
over a range of ~0.5 V by using one 
or more of these modifications [65, 
66]. The state of axial ligation often is 
not fully characterized for Mn-Schiff 
base complexes. However, it appears 
that many Mn(III) forms are high-spin, 
six-coordinate d 4 species and that the 
Mn(II) forms presumably are high-spin, 
five-coordinate d 5 species. Thus, for a 


tetradentate SB ligand, the generic Mn 111 / 11 
half-reaction is represented as: 

[Mn m (SB)(L) 2 ]+ + e- 

± > [Mn n (SB)(L)]° + L (6) 

Manganese (IV) and (V) complexes with 
a multiply bonded oxo ligand are poten- 
tially important intermediates in catalytic 
and biological processes. Although ob- 
served transiently, these species have not 
been generated in a stable form by elec- 
trochemical methods in aprotic media. 
However, strongly donating ligands such 
as the deprotonated tetraamide macrocy- 
cle (mac 4- ) [68] enable access to high- 
valent oxo systems, as exemplified by the 
[Mn V/,IV 0(mac)] - / 2- system in Table 2. 

16.1.3.3 Studies in Aqueous Media 

Manganese porphyrins can be solubilized 
in aqueous solution by the attachment of 
charged functional groups to the porphyrin 
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Tab. 2 Electrochemical data for manganese complexes with porphyrins, Schiff bases, and related 
macrocyclic ligands in nonaqueous media 


Complex 

Electrode 
Reaction 3 

Conditions 

E° ,b , V versus 
NHE 

Refe- 

rences 

Five-coordinate porphyrins 
Mn 1 " (TPP)CI0 4 

A 

CH 3 CN/O.I M TBACIO 4 

-0.43 

57 

Mn 1 " (TPP)CI 

A 

CH 3 CN/O.I M TBACIO 4 

-0.47 

57 

Mn 1 " (TPP)N 3 

A 

CH 3 CN/O.I M TBACIO 4 

-0.53 

57 

Mn 1 " (tdcmpp)CI 

A 

C 6 H 5 CN/0.1 M TBACIO 4 

+0.05 

50 

Mn 1 " (DPPF 20 )CI 

A 

C 6 H 5 CN/0.1 M TBACIO 4 

- 0.20 

51 

Mn 1 " (DMHP)CI 

A 

CH 3 CN/O.I M TPACIO 4 

-0.61 

64 

Mn 1 " (EtioP)CI 

A 

CH 3 CN/O.I MTPACIO 4 

-0.69 

64 

Mn 1 " (tdmpp)CI 

A 

C 6 H 5 CN/0.1 M TBACIO 4 

-0.81 

50 

Six-coordinate porphyrins 
Mn 1 " (TPP) (CH 3 OH) 2 + 

B 

CH 2 CI 2 /0.1 MTEACI/1 M CH 3 OH 

-0.42 

58 

Mn 1 " (TPP) (dmso) 2 + 

B 

CH 2 CI 2 /0.1 MTEACIO 4 /I M DMSO 

-0.49 

57 

Mn 1 " (TPP) (py) 2 + 

B 

CH 2 CI 2 /0.1 MTEACIO 4 /I M py 

-0.54 

57 

Schiff bases 

Mn 1 " (salophen) + 

6 

DMSO/O.l M TEACIO 4 

-0.36 

65 

Mn m (saldpt)+ 

6 

DMSO/O.l M TEACIO 4 

-0.44 

66 

Mn'"(salen)+ 

6 

CH 3 CN/O.I M TBACIO 4 

-0.52 

67 

Others 

Mn m (Pc)+ 


DMSO/TEACIO 4 

-0.32 

62 

Mn lv (tpc)CI 


CH 2 CI 2 /0.1 M TBACIO 4 

+0.79 c — 0.31 d 

63 

Mn v O(mac) - 


DMSO/O.l M TBAPF 6 

— 0.27 c 

68 


a From Sch. 3 or text. 
b Mn" 1 / 11 potential, except as indicated. 
c Mn v / lv potential. 
d Mn lv / m potential. 

skeleton or its appended phenyl rings. 
The behavior of the tetrasulfonated TDM- 
SPP system is represented in Fig. 7 [69]. 
Sequential Mn v / iv and Mn lv ^ IU electron- 
transfer reactions are observed from pH 
1 to 10. At the highest acidities both 
axial ligands of Mn are H 2 O, and E°' 
values are independent of pH. The ax- 
ial H 2 O ligands become deprotonated as 
pH is increased. Thus, under some condi- 
tions, half-reactions involve both H + and 
e“ transfer, and E°' values become pH 
dependent. Overall behavior is described 
by the sequence of reactions in Sch. 4. 
Data for selected aqueous Mn-porphyrin 


systems are collected in T able 3 . Accessible 
oxidation states, electrode potentials, and 
p K 3 values are dependent on porphyrin 
substituents and experimental conditions. 
For this reason, the entire range of oxida- 
tion and protonation states has not been 
observed for a single system. Moreover, 
manganese porphyrins with a fully depro- 
tonated oxo ligand (i.e. Mn v = O) have not 
been observed under these conditions. 

16.1.3.4 Electrocatalytic Studies 

High -valent oxomanganese species are im- 
portant intermediates in industrially sig- 
nificant catalytic reactions and are model 
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Fig. 7 Aqueous solution 
electrode potentials as a 
function of pH for 
Mn(TDMSPP)(X )2 porphyrins, 
with X = H 2 O or OH - axial 
ligands. Top curve (□): 

Mn lv — > Mn v oxidation; bottom 
curve (■): Mn m -> Mn lv 
oxidation (reprinted with 
permission from Ref. 69, 
Copyright 1 991 American 
Chemical Society). 



Mn v (P)(H 2 0) 2 


P*a1 


(V/IV) 


Mn v (P)(H 2 0) 2 


P*a1 


(IV/III) 


Mn (P)(H 2 0) 2 


P«a1 


(Ill/ll) 


Mn (P)(H 2 0) + H 2 0 
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Scheme 4 Electron- and proton-transfer reactions of manganese porphyrins in aqueous media. 


reactants of similar catalytic processes in 
biological systems (e.g. cytochrome P450) 
[45, 75], The mechanism of olefin epoxi- 
dation has been studied electrochemically 


using Mn(TPP)Cl [76] or Mn(salen)Cl [66] 
as the source of manganese. As shown 
in Fig. 8, the oxidative process is initiated 
by the reduction of Mn(TPP)Cl (believed 
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Tab. 3 Electrochemical data for manganese porphyrins in aqueous media 3 


Porphyrin 

Axial ligation 

E°', V versus NHE 

Proton ionization 


References 

V/IV IV/III 

Ill/ll 

oxidation 

state 

pKal 

PK 3 2 

h 2 tdmspp 

(H 2 0) 2 

+1.45 +1.28 


V 

3.7 


69 


(H 2 0) (OH) 

+1.39 +1.17 


IV 

4.1-4. 7 

9.9 



(OH) 2 

+0.9 


III 

5.8 

12.2 


h 2 tdcspp 

(H 2 0) 2 

+1.44 


V 



70 


(H 2 0) (OH) 

+1.29 


IV 

1.8 




(OH) 2 



III 

4.4 



H 2 TMPyP 

(H 2 0) 2 


+0.02 

III 

8.0 

10.6 

71,72 

H 2 TMAP 

(H 2 0) 2 


-0.13 

III 

11.4 


73 

h 2 dmhp 

(H 2 0) (OH) 


— 0.33 b 




74 


3 Defined on the basis of the half-reactions in Sch. 4. 
b 47.5% ethanol in H 2 O. 



to exist as Mn(TPP)(l-MeIm)Cl in the 
presence of excess 1-methylimidazole) in 
an O 2 -saturated solution, which produces 
five-coordinate [Mn(TPP)(Im)]. This com- 
plex binds O 2 in an axial position and 
is reduced by a second electron to the 
Mn(II)-peroxo species, [Mn m (TPP)(C> 2 )(l- 
Melm)] - . Benzoic anhydride, which is 
added to the solution as an electrophilic 


Fig. 8 Proposed mechanism of 
electrocatalytic epoxidation of 
olefins by manganese-porphyrin 
catalysts (reprinted with 
permission from Ref. 76, 
Copyright 1986 American 
Chemical Society). 


activator, reacts with the bound peroxo 
and forms a Mn v = O center upon dis- 
placement of two moles of benzoate ion. 
This highly reactive Mn v = O species then 
epoxidizes the olefin. Although direct elec- 
trochemical reduction of Mn v = O pre- 
sumably contributes to a loss of faradaic 
efficiency, product yields of 48-56% have 
been achieved. 



16.1.4 

Binuclear and Polynuclear Complexes 

16.1.4.1 Introduction 

Manganese forms a number of bi- and 
polynuclear complexes. In many cases, 
the metal centers are bridged by oxo- 
or O-donor ligands (consistent with the 
affinity of Mn for this element) and are 
capped by N-donor or other ligands at the 
remaining coordination sites. The most 
common structural forms discussed in this 
section are depicted in Chart 1. Interest 
in these compounds is predicated on the 
presence of multiple Mn atoms in close 
proximity to one another at several enzyme 
active sites [4, 5] and at the oxygen- 
evolving center of PSII [3]. In addition, 
manganese centers of high nuclearity 


are being investigated actively as single- 
molecule magnets [77-79]. 

16.1.4.2 Studies in Nonaqueous Media 

Among the earliest compounds inves- 
tigated are those containing the binu- 
clear di-fi-oxo core represented by (1). 
The complexes are isolated as mixed- 
valent Mn(IV,III) species, with four 
N-donor atoms from two bipyridyl or two 
phenanthroline ligands bound to each 
metal. The cyclic voltammetric response 
[80-82] of the more stable phen system, 
[Mn 2 C> 2 (phen) 2 ] 3+ is reproduced in Fig. 9. 
It consists of a one-electron oxidation to 
the Mn(IV,IV) species, [Mn 2 C> 2 (phen) 2 ] 4+ , 
and a one-electron reduction to the 
Mn(III,III) species, [Mn 2 C> 2 (phen) 2 ] 2+ : 


I ,v*0/, I 
Mn' Mn' 

' I X I ^ 
(1) 


I ,vO,, I ,,i 

'Mn' Mn'^ 

I 


^Cr 

( 2 ) 


I , v \0/, I 

,Mn' _Mn' 

TP" 


(3) 


/, I I ,\\ 

'Mn' Mn' 

^ IV O' I ^ 


Y 

(4) 


I ,o' '0, I 

Mn Mn 

IV o'l^ 


Y 

(5) 


xn. rx 

( Mn' Mn' ) 

Yvo 


(6) 



Y /i ^ 

Mn Mn 
/ k'O ,0'V \ 
O V O 


( 8 ) 


H 

V/. 

Mn Mn 
/ V O x O'V ^ 
O V O 

Y 

O) 
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Chart 1 Polynuclear metal structures in Chapter 16. 




Evs SCE 


Fig. 9 Cyclic voltammogram for the oxidation and reduction of the 
[Mn2C>2(phen)4] 3+ dimer at v = 0.1 V s _1 in CH3CN/O.3 M TEACIO4 (reprinted 
with permission from Ref. 81, Copyright 1977 American Chemical Society). 


Mn 2 IVJV 0 2 4+ + e- 

<=> Mn 2 IV ’ lm 0 2 3+ + e _ 

± > Mn 2 IIUII 0 2 2+ “ (7) 

The half-reaction potentials for these 
and the related redox couples are repre- 
sented in Table 4. The large separation 
between potentials implies a large elec- 
trostatic interaction between Mn centers, 
which strongly stabilizes the intermediate 
mixed-valent state with respect to dispro- 
portionation. However, it is interesting 
to note from magnetic properties that 
the two Mn atoms in [Mn 2 0 2 (phen) 2 ] 3+ 
are only weakly antiferromagnetically cou- 
pled (/ = —147 cm -1 ) [83], indicating that 
there is little direct metal-metal interac- 
tion in the complex. 

The potentials represented by Eq. (7) 
can be tuned in several ways. One 
approach is to replace one or more of 
the heterocyclic nitrogen donors with 


a saturated amine, as reflected by the 
potentials of the (bispicen) versus (phen) 2 
or (bpy) 2 complexes in Table 4 [84]. 
This change produces a negative shift of 
300-400 mV in both the (IV,IV)/(IV,III) 
and (IV,III)/(III,III) potentials. A second 
strategy is to place sterically demanding 
substituents at key positions on the 
ligands. As illustrated by the comparison 
of the E°' values for the bispicMe 2 en 
versus bispicen [84] and pebMe 2 pma 
versus pebpma [85, 86] complexes, the 
placement of a methyl group at the 6- 
position of the coordinating pyridyl groups 
produces positive shifts of 400-500 mV 
in the (IV,IV)/(IV,III) and (IV,III)/(III,III) 
potentials. Weaker metal-ligand bonding 
is caused by steric hindrance from these 
methyl substituents and is reflected in 
the changes in Mn— N bond distances 
and N— Mn— N bond angles at these 
sites [86]. 




76.7 Manganese 


417 





418 


76 Electrochemistry of the Group 7 Elements: Manganese, Technetium, and Rhenium 


Another strategy for modifying poten- 
tials is to alter the composition of the 
bridge between the metal centers. This 
can be done by protonation, which pro- 
duces (2) and (3) in nonaqueous media. 
Larsen et al. [82] measured the energetics 
of electron-, proton-, and H-atom-transfer 
reactions for [Mn2C>2(phen)4]'' + com- 
plexes in CH3CN and found that pro- 
tonation greatly increases the ease of 
reduction. For example the E°' for 
Mn(III,III) —*■ Mn(III,II) reduction of the 
[Mn2(0)(0H)] 3+ form (2) nearly equals 
that for Mn(IV,III) -f Mn(III,III) reduc- 
tion of the [Mn2C>2] 3+ form (1) (Table 4). 
Thus, protonation can facilitate multi- 
electron transfer at oxo-bridged man- 
ganese centers. In addition, the donor 
strength of bridging ligands and redox 
potentials can be modified by replac- 
ing [i-oxo units with carboxylate (e.g. 
CH 3 C0 2 “) (4,5) [87] or phenolate (6) [92] 
groups. 

A particularly interesting example of bin - 
uclear Mn electrochemistry is that reported 
by Holm et al. for the [Mn2(salmp)2]" (n = 
2+, 1+, 0, 1—, 2—) complex [88], H 3 salmp 
is a pentadentate SB ligand that bridges 
both Mn centers by means of a cen- 
trally positioned phenolate group (7). 
[Mn2(salmp)2]" undergoes four chem- 
ically reversible one-electron transfers, 


encompassing five oxidation levels over 
a potential range of 1.5 V. 

[Mn 2 IUI (OR) 2 ] 2- — e“ 

[Mn2 IUII (OR) 2 ]- -e" 
[Mn 2 IIUII (OR) 2 ] 0 -e" 
[Mn 2 IIUV (OR) 2 ] + - e“ 
[Mn 2 IV ' IV (OR) 2 ] 2+ (8) 

As shown by the cyclic voltammetric re- 
sponse in Fig. 10, the peak potential sepa- 
ration of the initial Mn(II, II) —*■ Mn(II,III) 
electrode reaction is much larger than that 
of the other steps. This suggests significant 
inner-shell reorganization and a small rate 
of heterogenous electron transfer for oxi- 
dation of the fully reduced Mn(II,II) state. 
Similar kinetic sluggishness is observed 
for Mn(III)/Mn(II) electron-transfer reac- 
tions of some mononuclear complexes (see 
Sects 16.1.2 and 16.1.3). 

A second structural motif in binuclear 
manganese chemistry is the triply bridged 
structure in which one [i-oxo unit has 
been replaced by two bridging carboxy- 
lates (8 in Sect. 16.1.4). The remaining 
coordination sites on each metal are com- 
monly occupied by a tridentate tripod or 
a macrocyclic ligand such as HB(pz) 3 “ 


1.13 



Fig. 10 Cyclic voltammogram for the 
oxidation of [Mn 2 (salmp) 2 ] 2 ~ in CH 3 CN 
at v = 0.05 V s -1 . Peak potentials in 
V versus SCE [+0.24 V versus NHE] are 
shown on the voltammetric trace 
(reprinted with permission from Ref. 88 , 
Copyright 1991 American Chemical 
Society). 



(Tp“) [89] or Mejtacn [90], Other combi- 
nations such as bidentate bipyridyl plus 
monodentate chloride ligands are pos- 
sible [91]. These complexes have been 
prepared and studied as models for cata- 
lase, ribonucleotide reductase, and re- 
lated manganese-containing enzymes [93]. 
[(Tp)2Mn2(0)(0 2 CCR) 2 ] 2 +/+/ 0 /- [90] and 
[(Me3tacn)2Mn 2 (0)(0 2 CCR)2] 4+/3+/2+/+ 
[91] participate in four-membered redox 
series, which cover a potential range of 
ca 1.7 V. 

[Mn 2 IV ’ IV (0)(0 2 CCR)2] 4+ + e“ 

[Mn 2 IV ' nl (0)(0 2 CCR)2] 3+ +e“ 
[Mn 2 lnjII (0)(0 2 CCR)2] 2+ + e“ 
[Mn2 IIUI (0)(0 2 CCR)2] + (9) 

It is interesting to note that the 
(IV,IV)/(IV,III) and (IV,III)/(III,III) po- 
tentials of the [Mn 2 (0)(0 2 CCR) 2 ]" + com- 
plexes (8 in Sect. 16.1.4) with Tp“ and 
Me3tacn capping ligands are similar to 
one another and also to those of the 
[Mn 2 0 2 ]' ,+ complexes (1) with terminal 
bpy and phen ligands (Table 4). The lat- 
ter observation presumably is a result of 
the charge compensation that occurs when 
two mononegative bridging carboxylates 
replace a single, dinegative bridging oxo 
ligand. The comparative influence of Tp”, 
tacn, and aromatic diimine ligands on 
metal-centered redox potentials has been 
discussed in Ref. 15. 

[Mn 2 (0)(0 2 CCR)2]” + redox potentials 
also can be modified by protonation of 
the single fi - oxo bridge. The /r-hydroxo 
[(Me3tacn) 2 Mn2 n ’ II (0H)(0 2 CCR)2] + com- 
plex (9 in Sect. 16.1.4) has been prepared 
and found to undergo sequential one-elect- 
ron oxidations to [(Me3tacn) 2 Mn 2 IIUI (OH) 
(0 2 CCR) 2 ] 2+ and [(Me3tacn) 2 Mn 2 IIUI1 
(0H)(0 2 CCR) 2 ] 3+ (Table 4) [90], The 
change in potential upon protonation 
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is similar to that observed for di-/r-oxo 
species and increases the potential 
of Mn(III,III) —*■ Mn(III,II) reduction to 
a value near that for Mn(IV,III) —*■ 
Mn(III,III) reduction in the unprotonated 
complex. 

Manganese exhibits a tendency to form 
structures of higher nuclearity, especially 
ones that are supported by bridging 
oxo ligands. An example that has been 
well-characterized structurally and electro- 
chemically is the tetranuclear adamantine- 
like cluster, [Mn4C>6(bpea)4] 4+ [94, 95], 
which is of interest for its relevance 
to the oxygen-evolving center (OEC) of 
PSII. Bpea is the tridentate N, lV-bis(2- 
pyridylmethyl)ethylamine ligand, which 
binds to the vacant coordination sites in (11 
in Sect. 16.1.4). [Mn406(bpea)4] 4+ under- 
goes a chemically reversible one-electron 
reduction (Eq. 10) at +0.50 V in CH3CN: 

[Mn406(bpea) 4 ] 4+ + e~ 

[Mn 4 0 6 (bpea) 4 ] 3+ (10) 

and exhibits coupled electron -proton- 
transfer chemistry in aqueous media [94]. 

It is of interest to note that the fully oxi- 
dized Mn(IV)4 center in [Mn40g(bpea)4] 4+ 
is achieved at a very accessible potential. 

Manganese complexes of higher nu- 
clearity are being investigated as single- 
molecule magnets (SMMs). An example is 
the Mni2 cluster, [Mni 2 0i2(0 2 CCHCl2)i6 
(H 2 0) 4 ] 0 , whose structure in its two- 
electron reduced form ([Mni 2 ] 2 ~) is shown 
in Fig. 11 [96], The [Mni 2 ]°, [Mn^H, 
and [Mni 2 ] 2- states of this structure 
have ground-state spin values of S = 

10, 19/2, and 10, respectively. The ox- 
idized forms have a larger barrier to 
magnetization relaxation and therefore 
exhibit SMM behavior at higher temper- 
atures. The influence of oxidation level 



420 


76 Electrochemistry of the Group 7 Elements: Manganese, Technetium, and Rhenium 



Fig. 11 Structure of the (PPh4)2[Mni20i2 
(0 2 CCHCl2)i6(H 2 0)4] • 4CH 2 CI 2 • H 2 0 dianion. 
Atoms Mn4 and Mn8 are reduced from Mn(lll) 
to Mn(ll) upon reduction of[Mni 2 ]° to [Mni 2 ] 2 ~. 

on magnetic properties is of fundamen- 
tal importance in these compounds. The 
[Mn 1 20 1 2(02CCHCl2)i6(H20)4] 0 cluster 
exhibits reductions at + 1.55 and + 1.25 V 
in CH3CN: 

Mn 4 lv Mn 8 nl + e“ 

± > Mn 4 IV Mn 7 I11 Mn 11 + e“ 

± > Mn4 IV Mn 6 ln Mn2 n ( 11 ) 

It is of interest to note that Mn(III) 
rather than Mn(IV) sites are reduced in 


Atoms Mn9 through Mnl 2 form the Mn 4 lv 0 4 
core at the center of the molecule (reprinted with 
permission from Ref. 96, Copyright 2003 
American Chemical Society). 

Eq. ( 11 ) and that the Mn4 lv Mny ln Mn n 
and Mn4 IV Mn6 III Mn2 11 reduction prod- 
ucts are trapped valence species. Figure 11 
shows that the dodecamangano cluster 
consists of a central Mn 4 04 cubane unit 
surrounded by a nonplanar ring of eight 
Mn atoms that are bridged by and con- 
nected to the core by eight /X3-0 2 ~ ions. 
Sixteen bridging dichloroacetate ions and 
four H2O groups are ligated to the eight 
Mn atoms in the ring. In the neutral 
[Mni2] form, the four central Mn atoms 
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Fig. 12 Cyclic voltammogram 
of [Mn202(phen)4] 3+ in pH 4.5 
phosphate buffer at an activated 
glassy carbon electrode; 
v = 0.1 V s” 1 (reprinted with 
permission from Ref. 97, 
Copyright 1 992 American 
Chemical Society). 


are Mn(IV) and the eight Mn atoms in 
the ring are Mn(III). On the basis of bond 
valence sum analyses of the structurally 
characterized products [96], Mn atoms at 
positions 4 and 8 are reduced in Eq. (11). 
The relative ease of reduction of these 
sites presumably results from their par- 
tial coordination by H 2 O, which is less 
strongly donating than oxo or dichloroac- 
etato ligands. 

16.1.4.3 Studies in Aqueous Media 

The electrochemistry of oxo-bridged 
manganese complexes in aqueous 
solution is characterized by coupled 
electron and proton-transfer reactions. 
The cyclic voltammetric behavior of 
[Mn 2 IV ' U 1 C) 2 (phen) 4 ] 3+ in aqueous pH 
4.5 phosphate buffer is illustrated in 
Fig. 12 [97]. It is of interest to compare 
this result with that obtained for the 
same complex dissolved in CH 3 CN 
(Fig. 9). Two one-electron reactions 
are observed in each case. However, 
these correspond to Mn(IV,IV) -> 
Mn(IV,III) and Mn(IV,III) — Mn(III,III) 
reductions in the nonaqueous solvent 
and to Mn(IV,III) — Mn(III,III) and 
Mn(III,III) — »■ Mn(III,II) reductions in 



V vs Ag/AgCI 

H 2 O. Moreover, the half-reactions in 
aqueous solution exhibit a pH dependence 
corresponding to the addition of one 
proton in conjunction with each electron. 
Thus, under the conditions of Fig. 12, the 
[Mn 2 IV, 11 I 02 ] 3+ center ( 1 ) is converted 
to an [Mn 2 ln, 1 I 1 0 (OH)] 3+ center (2) 
in the first reduction and to an 
[Mn 2 nl,II (OH) 2 ] 3+ center (3) in the 
second. Electrode half-reactions, Nernst 
equations, and p values for the 
phen complex and for several related 
systems are summarized in Table 5. 
Precise data are somewhat difficult to 
obtain for these systems owing to the 
slow electron-transfer kinetics (k s y, 
10“ 3 cm 2 s _1 or less), the need to activate 
the working electrode surface to achieve a 
useful response, and the limited stability 
of some species in the presence of 
coordinating buffers. Nonetheless, p^ a 
values for the bpy complex obtained 
from the Pourbaix diagram in Ref. 
93 lead to pH-independent potentials 
of +1.1 and +0.5 V, respectively, for 
[Mn 2 Ivln O(OH)] 3+ and [Mn 2 IVJII 0 2 ] 3+ 
reduction, values that compare reasonably 
well to the results in Table 4, given the 
difference in solvent environments. 
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16.1.5 

Biological Systems 

16.1.5.1 Introduction 

Manganese is an element that is essen- 
tial for life. It is present at the active site 
of many enzymes [4, 5]. Those enzymes 
in which the metal center is involved in 
a redox process are manganese catalase 
[101], peroxidase [102], and SOD [103], In 
addition, a cluster containing four Mn and 
one Ca atoms in the water-oxidizing cen- 
ter (WOC) of PSII is the site at which 
dioxygen is produced photosynthetically 
on Earth [3, 104]. 

16.1.5.2 Manganese Catalase 

Hydrogen peroxide, which is a by-product 
of the process of O 2 utilization by aerobic 
organisms, is a toxic substance. Its toxicity 
is ameliorated by the disproportionation of 
H 2 O 2 into H 2 O and O 2 

2H 2 0 2 * 2H 2 0 + 0 2 (12) 

This process is catalyzed by a variety of 
catalase enzymes, the most common be- 
ing the heme catalases, which accomplish 
the two-electron chemistry of Eq. (12) at a 
mononuclear heme center. Here, both the 
iron and its surrounding porphyrin ligand 
participate to the extent of one electron 
each in the redox process. Manganese cata- 
lases contain a binuclear Mn center and 
cycle between Mn 2 (II,II) and Mn 2 (III,III) 
oxidation states while carrying out the dis- 
proportionation of H 2 O 2 . The enzyme can 


Fig. 13 A schematic drawing of 
the active site of manganese 
catalase from Lactobacillus 
plantarum (reprinted from Ref. 
105, Copyright 2003 with 
permission from Elsevier). 
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also exist in a superoxidized Mn 2 (III,IV) 
state, which does not destroy its catalytic 
activity. 

The active site structure of the Mn 2 (III, 

III) form of Lactobacillus plantarum is de- 
picted in Fig. 13 [105, 106]. The Mn centers 
are bridged by oxo, hydroxo, and car- 
boxylato ligands in a manner similar to 
the binuclear structures (8-10) in Sect. 
16.1.4. A proposed mechanism for hydro- 
gen peroxide dismutation by Mn catalase 
is presented in Fig. 14. A number of model 
studies of H 2 O 2 disproportionation em- 
ploying bridged binuclear Mn complexes 
have been conducted [107]. 

16.1.5.3 Manganese Peroxidase 

Peroxidases catalyze the oxidation of a wide 
variety of substrates through utilization 
of hydrogen peroxide. Manganese peroxi- 
dase is a heme protein that also contains 
a mononuclear Mn center linked to the 
iron-protophorphyrin IX prosthetic group 
through a propionate residue on the por- 
phyrin [102, 105]. Manganese peroxidases 
are found in white rot fungi, where they 
serve to degrade lignin, a polyphenolic 
substance in woody plants that is other- 
wise resistant to degradation. As shown 
in the catalytic cycle in Fig. 15, Mn 111 is 
produced by an electron-transfer reaction 
with the H 2 O 2 -oxidized ferric porphyrin, 
at which point it diffuses into the lignin 
matrix and initiates the degradation of the 
polymer via phenol radical formation. Di- 
rect electron transfer between electrodes 
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Fig. 14 Proposed mechanism for disproportionation of H 2 O 2 by manganese 
catalase (reprinted with permission from Ref. 107, Copyright 2004 American 
Chemical Society). 


Fig. 15 Catalytic cycle of 
manganese peroxidase 
(Reprinted with permission 
from Ref. 102, Copyright 2000, 
Marcel Dekker). 



Compound III 
Fe 111 0 2 i 




and ligninolytic redox enzymes has been 
achieved, and the Fe m / U -heme potential 
has been measured [108]. However, the 
potential of the Mn 111 / 11 couple in Mn per- 
oxidase has not been determined. 

16.1.5.4 Manganese Superoxide 
Dismutase 

Superoxide ion, O 2 - ', is a highly toxic 
substance that is also a by-product of 
oxygen utilization in aerobic organisms. 
Its decomposition into H 2 O 2 and O 2 , 

20 2 - + 2H+ > H 2 0 2 + 0 2 (13) 

is catalyzed by SOD enzymes [103], of 
which there are Mn-, Fe-, Ni-, and Cu/Zn- 
containing forms. Absence of or defects in 
MnSOD are thought to be linked to disease 
states in humans. 

The active site of manganese SOD con- 
tains a single five-coordinate Mn bound 
to three histidine imidazoles, a monoden- 
tate aspartate carboxylate, and a solvent 
molecule (H 2 O or OH - , depending on the 
oxidation state) [103]. The catalytic cycle of 
the enzyme, which is illustrated in Fig. 16, 
incorporates the following oxidative and 
reductive steps: 

0 2 - ' + Mn(III)SOD 

> 0 2 + Mn(II)SOD (14) 

0 2 -- + 2H+ + Mn(II)SOD 

* H 2 0 2 + Mn(III)SOD (15) 
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Electron transfer is coupled with proton 
transfer involving the metal-bound sol- 
vent molecule. For Eqs (14) and (15) to 
be thermodynamically favorable, the po- 
tential of the Mn m / n -SOD couple must 
lie between the values for superoxide ox- 
idation and reduction ( 02 -- —*■ O 2 + e - , 

E°' = - 0.16 V; 0 2 -, + 2H+ -* H 2 0 2 + 
e - , E°' = +0.89 V at pH 7) [109], The po- 
tential has been measured for MnSOD 
from several organisms. From the results 
summarized in Table 6, the Mn 111 / 11 po- 
tential is intermediate to the values of the 
O 2 /O 2 - ' and 02 - '/H202 couples in all 
cases and hence is capable of accomplish- 
ing the Eqs (14) and (15). Values of E°' 
have been measured for wild-type and two 
mutated forms of human MnSOD. There 
are only small differences in E °' , from 
which it is suggested that the role of the 
mutated His30 and Tyr34 residues is to 
support proton transport rather than redox 
potential tuning [110], The E°' value from 
Escherichia coli is constant from pH 7.0 to 
8.5 but decreases dramatically at higher 
pH (A£°7ApH « -140 mV) [111, 112], 

The pH dependence of the Mn(III/II) 
potential has not been studied for other 
organisms. It is interesting to note that the 
Fe-substituted form of MnSOD has E°' = 
—0.24 V and that the Mn-substituted form 
of FeSOD has E°' > 0.96 V [105]. These 
altered enzyme forms are ineffective in 
superoxide dismutation. 


Fig. 16 Catalytic cycle of 
manganese superoxide 
dismutase; X is a dead-end 
peroxide complex (Reprinted 
with permission from Ref. 703, 
Copyright 2000, Marcel Dekker). 


O, , Mn +3 S0D-0 2 



2 


Mn +3 SOD 
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426 76 Electrochemistry of the Group 7 Elements: Manganese, Technetium, and Rhenium 


Tab. 6 Redox potentials of manganese superoxide dismutase 


Organism 

Method a 

pH 

E°', V versus NHE 

References 

WT Human 

A 

7.8 

+0.40 ±0.03 

no 

H30N Human 

A 

7.8 

+0.37 ±0.03 

no 

Y34F Human 

A 

7.8 

+0.44 ±0.03 

no 

Escherichia coli 

B 

7.0 

+0.42 

111 

Escherichia coli 

C 

7.0 

+0.31 

112 

Bacillus stearothermophilus 

C 

7.0 

+0.26 

112 


a A: Chemically mediated spectroelectrochemical titration; B: Cyclic voltammetry at a 
3-mercaptopropionic acid-modified Au electrode; C: Chemically mediated coulometric titration. 


16.1.5.5 Oxygen-evolving Center in 
Photosystem II 

The photosynthetic oxidation of water to 
O 2 is responsible for the generation of 
virtually all the dioxygen in the planet. 
This reaction is accomplished at a tetra- 
manganese cluster - now known to also 
contain Ca 2+ and require Cl - and possibly 
bicarbonate ion as cofactors - that lies at 
the oxidizing terminus of PS II in higher 
plants, green algae, and cyanobacteria 
(Fig. 17) [3, 104, 113]. The understanding 


of the structure and function of this OEC 
or WOC, although still incomplete, has ad- 
vanced considerably in concert with the 
knowledge of the structural and redox 
properties of mono-, bi-, and polynuclear 
manganese complexes described in the 
earlier parts of this chapter. 

Photosynthesis is initiated by the ab- 
sorption of a photon, which produces a 
charge-separated P680 + Pheo“ state be- 
tween P680, a special arrangement of four 
chlorophyll a molecules, and pheophytin 


Stroma 


Lumen 


Photosystem II 



Fig. 17 A schematic drawing of photosystem II (Reprinted with permission from 
Ref. 113, Copyright 2000, Marcel Dekker). 
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Scheme 5 The S-state cycle of 
the oxygen-evolving center in 
photosystem II [1 14], 


(Pheo) . The negative charge is passed from 
Pheo - to the reducing terminus of PS II, 
where carbohydrate biomass is produced 
by the fixation of CO 2 and H 2 O. The pos- 
itive charge is passed from P680 + to a 
redox-active tyrosine residue (Y^— OH), 
which in its deprotonated radical form 
(Yz~ O') serves as the immediate oxidant 
of the OEC. This transfer of charge drives 
the OEC through a sequence of four one- 
electron steps known as the S-state cycle 
[114] (Sch. 5). Absorption of three photons 
promotes the OEC from its So to the S 3 
state. Absorption of a fourth photon and 
promotion to the S 4 state is accompanied 
by the almost simultaneous release of O 2 
and return to the So level. The OEC, there- 
fore, is able to store charge and release it 
in a concerted manner to accomplish the 
four-electron oxidation of water to O 2 : 

2H 2 0 » 20 2 + 4H+ + 4e“ (16) 

The potential of Eq. (16) at pH 7 is 
+0.81 V [115]. As shown in Table 7, P680 + 


0 hv o hv q hv o hv 

Oq — - o-j 02 — •*- °3 — ♦- :o4 

-e -e -e -e 



0 2 + 4e _ + 4H + 2H 2 0 


and Yz — O' are sufficiently potent oxidants 
to drive the individual steps in the S-state 
cycle and to convert water to dioxygen. The 
need for a catalyst and a mechanism for 
multielectron reaction is evident from the 
very positive potentials of the one-electron 
steps in H 2 O to O 2 conversion [109]. It 
is of interest to note that the E°' values 
of the individual S,- —*■ S,-+i conversions 
are approximately equal. This indicates 
that proton transfer or a compositional or 
structural change must accompany each 
electron transfer to maintain the OEC 
potential at an accessible level. Although 
coupled electron -proton (or hydrogen 
atom) transfer maintains the requisite 
overall charge neutrality with each step, 
a proton-addition sequence of 1 : 0 : 1 : 2 
also is likely. There is general agreement 
that the average oxidation state of Mn in 
the tetramanganese cluster advances from 
+3.25 to +4.25 upon So -> S 4 conversion, 
but there is no consensus on the formal 
oxidation state assignments at each stage 
in the cycle. The possibilities considered 


Tab. 7 Redox potentials and oxidation state assignments of photosystem II components 


Half-reaction 


Potential, V 
versus NHE a 

OEC 

state 

Oxidation state assignments 

P680+ + e~ - 

s- P680 

+1.12 

So 

Mn 4 (II, III, IV, IV) or Mn 4 (III, III, III, IV) 

Y z — O' + H+ 

+ e~ > Y z — OH 

+0.97 

Si 

Mn 4 (III, III, IV, IV) 

Si + e“ 

-> So 

< +0.70 

S 2 

Mn 4 (III, IV, IV, IV) 

S 2 + e - 

-> St 

+0.925 

S 3 

M n 4 (1 V, 1 V, IV, IV) or Mn 4 (lll,IV,IV,IV)-0' 

S 3 + e~ 

-* s 2 

+0.925 

s 4 

Mn 4 (IV,IV,IV,V) or M n 4 (1 V, 1 V, 1 V, 1 V) -O* 


a From Ref. 104. 
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most likely on the basis of current evidence Included among these are the steps in 
from XAS, EPR, and other spectroscopic which electron transfer is assumed to 
experiments are included in Table 7. involve an oxo ligand rather than a metal. 



Fig. 78 A proposed model structure oftheOEC of photosystem II 
(reprinted with permission from Ref. 3, Copyright 1 996 American 
Chemical Society). 



Fig. 79 A proposed mechanism for O 2 evolution from photosystem II based on the 
model structure in Fig. 18 (Reprinted with permission from Ref. 118, Copyright 1997, 
American Association for the Advancement of Science). 




Many chemical model studies and pro- 
posed mechanisms have been presented 
for the OEC in PSII [3, 104, 116-128], 
These draw heavily on the redox and co- 
ordination chemistry discussed in Sect. 
16.1.4 and on the extensive work with iso- 
lated biological materials. Space does not 
permit full coverage; thus, only some of the 
more significant stages in the model and 
mechanism development are described in 
the following paragraphs. 

An early model of the Mn complex in 
the OEC of PSII is shown in Fig. 18 [3], 
This C-shaped structure consists of two 
di-yu-oxo-bridged Mn units connected by 
a single fi-oxo plus two di-/x-carboxylato 
bridges. These features are similar to 
(1) and (8), respectively, in Sect. 16.1.4. 
Important components of the model are 
the Mn-Mn distances of 2.7 A in the 
di-//-oxo unit and 3.3 A in the mono-/x-oxo 
unit, which are consistent with the values 
obtained by EXAFS of the OEC in PSII. 
Although it was proposed initially that O 2 
forms from the bridging oxo ligands, this 
possibility has been discounted. 

An important stage in the OEC model de- 
velopment based on this C-shaped cluster 
is shown in Fig. 19 [118]. This descrip- 
tion established the role of the neutral 
tyrosyl radical (Yz — O') derived from the 
Tyrl61 residue on the D1 polypeptide as 
the primary oxidant of the Mn 4 cluster. In 
addition, the Yz — OH/Yz — O' redox sys- 
tem provides a means of coupling proton 
transfer to electron transfer during the 
S-state cycle. It has been argued that these 
H + /e“ exchanges are accomplished ex- 
clusively by hydrogen atom transfer on 

Fig. 20 Some proposed model 
structures ofthe OEC in photosystem II 
incorporating four Mn and one Ca atom 
(Reprinted with permission from 
Ref. 128, Copyright 2005, 

Springer-Verlag). 
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the basis of the approximate energetic 
equivalence of O— H bonds in Yz — OH 
and manganese-bound ligands. However, 
it is likely that H + and e“ transfer is 
not so tightly concerted in all stages of 
O 2 evolution and that protons and elec- 
trons may move along separate paths in 
the higher S-state conversions [129]. The 
model in Fig. 19 also recognizes the pos- 
sibility that dioxygen may be formed (via 
/x-peroxo species) at a terminal rather than 
at a bridging Mn site within in the OEC. 

The development of O 2 evolution model 
chemistry has received considerable impe- 
tus from recent X-ray spectroscopic [128, 

130, 131] and 3.2-3.5-A resolution crystal- 
lographic [132, 133] studies, which reveal 
a prominent role for Ca 2+ . The structures 
shown in Fig. 20, which contain Ca 2+ ei- 
ther as an integral component of a Mn 3 Ca 
cluster or bridged across a multinuclear 
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Fig. 21 A proposed mechanism for O 2 evolution from photosystem II based on a 4Mn-lCa cluster 
(reprinted from Ref. 125, Copyright 2004 with permission from the Royal Society of Chemistry). 


Mn array, are consistent with the exper- 
imentally established Mn-Ca distance of 
~3.4 A. Although seemingly implausible, 
intimate binding of Ca 2+ is supported by 
the observation that Ca can be incorporated 
in MnC>2 minerals [134] and by the recent 
synthesis of an Mni3Ca2 cluster contain- 
ing an Mn4CaC>4 unit [135]. An important 
feature of these models is the presence of a 
“dangling” Mn atom connected the main 
cluster via a mono-/x-oxo or fi 4-0x0 bridge. 
One proposed mechanism based on recent 


findings is shown in Fig. 21 [125]; other 
interpretations have been presented [122, 
127, 129, 131]. Some important points to 
be resolved while achieving an understand- 
ing of the molecular basis of dioxygen 
evolution include the details of proton- 
transfer reactions; whether oxidations of 
the OEC involve solely metal-centered elec- 
tron transfers or the formation of oxy 
radicals in some instances; the specific 
roles of Ca 2+ and Cl - ; and the details of 
the S2 — »■ S3 transition, which is thought 
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to involve a change in the Mn coordination 
number or structure within the Mn 4 Ca 04 
cluster [131]. 
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16.2 

Technetium 

16.2.1 

Introduction 

There are no stable isotopes of technetium. 
The element is obtained from fission 
reactions rather than from natural sources. 
The most commonly encountered isotopes 
are "Tc, a weak 292-keV /3~ emitter 
with a half-life of 2.1 x 10 5 yr, and " m Tc, 
a metastable form that decays to "Tc 
with the emission of a 140-keV y photon 
with a half-life of ca 6 h. The coordination 
chemistry [1, 2] and electrochemistry [3] of 
technetium have been reviewed on several 
occasions. 

Aside from interest in the properties 
of this relatively unexplored element, a 
primary reason for studying the electro- 
chemistry of technetium is its utilization 
in nuclear medicine [4, 5]. Because of 
its relatively short half-life, the " m Tc 
isotope is well suited and widely ap- 
plied to the radiopharmaceutical imag- 
ing of the bone and the heart, liver, 
kidney, and brain. The so-called first- 
generation imaging agents rely on the 
inherent biodistribution of technetium 
complexes (or their in vivo by-products) 
to reach an intended destination. Because 
this distribution varies with charge, size, 
lipophilicity, and other properties that de- 
pend on the oxidation state, extensive 
electrochemical investigations have been 
conducted on actual and model tech- 
netium radiopharmaceuticals [4]. More re- 
cently, second-generation imaging agents 
based on stable technetium complexes 
have emerged, which serve as a scaf- 
fold for the attachment of a biological 
molecule (e.g. a peptide, metallopeptide, 
monoclonal antibody) that can target a 
specific receptor site. The knowledge of 


Tc redox properties, however, remains an 
essential component of second-generation 
applications. 

This chapter covers the electrochem- 
istry of technetium complexes in oxida- 
tion states I through VII and focuses on 
mononuclear Tc(II) through Tc(V) species 
that are actual or model components of 
radiopharmaceuticals. In addition, tech- 
netium forms mononuclear complexes 
with multiply bonded oxo groups, bin- 
uclear complexes with bridging oxygen 
atoms, and binuclear complexes with 
unsupported metal-metal bonds. These 
structural features are rare or unknown 
in manganese chemistry. Thus, the elec- 
trochemistry of technetium differs con- 
siderably from that of manganese but 
is comparable to that of its higher con- 
gener, rhenium. 

16.2.2 

Mononuclear Complexes 

16.2.2.1 Oxo Complexes 

The tetraoxo pertechnetate ion is a much 
less potent oxidant than its permangano 
counterpart. A value of E°' = — 1.50 V 
versus NHE has been measured for the 
potential of the one-electron couple in 
Eq. (1) in CH 3 CN [6], 

Tc 0 4 “ + e“ ± > Tc0 4 2_ (1) 

A much more positive value of E°' = 
—0.88 V is estimated in aqueous solu- 
tion at pH >11 by using short-time pulse 
techniques [7, 8]. The aqueous electro- 
chemistry of Tc0 4 “ is complex. Under 
alkaline conditions, it is proposed that the 
protonation of Tc0 4 2 ~ and/or the expan- 
sion of its coordination shell follows Eq. 
(1) and produces a more easily reduced 
Tc(VI) species, resulting in a multielectron 
transfer [8]. The subsequent reduction can 
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be blocked by the addition of gelatin, which 
allows the chemical disproportionation re- 
action to occur: 

2Tc0 4 2 “ ± >TcQ 4 ~ + Tc0 4 3 “ (2) 

The estimated rate constant of Eq. (2) in 
1 M NaOH is k « 1.5 x 10 5 M -1 s” 1 [7]. 
In noncomplexing acid media, a three- 
electron reduction to Tc(IV) with the 
deposition of Tc0 2 is observed [9], 

Mononuclear oxo and nitrido complexes 
of Tc can be isolated with a variety 
of ancillary ligands. These compounds 
undergo reversible one-electron reactions 
encompassing oxidation states IV through 
VI [10-12] (Table 1). 

16.2.2.2 Homoleptic and Mixed-ligand 
Complexes 

A wide variety of mononuclear homoleptic 
and mixed-ligand technetium complexes 
without oxo ligands have been character- 
ized in the oxidation states I through VI. 
The values of E°' for representative sys- 
tems are represented in Table 1 [13-27]. 
The range of potentials accessible via lig- 
and tuning for a given metal-centered 
redox event approaches 2 V. Soft sulfur, 
phosphorus, and arsenic donor ligands 
are notable for their ability to stabilize 
lower oxidation states and to produce 
stable complexes with biologically compat- 
ible redox potentials. The molar absorp- 
tivity of such compounds is frequently 
large, which enables the determination 
of E°' by using spectroelectrochemistry 
in addition to conventional voltammet- 
ric methods. The determination of E°' 
for the Tc(dmpe) 3 2+ /+ couple by us- 
ing spectroelectrochemistry in an optically 
transparent thin-layer electrode (OTTLE) 
cell is illustrated in Fig. 1 [19]. As is 


customary for second and third transi- 
tion row elements, mononuclear Tc com- 
plexes are in the low- spin state. Hence, 
electron-transfer reactions proceed with- 
out large inner-shell reorganization, and 
electron-transfer rates are high. An ex- 
ception to such a generally reversible 
response is the cathodic behavior of 
Tc(ttcn) 2 2+ . The reduction of this complex 
at +0.26 V is accompanied by the release 
of C 2 H 4 and formation of a Tc(III) com- 
plex containing one trithiacyclononane 
(ttcn) and one tridentate acyclic L 2- =“ 
SCH 2 CH 2 SCH 2 CH 2 S- ligand [17]: 

Tc(ttcn) 2 2+ + e“ 

< > Tc(ttcn) 2 + 

* Tc(ttcn)(L)+ + C 2 H 4 (3) 

The reliable prediction of redox poten- 
tials as a function of composition is useful 
in the synthetic design and application 
of technetium and other transition metal 
complexes. A parametric procedure for do- 
ing so on the basis of ligand additivity 
principles has been developed by Lever 
[28]. Lu et al. [29] used this scheme to 
correlate Tc IV//m , Tc 111 / 11 , andTc 11 / 1 poten- 
tials with the composition of octahedral 
technetium complexes containing halide, 
nitrogen, and phosphorus donor ligands. 
The results are illustrated in Fig. 2 [29], 
where the observed potentials are plotted 
according to 

E o ' 0hs = S M [ZE L (L)] + I M (4) 

where 5 m and / m are the slope and inter- 
cept of the correlation line and E£l(L) 
is the sum of the ligand parameters. It 
is assumed that 5 m and /m are con- 
stant for a given metal and oxidation 
state, provided the coordination number, 
stereochemistry, and spin state do not 
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Fig. 1 Spectroelectrochemical 
characterization of the Tc(dmpe) 2 2+/,+ 
redox couple in 0.5 M 
TEACIC> 4 /propylene carbonate. Applied 
potential in V versus N H E for traces 
(a)-(j) -+0.80, +0.60, +0.58, +0.56, 
+0.54, +0.52, +0.50, +0.48, +0.46, and 
+0.30. For Tc(dmpe) 2 2+/,+ in propylene 
carbonate, E°' = +0.53 V (reprinted 
with permission from Ref. 19, Copyright 
1984 American Chemical Society). 


400 500 600 



Wavelength 

[nm] 
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El 

Fig. 2 Plots of E°' for Tc lv / ln , Tc 111 / 11 , and Tc 11 / 1 redox couples versus 
the sum of ligand parameters, according to Eq. (4) (reprinted with 
permission from Ref. 29, Copyright 1990 American Chemical Society). 

change. Figure 2 shows an excellent cor- of modulating technetium-based redox po- 
relation with the predictions. The plots tentials through the adjustment of ligand 
for the Tc IV / m , Tc 111 / 11 , and Tc 11 / 1 cou- composition. 

pies are linear and nearly parallel. The In some cases, agreement with the 
slopes of 5 m = 100 ± 0.10, 1.29 ±0.08, predictions of the Lever parameteriza- 
and 1.39 ±0.12, respectively, are quite tion scheme is not exact. For example, 
large relative to values of other transition Table 1 shows that the Tc 111 / 11 potentials 
elements and indicate an excellent means ofTc(Me 2 bpy) 2 Cl 2 + /° andTc(terpy)Cl 3 °/“ 
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are 0.22 and 0.45 V more positive 
than the values for Tc(py) 4 Cl 2 + /° and 
Tc(py) 3 Cl 3 °/ _ [21]. Such differences are 
not observed for the corresponding Tc IV / m 
potentials. Because py, bpy, and terpy have 
nearly identical ligand parameters per di- 
imine N donor [28], these results indicate 
that polypyridyl ligands are more effective 
than a comparable number of monopy- 
ridines in stabilizing Tc(II) versus Tc(III). 

16.2.3 

Binuclear Complexes 

16.2.3.1 Oxo-bridged Complexes 

Technetium forms a number of binuclear 
complexes in which the metal atoms are 
joined by a single oxygen bridge and do not 
contain any multiply bonded oxo groups 
(1, Chart 1). These complexes undergo 
reversible electron transfers encompass- 
ing the Tc IV — O— Tc IV , Tc IV -0-Tc m , 
Tc 111 — o— Tc 111 , and Tc 111 — O— Tc 11 oxida- 
tion states. As shown by the examples in 
Table 2 [30, 31], experimentally observed 
redox potentials and oxidation states de- 
pend significantly on the ligands bound to 
the Tc-O-Tc unit. The replacement of a di- 
imine nitrogen donor with a monodentate, 
negatively charged ligand shifts the poten- 
tial in the negative direction and stabilizes 
the higher oxidation state. 


I I 

Tc- — O Tc- — 

/\ /\ 




- - - -Tc=Tc- - - 

/\/\ 


( 1 ) 


( 2 ) 




Tc = Tc 

/\/\ 




( 3 ) 



( 4 ) 


An interesting result in Table 2 is the 

large difference between E°' {W m) / (m nl) 

and E°' (ln m)(/(1II for the oxo-bridged 

complexes in comparison to the adjacent 

values F°' — F°' 

values c (i V ,IV)/(IV,III) c (IV,III)/(III,III) 

onr\ F° f F° r TVw=> 

dliU Cj ( III?II I)/(III,II) ^ (III,II)/(II,II) • 1I1C 

values of A E = E qv.iiq/qn.m) _ 

£0 (iii,iii)/(iii,ii) ran 8 e from 127 t0 139 V - 
These differences correspond to com- 
proportionation constants, A!c 0m = 
exp(F AE°' / RT), for the equilibrium 
reaction 

Tc IV -0-Tc m + Tc m — O-Tc 11 

± > 2Tc nl — Q— Tc 111 (5) 

on the order of 10 21 to 10 23 . Such 
values suggest a large thermodynamic 
stabilization of the (d 4 ) Tc 111 — O— Tc 111 
(d 4 ) oxidation state, which presumably is 
promoted by the single pt - oxo bridge. 

16.2.3.2 Metal-metal-bonded Complexes 

The octachloroditechnetate ion, TC 2 CI 8 2- , 
was among the first compounds recog- 
nized as containing a metal -metal quadru- 
ple bond [32]. The electrochemical data 
for this and several other metal -metal- 
bonded Tc 2 complexes are represented in 
Table 2 [32-35]. Ligands bind at the equa- 
torial positions around each metal in the 


Chart 1 Structures of binuclear 
technetium centers. 
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Fig. 3 Cyclic voltammetric reduction ofTc 2 (CH 3 CN)io 4+ at 
v = 0.2 V s -1 in CH 3 CN/O.I M TBAPF 6 (reprinted with permission 
from Ref. 34, Copyright 1995 American Chemical Society). 


Tc 2 "+ unit (2) and in some instances at 
the axial positions as well. Axial binding is 
weak, as exemplified by Tc 2(CH3 CN)io 4+ , 
where the CH3CN ligands at these po- 
sitions exchange rapidly with the sol- 
vent molecules [34]. Some bidentate lig- 
ands, such as diphenylformamidinate 
(DPhF - = C 6 H 5 NHCHNHC 6 H 5 -), can 
bridge the metal centers, resulting in struc- 
tures with three paddlewheel units and one 
Cl - bound to each metal (Tc2(DPhF)3Cl2, 
3) or four paddlewheel units and a single 
axial Cl“ (Tc 2 (DPhF) 4 Cl, 4) [35], 
Quadruply bonded Tq 111,111 has the 
electron configuration <7 2 tz 4 8 2 . Reduc- 
tion produces Tc2 III,n , Tq 11 ’ 11 , Tq 111 , 
and Tc 2 u centers, with configurations of 
<7 2 tt 4 8 2 8* , a 2 ir 4 S 2 8* 2 , <7 2 7T 4 8 2 8* 2 jz* , and 
cr 2 7r 4 8 2 8* 2 7T* 2 and metal-metal bond or- 
ders of 3.5, 3.0, 2.5, and 2.0, respectively. 
Exemplary data for several compounds 
of this type are presented in Table 2. 
Triply bonded Tc2 nlI (CH3CN)io 4+ un- 
dergoes reversible one-electron reduction 
to the uncommon cr 2 7T 4 8 2 8* 2 7T* state 
(Fig. 3) [34]. However, further reduction 


weakens the metal-metal bond to the 
point that the complex is not chemically 
stable. 
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16.3 

Rhenium 

16.3.1 

Introduction 

Rhenium is a rare element, having eluded 
discovery until 1925. Its chemistry [1, 
2] and electrochemistry [3, 4] have been 
reviewed on previous occasions. The prop- 
erties of Re compounds closely parallel 
those of Tc, and, although many com- 
parative studies have been conducted on 
the two elements, the rhenium literature is 
the more extensive. The properties of both 
elements are quite distinct from those of 
manganese. 

Interest in the electrochemistry of rhe- 
nium derives in part from its role in 
nuclear medicine [5], where compounds 
containing the high-energy, -emitting 
186 Re and 188 Re isotopes find use in 
the radiation therapy of cancer. As is 
the case for technetium, the electro- 
chemical properties are helpful in pro- 
jecting the distribution and stability of 
these radiopharmaceuticals in a biologi- 
cal environment. Also, the investigation of 
nonradioactive Re compounds provides a 
useful guide to the behavior of radioac- 
tive Tc congeners. Although similar in 
many respects - especially with regard to 
homoleptic and other mononuclear com- 
plexes - Re compounds generally are less 
oxidizing and kinetically more inert than 
their Tc analogs. Other distinguishing 
characteristics of rhenium include (1) the 
existence of high- valent mononuclear oxo 
complexes, whose aqueous electrochem- 
ical behavior provides useful insight to 
coupled electron-proton transfer reactions 

[6] ; (2) the formation of hydride complexes 
exhibiting well-defined electrochemistry 

[7] ; (3) the incorporation in supramolec- 
ular arrays, which have applications in 


molecular sieving, sensing, and catalysis 

[8]; and (4) the utilization as a catalyst for 
photo- or electrochemically initiated car- 
bon dioxide reduction [9]. 

16.3.2 

Mononuclear Complexes 

16.3.2.1 Oxo Complexes 

A value of E°' = —2.06 V versus NHE has 
been measured for one-electron reduction 
of the perrhenate ion, Re04 - , in CH3CN 
(Eq. 1) [10], although the flow of additional 
current on the plateau of the wave indicates 
that the initial electrode product is not 
chemically stable. 

Re04~ + e~ < > ReQ4 2 ~ (1) 

The electrochemical behavior of Re04~ 
in aqueous solution is irreversible and 
not well-characterized. The estimated one- 
electron potential for the ReC^ - / 2- couple 
in aqueous alkaline solution [3] (Table 1) 
is slightly more negative than that for 
TCO4 - / 2- (Table 1 of Sect. 16.2). In 
aqueous acid media, reduction is thought 
to proceed by a two-electron transfer 
from Re (VI I) to Re(V) [11], followed 
by disproportionation and formation of 
Re0 2 [12], 

Rhenium forms a number of mono-oxo, 
cis-dioxo, and trans-dioxo complexes in oxi- 
dation states IV through VII. Reversible, 
proton-independent, one-electron poten- 
tials for several systems are represented 
in Table 1 [13-22, 35, 36]. As is the case 
forTc, a large change in E°' for a given 
redox step can be produced by changing 
the ancillary ligands. 

Of particular interest are the proton- 
coupled multielectron transfers of high- 
valent oxorhenium (poly)pyridyl com- 
plexes [6, 15-18, 35]. This behavior is 



Tab. 1 Electrochemical data for mononuclear rhenium complexes 
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N 6 Re(bpy) 2 ^ + + e~ < > Re(bpy) 2 + DMA/0.5 M TBAPFg -0.33 

N 4 S 2 Re(tsc) 2 + e~ < > Re(tsc) 2 ~ DMF/0.1 M TBABF 4 -0.83 

P 6 Re(dmpe) 3 2+ +e-±=> Re(dmpe) 3 + DMF/0.5 M TEACI0 4 +0.52 



Mixed-ligand complexes 

V/IV HO 4 P 2 ReH(acac) 2 (PPh 3 ) 2 2+ + e~ < » ReH(acac) 2 (PPh 3 ) 2 + CH 2 CI 2 /0.1 M TBAPF 6 +1.05 

IV/III HQ 4 P 2 ReH (acac) 2 (PPh 3 ) 2 + + > ReH (acac) 2 (PPh 3 ) 2 CH 2 CI 2 /0.1 M TBAPF 6 -0.24 
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1.35 0.15 -1.05 


Potential 
[V vs SCE] 

Fig. 1 Cyclic voltammograms of Re02(bpy) (py) 2 + (solid line) and ReC> 2 (py) 4 + 
(dashed line) at pH 2 on a glassy carbon working electrode (reprinted with 
permission from Ref. 1 7, Copyright 1 990 American Chemical Society). 


illustrated by the aqueous, pH 2, cyclic 
voltammograms of cts-ReC> 2 (bpy)(py) 2 + 



and trans- Re 02 (py) 4 + (Fig. 1) [17]. The 
one-electron Re(V) —*■ Re(VI) potentials 
are proton independent from pH 1 to 11 
and are close to the values observed in 
CH 3 CN. However, the potential for oxida- 
tion of trans-ReC> 2 + complex is 0.6 V more 
positive than that for the oxidation of the 
cts-ReC> 2 + . Conversely, the proton-coupled 
Re(V) Re(III) and Re(III) Re(II) re- 
ductions of the cis and trans isomers 
occur at more nearly equal potentials, 
and the cis form exhibits the more pos- 
itive E°' (Fig. 1). The difference in Re VI / v 
potentials is attributed to the oxo group 
geometry [35]. The redox orbital of the 
trans complex is d xy , which lies in the 
equatorial plane and experiences little in- 
teraction with the oxo groups (Fig. 2) 
[35]. However, the redox orbital of the 

Fig. 2 Structures of (a) trans-ReC >2 
(py) 4 + and (b) c/s-Re0 2 (bpy)(py)2 + 

(reprinted from Ref. 35, Copyright 1995 
with permission from Elsevier). 
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Fig. 3 Pourbaix diagram for ReC> 2 (bpy)(py) 2 + (reprinted with 
permission from Ref. 1 7, Copyright 1990 American Chemical Society). 


cis complex is a composite of the d xz 
and d y 7 orbitals, which interact unfavor- 
ably with one or more oxo p- 7 r* orbitals 
and favor d 2 — »■ d 1 electron removal. The 
electron-transfer kinetics of cis- Re 02 (bpy) 
(py) 2 + and trans- ReC> 2 (py) 4 + also differ; 
(£ s ,h)trans/(ks,h)ds ^ 3 at highly ordered 
pyrolytic graphite electrodes. The smaller 
rate constant for cis-ReC> 2 (bpy)(py) 2 + cor- 
responds to an approximate 4-kJ mol -1 
difference in barrier height, which is as- 
signed to a Re-N(bpy) stretching mode 
that is observed only for the cis com- 
plex [35]. 

Reduction of the ReC> 2 + species at pH 2 
(Fig. 1) is accompanied by the addition of 
three protons and two electrons in the first 
step followed by the addition of one proton 
and one electron in the second step. The 
corresponding half-reactions (Table 1) are 

Re v 0 2 + + 3H+ + 2e“ 

fc^Re m (OH)(OH 2 ) 2+ (1) 

Re nl (OH)(OH 2 ) 2+ + H + + e“ 

fc^Re n (OH 2 )2 2+ (2) 

Proton stoichiometries change as pH is 
altered and are influenced by oxo group 


geometry and pyridyl ligand identity. The 
Pourbaix diagram of cis-ReC> 2 (bpy)(py) 2 + 
(Fig. 3) [17] is representative of the ob- 
served behavior. 

The apparent kinetics of proton-coupled 
ReV/m electron transfer also are de- 
pendent on oxo group geometry; here 
(^s,h )ds/(^s,h)trans ^ 100 [36]. It is pro- 
posed that the apparent kinetics is con- 
trolled by the thermodynamic accessibility 
of the intermediate Re(IV) state, whose 
effective potential is modulated by proto- 
nation, oxo group geometry, and pyridyl 
ligand substituents. 

16.3.2.2 Homoleptic and Mixed-ligand 
Complexes 

Rhenium forms a large number of 
mononuclear nonoxo complexes in ox- 
idation states I through VI. The redox 
potentials of selected examples are in- 
cluded in Table 1. The majority of com- 
pounds are octahedral. However, notable 
exceptions include the pentagonal bipyra- 
midal Re(CN) 7 3 “/ 4 “ (E°' = -0.64 V) and 
the square antiprismatic Re(CN)8 2- / 3- 
(E° r = +1.64 V) couples [23]. The latter 
complexes are similar in behavior to the 
isoelectronic Mo species. 
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The electrochemistry of Re and Tc com- 
plexes is frequently compared. Rhenium 
compounds are more difficult to reduce 
in a given oxidation state. Comparison 
of values from Table 1 of Sect. 16.2 and 
Table 1 of Sect. 16.3 at identical ligand 
composition indicates that Re potentials 
are 0. 2-0.6 V more negative than those 
ofTc, with the smaller differences oc- 
curring more frequently in the lower 
oxidation states. Lever constructed an elec- 
trochemical parameterization scheme on 
the basis of the ligand additivity princi- 
ples for 119 Re redox couples [37]. The 
results are shown in Fig. 4. The lines for 
the Re IV / m , Re 111 / 11 , and Re 11 / 1 couples 
are not as cleanly parallel as they are for 
Tc’V/ni, Tc 111 / 11 , and Tc 11 / 1 (Fig. 2 of Sect. 
16.2). Moreover, two lines are apparent for 


Re 11 / 1 couples. The upper line is domi- 
nated by complexes containing electron- 
withdrawing CO and isocyanide ligands. 
However, the structural or bonding signif- 
icance of the two Re 11 / 1 correlation lines is 
not clear. 

A change in the coordination number 
accompanies oxidation or reduction of 
some Re complexes. For example, oxida- 
tion of Re 1 (terpy) 2 + in the presence of free 
chloride ion produces seven-coordinate 
Re in (terpy) 2 Cl + via the following reaction 
sequence [31]: 

Re ! (terpy) 2 + — e“ 

fc^Re n (terpy) 2 2+ (3) 

Re u (terpy) 2 2+ + Cl - — e“ 

fc^Re m (terpy) 2 Cl + (4) 



Fig. 4 Plot of E°' for Re IV/,|M , Re 111 / 11 , and Re 11 / 1 redox couples versus the 
sum of ligand parameters (reprinted with permission from Ref. 37, 
Copyright 1990 American Chemical Society). 
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Volts vs Ag/AgCI 


Fig. 5 Cyclic voltammograms of ReH(acac) 2 (PPh 3 ) 3 + in CH 2 CI 2 /O.I M 
TBAPF6 (a) prior to and (b) following exhaustive electrolysis at +1 .1 V 
versus NHE (reprinted with permission from Ref. 7, Copyright 1990 
American Chemical Society). 


Reduction of Re m (terpy) 2 Cl + is irre- 
versible and re-forms Re*(terpy) 2 + in 
a two-electron reaction. Other seven- 
coordinate complexes [e.g. Re m (bpy )3 
(CNBu l ) 3+ ] are generated in this manner 
and exhibit similar reactivity [31]. 

The seven-coordinate hydrido complex, 
Re lv H(acac) 2 (PPli 3 ) 2 + , also undergoes a 
change in coordination number upon 
oxidation [7]. As shown in the upper 
trace (a) in Fig. 5, this compound ex- 
hibits a reversible one-electron oxidation 
at E° y/iy = +1.05 V and a reversible one- 
electron reduction at £ , ° , IV , m = —0.24 V. 
Exhaustive electrolysis at +1.1 V pro- 
duces the six-coordinate Re(III) com- 
plex, Re m (acac) 2 (PPh 3 ) 2 + , which exhibits 
a reversible one-electron oxidation at 
£ 0, IV / m = +1.17 V and a reversible one- 
electron reduction at E°' m , n = —0.52 V 
(Fig. 5b). Although similar in appearance 
and potential, the two sets of electrode 


reactions involve different pairs of oxida- 
tion states. 

16.3.3 

Polynuclear Complexes 

16.3.3.1 Oxo-bridged Complexes 

Although relatively few oxo-bridged rhe- 
nium complexes have been character- 
ized electrochemically, several studies 
have been conducted on Re(V) complexes 
containing a linear 0=Re— O— Re=0 
unit (1, Chart 1). Dithiocarbamate com- 
plexes such as Re 2 C> 3 (Et 2 dtc )4 exhibit a 
reversible Re v,v —*■ Re VIV reduction at 
E°' = —1.13 V in CH 3 CN [38], Complexes 
with SB ligands such as Re 2 C> 3 (salen )2 
exhibit one-electron Re v v —*■ Re VI V and 
RgVi.v R e VI,VI oxidations at +0.76 and 
+1.29 V and a one-electron Re v v — ► 
Re v - Iv reduction at —0.82 V in C 2 H 4 CI 2 
[39]. 
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16.3.3.2 Metal-metal-bonded Complexes 

The octachlorodirhenate ion, Re 2 Cls 2 ~, 
was the first substance recognized to con- 
tain a metal -metal quadruple bond [40]. 


Chart 1 Structures of polynuclear 
rhenium centers. 


Multiple metal -metal bonds have since 
been found in Re and many other transi- 
tion metal complexes [41]. The structure of 
the unsupported Re 2 6+ unit (2) is shown in 
Chart 1. Bonds to the ligands in the equa- 
tor around each metal may be staggered 
or eclipsed depending on electronic struc- 
ture, and solvent or unidentate ligands may 
bind weakly at the axial positions. In some 
cases, polydentate ligands may bridge the 
metal -metal-bonded unit (3). 

Electrochemical data for a number of 
multiply bonded Re 2 complexes are repre- 
sented in Table 2 [42-50]. The oxidation of 
quadruply bonded Re 2 ln ’ m (a 2 7z 4 S 2 ) pro- 
duces Re 2 III IV and Re 2 IV ' IV centers with 
configurations of a 2 7T 4 8 1 and <j 2 tz 4 and 
formal metal-metal bond orders of 3.5 
and 3.0, respectively. Reduction produces 
a o 2 7z 4 8 2 8* 1 Re 2 111-11 center, also with a 
bond order of 3.5. The sequential one- 
electron potentials in Table 2 are widely 


Tab. 2 Electrochemical data for metal-metal-bonded rhenium complexes 


(Re 111,111) complex 

Solvent /supporting 
electrolyte 


E°' , V versus NHE 


References 

(IV, IV)/ 
(IV, III) 

(IV, HI)/ 
(111,111) 

(111,111)/ 

(111,11) 

(111,11)/ 

(11,11) 

Re 2 Clg 2 ~ 

CH 3 CN-CH 2 CI 2 (1 : 1)/ 

+2.08 c 

+1.64 c 

-0.44 


42, 43 


0.5 M TBAPFg 






Re 2 CI 6 (PEt 3 ) 2 

CH 2 CI 2 /0.2 M TBAPF 6 



+0.14 


44, 45 

Re 2 CI 5 (PEt 3 ) 3 + 

CH 2 CI 2 /0.2 m tbapf 6 



+0.58 

-0.64 

44, 45 

Re 2 CI 4 (PEt 3 ) 4 2+ 

CH 2 CI 2 /0.2 M TBAPF 6 



+ 1.04 

-0.16 

44, 45 

Re 2 CI 2 (OOCEt 2 ) 4 a 

CH 2 CI 2 /0.2 m tbapf 6 



-0.10 


46, 47 

Re 2 (NCS)8 2 ~ 

n-PrCN/0.4 M TBAPF 6 


+1.30 

0.00 

-0.70 

48 

Re 2 (NCS) 10 4 “ b 

CH 2 CI 2 /0.5 m tbapf 6 

+0.66 

+0.20 

— 1 .1 l d 


49, 50 


a Axial Cl ligands. 
b Re 2 (/i-NCS) 2 (NCS)g 4 -. 
c Evaluated at 220 K. 

b Irreversible two-electron reaction (see text). 




spaced, indicating strong interaction be- 
tween metals, and the E°' values for a 
particular redox step are influenced signif- 
icantly by the charge and donor properties 
of the ligands. 

Electrochemical oxidation or reduction 
of Re 2 ,i+ complexes is frequently followed 
by chemical reactions leading to prod- 
ucts with altered structure or composition. 
For example, the exhaustive oxidation of 
Re 2 II ' II Cl 4 (PEt2)4 to Re2 nl ' n Cl4(PEt2)4 + 
and Re 2 IIU1I Cl 4 (PEt 2 ) 4 2+ is followed by 
chemical reactions that produce Re 2 III,n 
Cl 5 (PEt 2 )3, Re 2 IIUII Cl 5 (PEt2)3 + , and 
Re 2 IIUII Cl 6 (PEt 2 )2 [44, 45], The reac- 
tions involve scavenging of additional 
Cl - ligands by complexes in the higher 
oxidation states. In the four-membered 
Re 2 (NCS) 8 - / 2- / 3- / 4- redox chain [48], 
oxidation of Re 2 I1I,ln (NCS) 8 2_ is also 
followed by ligand scavenging and re- 
arrangement to Re 2 IV ' lv (NCS)io 2- [49, 
50]. This compound has been formu- 
lated as an edge-shared bioctahedral com- 
plex, Re 2 (/x-NCS) 2 (NCS) 8 2- , containing 
two N-bonded bridging thiocyanate lig- 
ands (4). The electronic configuration 
is a 2 7T 2 8 2 , which is consistent with a 
metal-metal bond order of 3.0. Reduction 
ofRe 2 IV - IV (M-NCS) 2 (NCS) 8 2 “ proceeds by 


Fig. 6 Structural 
representation of 
[Re(CO) 3 CI(u-azp)] 4 , (5) 
(reprinted with permission from 
Ref. 51, Copyright 2000 
American Chemical Society). 


76.3 Rhenium | 453 

two sequential, reversible one-electron 
transfers to Re 2 ln ’ ni (p-NCS) 2 (NCS) 8 4_ , 
which are then followed by an irreversible 
two-electron reduction that forms a prod- 
uct similar to Re 2 n,I1 (NCS) 8 4 ~ [50]. 

16.3.3.3 Supramolecular Arrays 

Rhenium complexes are used in the con- 
struction of robust supramolecular arrays 
having strong metal-ligand bonds. As- 
semblies in the form of triangles, squares, 
rectangles, and the like possess capabilities 
for host- guest interactions and molec- 
ular recognition and have promise in 
areas such as sensing, catalysis, molecular 
sieving, and energy storage and conver- 
sion [8, 51-53]. The fac-Re(CO)iC\ unit 
is frequently employed as an element 
in such structures. An example is the 
molecular square [Re(CO) 3 Cl(/r-azp )]4 (5 
and Fig. 6) which is assembled from four 
Re(CO) 3 Cl moieties and four bridging 4,4'- 
azopyridine (azp) ligands [51]. The com- 
pound exhibits four successive reductions 
at -0.01, -0.45, -0.74, and -1.07 V and 
a single, reversible four-electron oxidation 
at E°' = +2.03 V in DMF. The reductions 
are assigned to ligand-centered electron 
transfers; the oxidation is assigned to 
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fec-Re(bpy)(CO) 3 CI 


-e 




+e 


CO + C0 3 2 - 


C0 2 + 2e 


[Re(bpyr)(CO) 3 CI]- 



CO + [XO]- 


[Re(bpy)(CO) 3 ]- 


-COo 


X + e 


■ [Re(bpy)(CO) 3 C0 2 r 


Fig. 7 Proposed one- and two-electron mechanisms for electrocatalytic reduction of 
C0 2 by^dc-Re(bpy) (CO) 3 CI; X is an oxide ion acceptor (adapted from Ref. 55). 


the removal of one electron each from 
the four noninteracting Re(I) atoms. The 
light-harvesting capacity of polynuclear 
rhenium centers and their capacity for 
reversible multielectron transfer is of in- 
terest with regard to applications in energy 
storage and conversion. 

16.3.3.4 Carbon Dioxide Fixation 

Low-valent rhenium complexes are effec- 
tive in the catalytic reduction of carbon 
dioxide. The conversion can be accom- 
plished photolytically or electrochemically 
and is of interest with regard to fuel pro- 
duction and greenhouse gas remediation 
[9]. Electrocatalytic reduction of CO2 to 
CO is initiated by the reduction of fac- 
Re(bpy)(CO)3Cl or a related complex and 
can be accomplished in homogeneous so- 
lution [54, 55] or on a polymer-modified 
electrode surface [56]. Catalytic current 


efficiency is high and generally is in excess 
of 90%. 

The mechanism of electrocatalytic CO2 
reduction has been studied in some 
detail [57-60] but is not fully understood. 
A proposed mechanism from an early 
investigation [55] is shown in Fig. 7. The 
initial step in the reaction is the reversible 
reduction of fac- Re(bpy)(CO)3Cl (E°' = 
-1.1 V in CH3CN), which is assigned 
to the bipyridyl-centered electron transfer 
(Eq. 5). This is followed by a second 
step (Eq. 6) at ca —1.5 V, which is 
irreversible at room temperature and may 
be accompanied by loss of Cl - : 

Re(bpy)(CO)3Cl + e~ < > 

Re(bpy-)(CO) 3 Cl (5) 

Re(bpy' - )(CO)3Cl + e - * 

Re(bpy)(CO) 3 - + Cl - (6) 



Carbon dioxide reduction is thought to 
proceed via metallocarboxylate interme- 
diate^) formed by coordination of CO2 
to the electron-rich Re center, although 
discrete steps in the process cannot be 
unambiguously assigned. The timing of 
Cl - displacement from and CO2 adduc- 
tion to the Re(bpy)(CO)3 unit are important 
mechanistic parameters. Most interpreta- 
tions are based on a one-electron pathway, 
involving the interaction of CO2 with the 
product of Eq. (5); a two-electron path- 
way, involving interaction of CO2 with the 
product of Eq. (6); or a combination of 
these steps. Additional mechanistic con- 
siderations are the role dimeric rhenium 
intermediates and likely proton sources. 
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Ligand Abbreviations 


Abbreviation 

8-HQ 

acac - 

bisimMe 2 en 

bispicen 

bispicMe 2 en 

bpea 

bpia 

bpy 

bpy0 2 

Cp*“ 

Et2dtc“ 

H2als 

H2bbpen 


Name 

8-Quinolinol 

Acetylacetonate 

N, A'-Dimethyl-lV, Af'-bisfimidazol-d-ylmethy^ethane-l^- 
diamine 

N, A'-Bis (2-pyridylmethyl) - 1 ,2-ethanediamine 
N, A7 , -Bis((6-methylpyrid-2-yl)methyl)ethane-l, 2-diamine 
N, N-Bis (2-pyridylmethyl) ethylamine 
Bis(picolyl)(N-methylimidazol-2-yl)amine 
2,2 , -Bipyridine 
2, 2 , -Bipyridine-l,l , -dioxide 
Decamethylcyclopentadienide 
N, IV-Diethyldithiocarbamate 
A?-(2-Carboxyethyl)salicylideneamine 
N, A , -Bis(2-hyroxybenzyl)-A/', N'-bis(2- 
pyridylmethyl)ethylenediamine 



h 2 dmhp 

H 2 DPPF 20 

H 2 EtioP 

H 2 Pc 

H2saldpt 

H2salen 

H 2 salophen 

H2tdcmpp 

H 2 TDCSPP 

H 2 tdmpp 

H 2 TDMSPP 

h 2 tmap 

H 2 TMPyP 

H 2 TPP 

H3salmp 

H 3 tpc 

H4mac 

HB(pz) 3 - 

hbpme 

Hhpt 

Hphox 

Me 3 tacn 

pebMe 2 pma 

pebpma 

phen 

sar 

tacn 

Tp- 

tripod 
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Hematoporphyrin IX dimethylester = 2, 7, 12, 18-tetramethyl- 
3 ,8-di (2-hydroxyethyl) -13,17 -di(methylpropionato)porphyrin 

5.10.15.20- Tetrakis(pentafluorophenyl)-2,3,7,8,12,13,17,18- 
octaphenylporphyrin 

2 , 7 , 1 2 , 1 7-T etramethyl- 3,8,13,1 8-tetraethylporphyrin 
Phthalocyanine 

1,7- Diamino-4-azaheptanebis (salicylaldimine) 

N, A/' , -Ethylenebis(salicylaldimine) 

N, A/' , -o-Phenylenebis(salicylaldimine) 

2,3,7,8,12,13,17,18-Octachloro-5,10,15,20-tetrakis(3,5-dichloro- 
2 , 6-dimethoxyphenyl) porphyrin 

5.10.15.20- Tetrakis(2,6-dichloro-3-sulfonatophenyl)porphyrin 

5.10.15.20- T etrakis ( 2 , 6-dimethoxyphenyl) porphyrin 

5.10.15.20- Tetrakis(2,6-dimethyl-3-sulfonatophenyl)porphyrin 

5.10.15.20- Tetrakis(4-lV, AI , ,A"-trimethylanilinium)porphyrin 

5.10.1 5 .20- T etrakis (N -methyl-4-pyridyl)porphyrin 

5,10,15,20-T etrakis (phenyl)porphyrin 
2-(Bis(salicylideneamino)methyl)phenol 

meso- Tris (phenyl) corrole 

5,6-(4,5-Dichlorobenzo)-3,8,ll,13-tetraoxo-2,3,9,9-tetramethyl- 
1 2, 1 2-diethyl-l ,4, 7, 1 0-tetraazacyclotridecane 
Hydrotris (pyrazol- 1 -yl)borate 

N - ( 2 - Hy droxybenzyl) - N , IV'-bis ( 2 -pyridylmethyl) ethane- 1 , 2 - 
diamine 

1- Hydroxy-2-pyridinethione 

2- (2'- Hydroxyphenyl) oxazoline 

N , N' , N" -Trimethyl- 1 ,4,7-triazacyclononane 
2 - ( 2 - Pyridyl) ethylbis ( 6-methyl- 2 -pyridylmethyl) amine 
2 - (2 - Pyridyl) ethylbis ( 2 -pyridylmethyl) amine 
1,10- Phenanthroline 

3,6,10,13,16,19-Hexaazabicyclo[6.6.6]eicosane 
1,4,7 -Triazacyclononane 
Hydrotris (pyrazol- 1 -yl)borate 

Cyclopentadienyltris (diethylphosphito- P) cobaltate ( 1 -) 
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18.1 

Nickel 

18 . 1.1 

Fundamentals 

The oxidation number of nickel in its 
compounds ranges from 0 to +4; how- 
ever, +2 state is the most important 
one. In fact, there is no other stable, 
higher oxidation state than +4, there- 
fore, the redox chemistry of nickel is 
poorer as compared with the other two 
metals of this group. Ni 2+ ions in a 
hydrated form can be found in aque- 
ous solutions of NiCl 2 , NiSC>4, Ni(NC>3) 2 , 
and so on. Ni(II) is the typical oxidation 
state in several, stable water-soluble com- 
plexes such as [Ni(NH3)4] 2+ , [Ni(CN)4] 2_ , 
and [Ni(NH3)6] 2+ , as well as in sparingly 
soluble simple compounds, for example, 
Ni(II)-dimethylglyoxime, KNi[Fe(CN)6], 

K 2 Ni[Fe(CN) 6 ]. 

Although the nickel-containing systems 
have been extensively studied also by elec- 
trochemical methods [1] due to their prac- 
tical importance, for example, in electro- 
chemical power sources (Ni— Fe, Ni— Cd, 
Li— NiF 2 batteries), in corrosion-resistant 
alloys (tableware, coins, industrial instru- 
ments) as well as due to their interesting 
(magnetic, spectral, catalytic) properties 
most of the standard potentials of electrode 


reactions involving nickel compounds 
have been calculated from nonelectro- 
chemical (calorimetric and solubility) data 
[2]. Even for the simplest reaction 

Ni 2+ + 2e“ < » Ni (la) 

[Ni(H 2 0) 6 ] 2+ + 2e“ Ni (lb) 

there is a rather large scattering of 
the published standard potential values 
determined by the measurements of the 
electromotive force (£mf), for example, 
-0.248 V [3], -0.231V [4], -0.227 V [5], 
and —0.246 V [6]. This scattering of data 
is presumably related to the difficulties 
in the attainment of a true equilibrium 
state. At present the most accepted value is 
£" e '= —0.257 V [2] that was calculated on 
the basis of the Gibbs energy change of the 
reaction (AG) [7]; however, different values 
for AG as well as for the reaction entropy 
(AS) can be found in the literature [2]. 

Further standard potentials measured 
electrochemically at 25 °C are as follows: 

Ni(OH) 2 + 2e“ » Ni + 20H“ 

E^=- 0.72 V [7, 8] (2) 

[Ni(NH 3 ) 6 ] 2+ + 2e“ > Ni + 6NH 3 

= —0.476 V [8] (3) 

[Ni(CN) 4 ] 2 ~ + e“ » [Ni(CN) 3 ] 2_ 

E*= - 


+ CN“ 


0.401 V [9] (4) 
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These values differ from those calcu- 
lated from AG values, for example, for 
reaction (3) = 0.49 V is given in Refs. 

10, 11. E^ values for several reactions esti- 
mated by using thermodynamical data can 
be found in the literature [1—13]. Perhaps 
the most accurate ones are those calculated 
from the solubility products, for example, 

NiC0 3 + 2e“ » Ni + C0 3 2- 

E^ = —0.45 V [2, 12] (5) 

NiS(a) + 2e“ » Ni + S 2 “ 

£^ = —0.83 V [14] and 

-0.814 V [15] (6) 

NiS(/3) + 2e“ » Ni + S 2_ 

E*= -0.96 V [15] (7) 

NiS(y) + 2e“ » Ni + S 2 “ 

E^ = -1.04 V [14] and 

-1.07 V [15] (8) 

Nickel sulfide is a good example 
why - beside the uncertainty of the ther- 
mal values mentioned before - diverse E ^ 
values have been determined, inasmuch as 
the formation and ratios of different forms 
depend on the conditions, for example, on 
the acidity and temperature of the solution 
from which the precipitation is executed. 

The system, which is of practical im- 
portance (Edison storage battery, elec- 
trocatalysis in organic synthesis), is 
the NiOOH|Ni(OH)2 couple (electrode). 
Somewhat surprisingly - since it is a 
widely studied and applied electrode - the 
mechanism and the true nature of the ox- 
idized species are not fully understood yet 
[1, 2, 16]. The formal potential depends on 
the KOH concentration and is ca. 1.3 V. 
It follows that it is unstable in aqueous 
solutions and is also an oxidizing agent for 
various organic compounds. 


There have been many polarographic 
measurements devoted to the reduction 
of Ni(II). Not only Ni(II) compounds in 
“noncomplexing” supporting electrolytes 
such as alkali chlorides, nitrates, perchlo- 
rates have been investigated, but a wide 
range of complexes have also been stud- 
ied [1, 17]. The half-wave potential of the 
polarographic wave (£1/2) depends on the 
experimental conditions (ionic strength, 
nature of anions); however, its value is 
typically — 1.1 ±0.1 V in aqueous solu- 
tions. E 1/2 values determined for com- 
plexes range between ca. —0.3 to —0.7 V, 
for example, —0.7 V < £1/2 < —0.91 V 
for [Ni(SCN). T ] (2 -- Y) +, -1.36 V < £1/2 < 
-1.47 V for [Ni(CN) 4 ] 2 “, -1.05 V < E 1/2 
< -1.22 V for [Ni(NH 3 ) 6 ] 2 + -0.751V < 
£1/2 < —1-16 V for [Ni(Py)6] 2+ have been 
reported. The voltammetric characteris- 
tics, the kinetic, the mechanistic, and 
double-layer properties of the nickel elec- 
trodes and compounds have been com- 
piled in Ref. 1 including an extensive 
literature survey until 1971. Further on 
we review the new results obtained in the 
last 15 years. 

18 . 1.2 

Surface Changes at Atomic Level as a 
Function of Potential 

A detailed electrochemical study of Ni(lll) 
electrodes in H2SO4 solution in con- 
junction with in situ scanning tunneling 
microscopy (STM) and in situ surface X-ray 
scattering methods (SXS, x-ray diffraction 
and x-ray reflectivity) was carried out by 
Scherer et al. [18]. 

The main results of the study are as 
follows: Ni(lll) samples, prepared via 
annealing in H2 and exposure to air 
at room temperature, are covered by a 
smooth three-to-four-layers thick NiO ( 1 1 1 ) 
film with parallel (NiO[l 10]) || (NiO[l 10]) 
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and antiparallel (NiO[110])||(NiO[110]) in- 
plane orientation. Electrochemical reduc- 
tion at potentials >—0.40 VAg/AgCl results 
in the formation of a well-defined, oxide- 
free surface with large terraces, a low 
surface mobility, and a (1 x 1) lattice on the 
atomic scale. X-ray reflectivity data indicate 
vertical lattice expansion for the topmost 
Ni layer and a strongly bound sulfate or 
oxygen species. Active Ni dissolution com- 
mences at potentials >—0.25 VAg/AgCl by 
a step-flow mechanism, followed by the 
rapid formation of large three-dimensional 
etch pits, leading to considerable surface 
roughening. In situ STM observations of 
the passive film formation show at po- 
tentials >— 0.10 V A g/AgCl the nucleation 
and growth of an initial “grainy” phase, 
which is attributed to a Ni hydroxide, fol- 
lowed by a slower restructuring process. 
According to combined STM and SXS 
data, the resulting steady state passive film 
exhibits a duplex structure, with a crys- 
talline, inner NiO(lll) layer, consisting 
of exclusively antiparallel oriented grains 
(NiO[110])||(NiO[110]), which are slightly 
tilted relative to the substrate lattice, and 
a porous, probably amorphous hydroxide 
phase on top. The thickness of the crys- 
talline NiO film increases with potential 
by 14-17 A V -1 . In addition, structural 
changes of the oxide film during immer- 
sion of Ni samples into the sulfuric acid 
solution at potentials in the passive range 
and after immersion from the electrolyte 
were observed, which indicate the slow 
conversion of the air formed into the pas- 
sive oxide and the (partial) reformation of 
the air-formed oxide, respectively. 

In a series of publications, the results 
of anodic dissolution and passivation of 
well-defined single-crystal surfaces of Ni 
(and other metals) and its alloys were 
presented by Marcus et al. [19-24]. Their 
approach aimed at a better understanding 


of corrosion phenomena at the atomic and 
molecular level. 

STM was used to study ex situ (in 
air) the thin oxide films (passive films) 
grown on Ni(lll) by anodic polarization 
in 0.05 mol dm -3 H2SO4. Atomic resolu- 
tion imaging demonstrated the crystalline 
character of the oxide film and the epitaxy 
with the substrate. Two levels of rough- 
ening with respect to the nonpolarized 
surfaces were observed: on a mesoscopic 
scale and on the atomic scale. The rough- 
ening on the mesoscopic scale increases 
with higher polarization potentials. The 
observed roughness was attributed to the 
result of the competition between metal 
dissolution and nucleation and growth of 
the oxide film. The roughening on the 
atomic scale is independent of the polar- 
ization potential. It is evidenced by the 
formation of a stepped crystalline lattice 
whose parameters fit those of a (111)- 
oriented NiO surface. The presence of 
steps indicated a tilt of (8 ± 5) degrees 
of the surface of the film with respect to 
the (111) orientation. The possible epitax- 
ial relationships resulting from the surface 
tilt are discussed. Local variations of the 
film thickness at the step edges are likely 
to result from the surface tilt and may 
constitute preferential sites for the local 
breakdown of passivity. 

In other papers by the same group, the 
effects of sulfur adsorbed or segregated on 
the Ni surface on corrosion or passivation 
were described, including the sulfur- 
induced enhancement of dissolution and 
the blocking of passivation. It was shown 
how the conditions of stability of adsorbed 
sulfur monolayers could be predicted on 
thermodynamical grounds and this was 
illustrated by a potential-pH diagram for 
adsorbed sulfur on nickel in water at 25 °C. 
(See Refs. 22, 25-29 and papers cited 
therein.) 
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In [30] on cyclic voltammetry (CV), x-ray At low overpotentials, a smooth Ni film 
and UV photoelectron spectroscopy (XPS, was formed via a 2D step-flow growth 
UPS) were employed to study the elec- process, commencing at steps of the Ag 
trochemical deposition and dissolution of substrate. At medium overpotentials, a 
nickel on a polycrystalline gold electrode, transformation from 2D step-flow to 3D 
in a 0.1-mol dm -3 NiSC >4 electrolyte. The growth took place resulting in the selec- 
modification of the Ni/Au interface upon tive formation of Ni multilayer islands 
thermal treatment in ultrahigh vacuum along the Ag steps. At even higher over- 
was also investigated. Depending on the potentials, 3D islands were formed at the 
applied potential, two distinct Ni chemical steps and on the substrate terraces. The 
states were observed. At —0.5 V vs. SCE size of the Ni multilayer islands was inde- 
an oxidized Ni phase, mainly Ni(OH) 2 , pendent of the terrace widths, indicating 
was formed, whereas at potentials lower that Ni growth proceeds via direct dis- 
than —0.8 V, nucleation of reduced Ni charge at step sites (“direct deposition”), 
species surrounded by hydroxidized nickel The transition from 2D to 3D growth as 
occurred. The systematic investigation of well as the change in island shape with 
the adsorbate species’ binding energies as overpotential could be rationalized by a 
a function of the applied potential revealed different potential dependence of the var- 
that hydroxidized nickel precipitates on ious microscopic nucleation and growth 
the gold electrode, while reduced nickel processes. The multilayer growth at steps 
species directly deposit on the electrode was attributed to next-layer nucleation at 
surface via the reduction of Ni 2+ ions, the structural defect induced by the Ag— Ni 
Heating the Ni/Au interface to 650 K de- boundary and could be described quanti- 
composes the adsorbed nickel film form- tatively as a function of deposition time 
ing a new compound containing a Au— Ni by a simple 2D model. A place exchange 
intermetallic component. of Ni with Ag surface atoms and encap- 

A study of the electrodeposition and sulation of Ni islands by Ag is observed, 
electrochemical dissolution of ultrathin Ni It was found that the dissolution of the 
films on Ag(lll) electrodes in Watts elec- electrodeposited multilayer Ni films pro- 
trolyte by in situ STM, electrochemical ceeds via step-flow etching, with a higher 
quartz crystal microbalance (EQCM), and dissolution rate for the Ni monolayer as 
cyclic voltammetry was reported in [31]. compared to higher Ni layers. 

It was stated that Ni deposition starts at The application of STM to in situ studies 
potentials negative of —0.72 V vs. SCE, of nickel electrodes under potential control 
where an incommensurate, (111 [-oriented was reported in [32], 
film with an in-plane lattice rotation of Using atomic force microscopy (AFM), 
0.5° relative to the Ag substrate lattice the kinetic surface roughening in electro- 
was formed. The lateral nearest neighbor chemical dissolution of nickel films at a 
spacing is as in bulk Ni (0.249 nm) for low constant current density was stud- 
a film thickness greater than or equal ied in order to reveal the scaling laws 
to 3 ML and expanded for monolayer [33]. The surface measurements of AFM 
(0.254 nm) and bilayer (0.252 nm) films, exhibited the oscillatory variation of the 
Depending on the deposition potential, interface width with time, which made it 
three growth regimes, resulting in differ- impossible to determine the growth expo- 
ent deposit morphologies, were observed: nent ft. The oscillatory behavior of surface 



roughening was explained by the presence 
of unstable passive films formed on the 
nickel film surface. The roughness expo- 
nent a = 0.94 ± 0.04 calculated from the 
AFM images of the anodic dissolved sur- 
face was almost equal to that predicted by 
the diffusion-driven growth model. 

18 . 1.3 

Adsorption Studies 

The study of the adsorption phenomena 
of ions and organic species on nickel 
electrodes may contribute to a better un- 
derstanding of the electrode processes oc- 
curring at the nickel/electrolyte interface. 

In the last few decades, the study of ad- 
sorption phenomena at nickel electrodes 
by a radiotracer method has been the sub- 
ject of several studies (see [34-40] and 
literature cited therein) . Most of these stud- 
ies were carried out at smooth electrodes; 
however, in some cases, nickel powder and 
Raney-nickel catalysts were used. 

Pioneering work was done in this field 
by Schwabe [34, 35]. Substantial and very 
informative radiotracer adsorption studies 
carried out by him and his coworkers using 
Pt, Ni, and Fe sheets and evaporated films, 
using labeled anions in order to interpret 
the role of anions in the corrosion and 
passivation processes [34, 35]. 

A radiotracer method was elaborated 
for the study of the adsorption phe- 
nomena on nickel electrodes formed 
by electrodeposition of nickel (“nicke- 
lized” nickel electrode). Adsorption stud- 
ies were carried out with labeled HC1, 
H2SO4, H3PO4, thiourea, phenylacetic, 
and acetic acids in 0.1 mol dm -3 HCIO4 
supporting electrolyte. The potential de- 
pendence of the adsorption of these 
species was determined in the potential 
range —200 to +200 mV vs. relative hy- 
drogen electrode (RHE). It was found 
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that a significant potential-dependent ad- 
sorption occurs at low concentrations 
(10 _3 -10 -4 mol dm -3 ) of the species 
studied in the course of the anodic dis- 
solution of the electrode. 

There is no doubt that specific adsorp- 
tion of anions and organic species occurs 
in a wide potential range as the experi- 
ments were carried out in 0.1 mol dm -3 
HCIO4 supporting electrolyte at low con- 
centrations (10 -3 -10 -5 mol dm -3 ) of the 
species studied. It was found that the ad- 
sorption of anions exerts some influence 
on the anodic dissolution rate; however, 
this effect is very far from that ob- 
served in the case of thiourea. In the 
latter case, the rate of anodic dissolu- 
tion was significantly influenced by the 
presence of thiourea, even at its very 
low concentration. This behavior was as- 
cribed to the strong interaction of thiourea 
with the metal ions and the formation 
of complexes both on the metal sur- 
face and in the solution phase. The 
phenomena presented were considered 
as a result of the adsorption competi- 
tion of the species studied with ClC>4“ 
ions. Three fundamental mechanisms 
were formulated for the active dissolution: 

(1) aquo-ligand, (2) hydroxo-ligand, and 
(3) anion-ligand mechanisms. The last of 
the mentioned mechanisms is formulated 
as follows: 


M + A“ 

» MA ad + e 

(9) 

MA ad — 

— > MA+ + e“ or 


2MA ad - 

— » M + MA+ + A“ 

aq 

(10) 


It is assumed that these three mecha- 
nisms are operating simultaneously and 
depend on the experimental conditions if 
one of them becomes predominant in the 
overall process. The significant adsorption 
of anions found at low potentials where 
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the dissolution rate is small, the reversibil- 
ity of the adsorption with respect to the 
potential, and the mobility of the adsorbed 
species all support the possibility of the 
anion-ligand mechanism. 

The incorporation of chloride ions in 
passive films formed on nickel in Cl - - 
containing acid solution and the entry of 
Cl - into passive films formed in Cl - -free 
solution and subsequently exposed to Cl - 
were investigated by Marcus and Herbelin 
[41, 42] by electrochemical measurements, 
ESCA (Electron Spectroscopy for Chemi- 
cal Analysis) and using in situ radiotracer 
(Cl-36) methods. It was found that at poten- 
tials in the active region, chloride ions are 
adsorbed on the nickel surface and form a 
thin hydroxy-chloride layer. They observed 
that the amount of Cl - increases with 
potential (beyond the equivalent full mono- 
layer coverage) up to the active/passive 
potential where a marked drop of the Cl - 
surface concentration takes place. In the 
passive region, chloride ions are incorpo- 
rated in the passive film. When the film 
is formed in Cl - -containing solution at 
potentials below the pitting potential, Cl - 
ions are found in the outer hydroxide layer 
and at the metal/oxide interface. When the 
film is formed without Cl - in the solu- 
tion, and then exposed to Cl - , chloride 
ions are found in the outer hydroxide layer 
with the same concentration as the one 
found after passivation in Cl - -containing 
solution, whereas no significant amount 
of Cl - is found in the inner oxide. The 
concentration of Cl - in the passive film 
has been measured. The Cl - concentra- 
tion in the hydroxide layer is approx- 
imately 10 -2 mol dm -3 (i.e. C1 - /(C1 - + 
OH - ) approximately 10%) for Cl - = 5 x 
10 -3 mol dm -3 in the solution. At poten- 
tials above the pitting potential, measure- 
ments have been performed during the 
incubation period in order to investigate 


the mechanisms of pit initiation, the hy- 
droxide layer acts as a reservoir for Cl - , 
which enters the passive film. A critical 
concentration of Cl - in the oxide layer 
of approximately 10 -2 mol cm -3 has been 
measured in the stage immediately preced- 
ing pitting. A similar critical concentration 
in the film has been measured for different 
Cl - concentrations in the solution. 

The passive film was found to have a 
bilayer structure both in the absence and in 
the presence of Cl - in the stage preceding 
pitting. The passive film does not become 
thinner in the presence of Cl - ; on the 
contrary a growth of the film is observed 
when Cl - is added to the electrolyte. Cl - 
must be adsorbed in order to penetrate 
into the film but the surface coverage of 
adsorbed Cl - always remains very low, 
as Cl - starts to enter the passive film 
at low surface coverage. The view of pit 
initiation emerging from the above results 
is the following. Marked modifications of 
the passive film are caused by the presence 
of Cl - . Cl - is incorporated or enters the 
hydroxide layer by a chemical reaction 
probably involving place exchange of OH - 
and Cl - . Above a certain potential, Cl - 
enters the inner oxide layer. A critical 
concentration of Cl - in the film is reached, 
of the order of 10 -2 mol cm -3 for nickel. 

The study of the effect of the adsorp- 
tions of various additives on the anodic 
dissolution has been the subject of sev- 
eral studies. For instance, the influence 
of the adsorption of N species on the 
anodic dissolution of Ni was studied in 
[43]. The dissolution and passivation of 
Ni in nitrite-containing acid solutions 
were investigated by Auger spectroscopy, 
AFM, and conventional electrochemical 
techniques. It was found that the dis- 
solution/passivation of the Ni surface is 
consistent with a competition between 
adsorbed OH - and nitrogen-containing 



species with a potential-dependent surface 
coverage. Nitrogen-containing species hin- 
der the passivation of the Ni surface, shift- 
ing the formation of the complex nickel- 
hydroxide/ oxide film to more positive 
potential values. The dynamics of the dis- 
solving interface, followed by AFM, reflect 
first the competition of adsorbed species, 
leading to the development of protrusions 
and cavities, and finally the formation of 
the passive film that promotes surface 
smoothening by a preferential dissolution 
of the protrusion tips under ohmic control. 

An investigation of the adsorption of 
pyrazine and pyridine on nickel electrodes 
by in situ surface-enhanced Raman spec- 
troscopy was reported in [44]. The result 
suggests that both pyrazine and pyridine 
were strongly adsorbed onto the sub- 
strates. It also implies that pyridine was 
adsorbed perpendicularly onto the sub- 
strate, while pyrazine adsorbed onto the 
substrate in a slightly tilted vertical config- 
uration. 

18.1.4 

Spontaneous Reduction of Anions at Ni 
Surface 

It is an almost general view that the 
nature of anions present in the electrolyte 
solutions affects the dissolution process of 
nickel. 

This effect is explained by the role of 
the specific adsorption of anions. It is 
assumed that the specific adsorption of 
C10 4 - ions is negligible [45, 46], and 
no chemical changes occur in the course 
of the electrochemical study of anodic 
dissolution and corrosion of nickel [47]. 

Detailed mechanistic conclusions are 
drawn from such studies without taking 
into account the possible reduction of 
C10 4 “ ions under the conditions of the 
experiments. 
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In a series of recent communications 
[48-50], it was demonstrated that the 
reduction of CIO 4 - ions takes place during 
the corrosion of Cu, Al, Zn, Ni, and Fe in 
deoxygenated HCIO 4 solutions. 

Both the dissolution rate of Ni and the 
reduction of C 1 C> 4 _ should depend on 
the acid concentration and temperature. 

The results obtained are summarized in 
Table 1. A given amount of Ni powder was 
dissolved in an excess of perchloric acid. 

From the data presented in Table 1, 
the molar ratio of the Cl - ions formed 
to nickel dissolved is independent of 
FIC 1 C >4 concentration. The influence of 
temperature is not strong as a temperature 
change of 25 °C results in less than a 
doubling in the value of B/A. 

Considering the equation 

4Ni + 8 H+ + C10 4 " = 4Ni 2+ 

+ 4h 2 o + cr (in 

the formation of 1 mol Cl - should be 
accompanied by the oxidation of 4 mol of 
nickel; thus, at 50 °C, the efficiency of the 
reduction process referred to in the total 
amount of dissolved Ni is about 1.5% and 
at 20 °C is around 1%. 

Although the data obtained do not allow 
far reaching conclusions to be drawn, 
it can be stated that owing to the high 
adsorbability of Cl - ions, the possible role 
of Cl - ions formed at Ni electrodes in 
HCIO 4 solutions cannot be neglected in 
the interpretation of phenomena observed 
in such systems. It was assumed that 
no significant amount of Cl-containing 
intermediates of reaction ( 11 ) accumulate 
in the solution phase. It was shown that the 
rate of interaction of CIO 3 - ions with Ni 
is significantly higher than that of CIO 4 - 
under comparable conditions. 

Data presented in Table 2 provides an 
unambiguous proof of the occurrence of 
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Tab. 1 Interaction of HCIO 4 with nickel 


Temperature 

l°C] 

chcio 4 

[mol dm~ 3 ] 

A amount 
of dissolved 

Ni [10~ 2 mol] 

Bc C |- 

formed 
[10- 5 mol] 

B/A[10~ 3 ] 

25 

3 

3.57 

7.5 

2.1 

40 

3 

3.9 

12 

3.07 

50 

3 

3.9 

13.5 

3.46 

25 

1 

1.26 

2.6 

2 

40 

1 

1.27 

4.3 

3.38 

50 

1 

1.27 

4.9 

3.85 


Tab. 2 Reduction of CIO 3 ions by Ni. Amount of Ni 
mol, temperature 25 °C, volume 50 cm 3 

6 x 10- 3 

Electrolyte 
[mol dm~ 3 ] 

CNaCIOj 
[mol dm~ 3 ] 

Contact 
time [min] 

c ch 

[mol dm~ 3 ] 

HCIO 4 

1 

0 

60 

c < 10 ~ s 

1 

5 x 10 ~ 2 

60 

1.5 x 10 ~ 2 

1 

5 x 10 - 1 

15 

3.9 x 10 ~ 2 

H 2 SO 4 

0.5 

5 x 10 ~ 2 

60 

1.24 x 10 ' 2 

0.5 

5 x IQ - 1 

15 

3.9 x 10 ~ 2 


the following overall process: 

3Ni + C10 3 “ + 6 H+ » 3Ni 2+ 

+ Cl“ + 3H 2 0 (12) 

This has a very high rate when compared 
with reaction (11). This means that we 
may assume that reaction (13) is the rate- 
determining process in the reduction of 
perchlorate ions: 

CIO 4 " + 2H+ + Ni > Ni 2+ 

+ CIO 3 - + 2H 2 0 (13) 

18.1.5 

Electrochemical Oscillation during Nickel 
Dissolution 

The structure of complex behavior in 
anodic nickel dissolution was analyzed and 


discussed in a series of papers by Lev and 
coworkers [51, 52]. 

In [53], oscillatory wave patterns ob- 
served during electrochemical dissolution 
of a nickel wire in acidic media was re- 
ported. It was shown that space-averaged 
potential or current oscillations are asso- 
ciated with the creation of an inhomoge- 
neous current distribution, and that the 
selection of a specific spatial current pat- 
tern depends on the current control mode 
of the electrochemical cell. In the almost 
potentiostatic (fixed potential) mode of op- 
eration, a train of traveling pulses prevails, 
whereas antiphase oscillations occur in the 
galvanostatic (constant average current) 
mode. 

In [52], a modeling of periodic and 
chaotic dynamics in anodic dissolution 



was presented. The observed and modeled 
behavior include bistability, periodic os- 
cillations bounded by Hopf and saddle 
loop bifurcations, the disappearance of 
these transitions in a double-zero singular- 
ity and the existence of chaotic solutions, 
which are bounded by a period-doubling 
transition. The modeling and parameter 
estimation were based on comparison of 
the experimental and simulated bifurca- 
tion maps, showing domains of different 
characteristic behaviors in the plane of 
applied constant current versus acid con- 
centration. Qualitative agreement between 
the observed and predicted maps has been 
obtained. In [54], the delay and memory ef- 
fects in bifurcations of nickel electrodisso- 
lution were experimentally demonstrated. 

18 . 1.6 

New Findings on the 
Dissolution/Deposition Processes 

During the last decades, a great number 
of papers dealing with anodic or sponta- 
neous dissolution of polycrystalline nickel 
were published. Only some illustrative ex- 
amples could be mentioned here. In [55], 
the anodic dissolution of nickel was stud- 
ied galvanostatically in hydrochloric acid 
solutions of various concentrations. The 
reaction orders with respect to chloride 
ion and hydrogen ion concentrations were 
determined. 

The corrosion behavior and dissolution 
mechanism of nickel in acid solutions with 
hydrogen sulfide (TQS) was studied. It 
was found that the dissolution of nickel 
is influenced by both the nickel sulfide 
layer formed on the electrode surface and 
the acceleration effect of TQS [56]. 

In [57], investigations of nickel disso- 
lution in sulfuric acid solution have been 
performed by using an electrochemical mi- 
crogravimetry (EQCM). On the basis of 
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reaction parameters obtained experimen- 
tally, the active dissolution mechanism of 
nickel has been explained by the Bockris 
mechanism. 

Apparent activation energy of the anodic 
dissolution of nickel in sulfuric acid 
solutions in the presence of Cl - and CN S “ 
ions was determined in [58]. 

Finally, it should be mentioned that 
according to some authors [59] anoma- 
lous - nonelectrochemical - dissolution 
has to be considered for the interpretation 
of the overall dissolution process of nickel 
in solutions containing oxygen. Although 
the idea is very interesting, the explanation 
presented seems to be questionable. 

In [60], electrochemical deposition and 
stripping of nickel at a polycrystalline 
gold film electrode was studied by cyclic 
voltammetry and surface conductance. 

In a series of publications by Gomez 
etal. [61-63], the electrodeposition of 
nickel on a vitreous carbon electrode has 
been investigated. 

In [61], the influence of the nickel(II) 
concentration on the deposition process, 
in [62], the influence of potential on deposit 
morphology, while in [63], the morphology 
and structure of nickel nuclei as a function 
of the conditions of electrodeposition were 
studied. In the latter, the effects of growth 
rate (affected by the temperature and/or 
the nickel concentration), bath composi- 
tion, and deposition time (particularly at 
low overpotentials) on the morphology of 
nickel nuclei were analyzed. 

Pure nickel electrodeposits with macro- 
pores were prepared from electrolytic so- 
lutions of 0.2 mol dm -3 NiCl 2 and NH 4 CI 
with concentrations varying between 0.25 
and 4 mol dm -3 [64]. The effects of the 
electrodeposition current density and the 
NH 4 CI concentration on the surface mor- 
phology were determined. Surface area, 
faradaic efficiency, and fractal dimension 
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of the cross section of the electrode- 
posits were also evaluated. From these 
results, it was concluded that highly porous 
metallic matrices could be obtained, with 
very high roughness factors and excellent 
mechanical resistance, yet at very high 
apparent current densities of electrodepo- 
sition (5 A cm“ 2 ). The use of this type of 
electrodeposition bath is suggested for the 
preparation of Raney-nickel electrodes, in 
order to improve the accessibility of reac- 
tants to the electrode surface. 

18 . 1.7 

Nickel-Hydrogen Systems 

An analog of the platinized platinum elec- 
trode is the black or gray nickel electrode, 
which under certain experimental condi- 
tions can be used as the hydrogen electrode 
instead of the platinum electrode [65]. This 
electrode can be obtained by electrochem- 
ical deposition of nickel under the exper- 
imental conditions described in [65]. The 
real surface areas of these electrodes sig- 
nificantly surpass their geometric surface 
areas. In addition, potential-dependent ad- 
sorption of hydrogen occurs on the nickel 
surface and the measurement of the hy- 
drogen capacity of the electrode in alkaline 
medium offers a tool for the determination 
of the real surface area [66]. 

However, because of overlapping of the 
adsorbed hydrogen oxidation region and 
that of adsorbed oxygen reduction the 
separation of these regions is difficult. 
Another difficulty is the slowness of 
the electrochemical processes leading to 
the formation of the layers of adsorbed 
hydrogen or oxygen. 

In [67], an optoelectrochemical method 
(OEM) or a combination of electrochem- 
ical and ellipsometric methods, was de- 
veloped for unambiguous evaluation of 
surface state and electrocatalytic properties 
of smooth standardized and modified 


nickel electrodes in alkaline solutions. The 
method is based on the (1) insensitivity of 
ellipsometric method to hydrogen adsorp- 
tion at least within the wavelengths interval 
500-700 nm and (2) proportionality be- 
tween changes in the amount of adsorbed 
oxygen and ellipsometric parameter, A. 
The simple method elaborated by the 
authors enabled them to obtain reliable 
roughness factor values. 

The adsorption of hydrogen could be 
accompanied by its absorption as well. 

Although it has been known for more 
than a century that large amounts of hy- 
drogen can be loaded into nickel cathodes 
by electrolysis [68, 69], systematic work on 
the Ni|H2 system was only initiated much 
later. 

Almost fifty years ago, Baranowski 
et al. [70] and Baranowski and Smi- 
alowski [71] reported that, using sulfu- 
ric acid electrolyte and current densities 
<20 mA cm -2 , Ni cathodes could be con- 
verted into nonstoichiometric NiH. v (.r < 
1) hydride. A few years later, the nature of 
NiH v was established by identifying two 
separate phases, ft and a, as for the PdH* 
analog [69, 72], Both /?- and a-hydrides 
formed by electrolysis of aqueous H2SO4 
at Ni: the former, much more hydrogen- 
rich than the latter (H/Ni atom ratios of 

0.8 for p and «b 0.03 for a), decomposes 
quickly with H2 evolution [73, 74]. 

According to Baranowski and subse- 
quent authors, the electrolytic formation 
of NiH v is conditioned by factors such as 
the presence in the electrolyte of small 
amounts («10 -3 mol dm -3 ) of a S, As, 
or Se compound [75], and the pH of the 
electrolyte. It has been stated in Ref. 73 
that electrolytic hydriding of Ni failed in 
alkaline media. More recently, the valid- 
ity of this statement was questioned by 
Bernardini etal. [76, 77]. According to 
[76, 77], considering of apparent similarity 



between Ni and Pd hydrides, there is no 
reason why NiH* should be obtained from 
acid electrolytes only. If there is a corre- 
lation between overvoltage and equivalent 
hydrogen pressure, the formation of un- 
stable /J NiH v should be easier in alkaline 
media where larger overvoltages than in 
acid can generally be applied. 

In [76], the feasibility of obtaining Ni 
hydride through electrolytic reduction of 
aqueous 0.6 mol dm -3 K 2 CO 3 at Ni elec- 
trodes of different types (solid Ni, Ni-fiber 
composite, and sintered Ni) was inves- 
tigated. It was found that potentiostatic 
electrolyses at the beginning of the hy- 
drogen evolution reaction (her) lead to the 
formation of several hydrogenated species 
of Ni, which generally become degraded 
when more negative potentials are applied. 
The species oxidized reversibly with the her 
was identified as the /J-Ni hydride phase, 
whereas the nature of the Ni hydrides oxi- 
dized at more positive potentials could not 
be definitely established. The interaction 
of Ni samples on open circuit with H 2 
dissolved in the electrolyte was found to 
form the same Ni hydride species as that 
achieved after electrolysis. 

This approach was critically evaluated 
in a communication by Baranowski [78] 
pointing out that probably surface or 
subsurface hydrides are formed in alkaline 
solutions, instead of the bulk, three- 
dimensional hydride. It is stressed in [78] 
that the idea of the equivalence between 
overvoltage and thermodynamic activity, 
considered in [76, 77] is a misleading and 
unfounded concept. 

Recently, by application of x-ray diffrac- 
tion technique, evidences proving the 

Fig. 1 A typical response of Ni to cyclic 
polarization in 0.1 mol dm~ 3 NaOH. 
Potential measured against Hg|HgO 
electrode. Scan rate: 60 mV s -1 . 
Explanation see in the text [91]. 
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formation of /1-NiH , phase in the presence 
of promotors (S, AS 2 O 3 , Sb, and GeC> 2 ) 
were reported in [79]. 

Dependencies of the /J-NiH v phase vol- 
ume fraction on the nature and concen- 
tration of the promotor, changing current 
density and changing duration were pre- 
sented and the phenomena observed were 
explained with the assumption that NiAs- 
type compounds take part in the formation 
of nickel hydride. 

In contrast to the views asserting 
the reality of formation of NiH v phase 
in alkaline media in the presence of 
promotors, Monev found [80] a very 
distinct pH effect in the formation of 
the hydride phase in the presence of 
H 2 SeC> 3 . According to [80], the nickel 
hydride formation terminates at pH value 
over 2 . 1 . 

18.1.8 

Nickel Oxide and Nickel Hydroxide 

Nickel oxides and hydroxides play an im- 
portant role in the passivity of nickel 
in aqueous solutions, in oxidizing ionic 
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melts, and in the formation of electrodes 
related to batteries. Nickel hydroxide elec- 
trode is used for organic electrosynthesis, 
first of all for electrochemical oxidation. 

Figure 1 shows a typical response of Ni 
to cyclic polarization in alkaline medium 
[81-91]. The redox wave pair AW1/CW1 
is associated with the redox process 
Ni(OH) 2 NiOOH + H+ + e“. The cur- 
rent grows with the number of potential 
scans indicating the progressive enrich- 
ment of the electroactive species Ni 2+ 
and Ni 3+ in the surface. Prolonged polar- 
ization results in a stationary state. The 
anodic peak potential varies depending 
on the process of polarization of Ni ox- 
ides as a result of repeated polarization. 
The small cathodic wave CW2 developed 
during the later stages of polarization in- 
dicates the alteration of phase of Ni oxides 
[88]. The strong current increase following 
the anodic wave AW1 is the result of the 
oxygen evolution reaction. The intensity 
of this reaction also grows with advanc- 
ing polarization, suggesting a correlation 
between the oxygen evolution and the con- 
centration of Ni 3+ sites. The first positive 
potential scan generates a monotonically 
elevated current flow giving a peak at a 
potential more positive than in the sub- 
sequent potential cycles. The peak shift is 
indicative of an overpotential required for 
the nucleation and growth of NiOOH. The 
enhanced baseline current, being most 
pronounced in the first scan, is associ- 
ated with the oxidation of Ni to Ni 2+ . 
a-NiOOH, /i-NiOOH, and y -NiOOH were 
structurally identified. 

In a recent publication [89], processes 
taking place on a Ni electrode were in- 
vestigated with the EQCM. At potentials 
negative of about —500 mV vs. SCE, a 
closed frequency loop was observed with- 
out irreversible changes in the mass of 
the electrode. It was found that the phase 


transition a — > d'Ni(C>H) 2 , taking place at 
potentials positive to —500 mV vs. SCE, is 
accompanied by an irreversible increase in 
the mass of the electrode. When Ni(OH) 2 
was further oxidized, the frequency in- 
crease is followed by a decrease indicating 
the transport of various species in both 
directions, that is, from and into the 
electrode. The authors arrived at the con- 
clusion that during the Ni(OH) 2 oxidation 
reaction, the transport of species respon- 
sible for the mass increase is slower than 
the charge-transfer process. 

The applicability of positron lifetime 
spectroscopy for the characterization of 
the partly charged nickel hydroxide was 
investigated [90]. The positron lifetime 
spectra of /I-Ni(OH) 2 //J-NiOOH systems 
were presented. Three different parts of 
the annihilation curves were observed and 
identified. 

In a recent communication [91], Ni sur- 
face alloyed with Cu, Ti, or Cu + Ti by 
ion implantation was examined for its re- 
dox and electrocatalytic activities by cyclic 
voltammetry. The surface was character- 
ized by XPS, x-ray, and electron diffraction, 
as well as by electron and atomic force 
microscopies. This type of material ex- 
hibited a unique voltammetric response 
of Ni and was shown to stabilize the /J- 
modification of the Ni oxide/hydroxide. 
It was demonstrated that the morphology 
and microstructure differ from those of 
bulk materials. 


18.2 

Palladium 

18 . 2.1 

Fundamentals 

The oxidation number of palladium in 
compounds ranges from 0 to +6; however. 
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+2 and +4 states occur most frequently 
[92, 93], 

For the process 

Pd 2+ + 2e“ < > Pd (14) 

the most reliable standard potential value 
is E^= 0.915 ±0.005 V [94]; however, 
0.945 V or 0.987 V formal potentials have 
also been reported [92, 93]. Similarly, 
diverse E ^ and formal potential ( E ^ ) 
values can be found in the literature 
for other electrode reactions. For selected 
systems, the electrochemically measured 
values will be given. 

PdO + 2H+ + 2e“ » Pd + H 2 0 


E* = 0.79 V [95, 96] 

(15) 

PdCl 4 2- + 2e“ » Pd + 4C1 _ 


E = 0.6 V [97, 98] 

(16) 

PdBr 4 2_ + 2e“ > Pd + 4Br“ 


E = 0.49 V [98, 99] 

(17) 

Pdl 4 2- + 2e“ » Pd + 4 1~ 


E ^ = 0.18 V [100] 

(18) 

Pd(S0 4 ) 2 2- + 2e“ > Pd + 2S0 4 2 “ 

E^' = 0.82 V [101] 

(19) 


Pd(NH 3 ) 4 2_ + 2e“ > Pd + 4NH 3 

E 0 ' = 0.00 V [100] (20) 


The uncertainty in the E^ and E^ 
values are even higher in the case of Pd(IV) 
and Pd (VI) states. 

Pd0 2 + 4H+ + 4e“ > Pd + 2H 2 0 

E*= 1.47 V [96] (21) 

Pd0 2 + 4H+ + 2e“ > Pd 2+ + 2H 2 0 

E^= 1.194 V [13] (22) 

Pd0 2 + 2H+ + 2e“ » PdO + H 2 0 

E^ = 1.263 V [13] (23) 


PdCl 6 2- + 2e“ > PdCl 4 2- + 2C1“ 

E^ = 1.47 V [102] (24) 

Pd0 3 + 2H+ + 2e“ > Pd0 2 + H 2 0 

E^= 2.03 V [13] (25) 

The interfacial chemistry of palladium 
electrodes (polycrystalline and single crys- 
tal) was surveyed by Soriaga et al. re- 
cently [103]. According to the authors, 
the “remarkably rich interfacial chem- 
istry of palladium” may have its ori- 
gin in the anomalously weak inter- 
metallic palladium-palladium bond, a 
circumstance that is expected not only 
to enhance lateral surface mobilities 
but also to facilitate the disruption of 
substrate -substrate bonds and/or the for- 
mation of substrate -adsorbate bonds. 

In a survey dealing with palladium 
electrode, it is not possible to avoid 
mentioning the cold fusion controversy, 
started in 1989, where Pd electrode played 
and plays a central role. Hundreds of 
papers relating to palladium electrode 
are dealing exclusively with cold fusion 
and related subjects. The status of “cold 
fusion” was summarized in [104], recently. 

18 . 2.2 

New Findings on the Dissolution and 
Deposition of Palladium 

Only a few illustrative examples taken from 
the literature of the last few years could be 
presented here. 

The deposition of Pd on well-ordered 
single crystalline Au surfaces, Au(lll), 
Au(110), and Au(100) has been studied 
by Kolb et al. especially with regard to the 
initial stages [105-107]. 

Pd was deposited onto Au from aqueous 
solutions of its chlorine compounds, for 
example, Pd 2 Cl 2 or K 2 PdCl 4 . It was 
stated that from such electrolytes, prior to 
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palladium deposition, [PdCl 4 ] 2- adsorbs stripping of Pd films electrodeposited on Pt 
on the bare Au(lll) and Au(100) surfaces substrates. This method can also be used 
and forms ordered adlayers, the structures for Pd-coverage determinations, a major 
of which were studied by in situ STM advantage if catalysis-induced coverage 
[105-108], This complex anion has also changes are to be monitored, 
been found to adsorb on the first Pd The dependence of adsorption proper- 
monolayer on Au(lll) [105], whereas it is ties and texture on electrolytic palladium 
displaced by chloride in the case of Pd on deposits on the deposition potential was 
Au(100) [106], On these unreconstructed investigated by Tsirlina et al. [116], It was 
Au(lll) and Au(100) surfaces, palladium found that, in sulfuric acid solutions, 
nucleates first at surface defects like the palladium dissolution, which accom- 
monoatomic high steps, and at higher panies the oxygen adsorption, obscures 
overpotentials also on terraces [105, 106], the adsorption behavior of the deposits 
In the underpotential deposition (UPD) with respect to oxygen. Assumptions were 
region, a pseudomorphic Pd monolayer made about the predominant crystallo- 
is formed in Au(lll) [105, 109]. No graphic orientation (100) of the surface 
alloy formation was observed for this of some palladium deposits being depen- 
system [105], while a Pd/Au surface dent on the deposition potential and about 
alloy is formed when Pd is deposited the presence of regions whose adsorption 
onto Au(100) [106]. Deviations in the properties are anomalous with respect to 
electrochemical properties of thin Pd films copper. The assumptions are based on a 
on Au(100) from those of well-ordered comparative analysis of the copper adsorp- 
Pd(100) surfaces [110] are most probably tion data and x-ray diffraction patterns. In 
caused by this alloying process. addition to sites of crystalline palladium, 

Soriaga and coworkers [111-113] discov- the deposits were found to have disordered 
ered that the anodic dissolution Pd(lll) areas as well. 

and Pd(100) single-crystal electrodes in Regularities of formation of a palla- 
pure H 2 SO 4 solutions was catalyzed by dium oxide layer and its cathodic reduc- 
the presence of monolayers of iodine tion in 0.5 mol dm -3 H 2 SO 4 at 0.5-1. 3 V 
chemisorbed on these surfaces. Large an- (SHE) were studied by cyclic voltam- 
odic peaks were found for the dissolution metry, XPS, and EQCM [117]. It was 
even in noncorrosive electrolyte solutions shown that a Pd electrode dissolves elec- 
only when the surfaces of Pd were modi- trochemically in 0.5 mol dm -3 H 2 SO 4 
fied by the iodine adlayer. when its potential is cycled between 0.5 

Further important results based mostly and 1.3 V. It was suggested that anodic 
on in situ STM study were reported by Itaya process at 0.5-1.3V (SHE) represents 
and coworkers [114]. Iodine pretreatment electrochemical oxidation of palladium, 
was accomplished simply by immersion yielding a surface layer of poorly sol- 
of the clean electrode, without potential uble Pd(OH )2 and/or PdO phases, as 
control, in an aqueous 1-mM solution of expressed by the equation Pd+ 2 H 2 O = 
iodide for 5 min. Unadsorbed iodide was Pd(OH) 2 /PdO s + 2H + + 2e“. This sur- 
removed by rinsing with pure water. face layer, Pd(OH) 2 /PdO s , undergoes re- 

It was shown by Soriaga et al. [115] that duction during the cathodic process. It was 
this unique type of dissolution can be used found that about 5% of the total amount of 
for the selective and quantitative anodic ionized palladium dissolves in electrolyte. 
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18 . 2.3 

Hydrogen and Oxygen Sorption in/at 
Palladium Electrodes 

A great number of papers devoted to 
the investigation of hydrogen absorption 
and adsorption can be found in the 
literature. Some new developments will 
be considered here. 

It is a well-known and a widely recog- 
nized fact that the electrical resistance of 
palladium is a function of its hydrogen 
content. In [118], some problems on the 
resistance method regarding the in situ 
measurement of hydrogen content is dis- 
cussed. 

In [119], the hydrogen adsorption and 
desorption reactions in thin palladium 
electrodes were studied using the potential 
step method in order to analyze the mech- 
anism of phase transformation. Transient 
current responses were recorded at the on- 
set of the potential step for 47 pm thick P d 
electrodes in 1 mol dm -3 H 2 SO 4 at ambi- 
ent temperature. A model based on a mov- 
ing boundary mechanism was proposed to 
account for the experimental i-t curves. 
It was found that the hydrogen adsorption 
reaction shows interfacial kinetic limita- 
tions and only numerical solutions can 
be obtained. Such kinetic limitations were 
not found for the desorption reaction and 
a semianalytical solution that satisfactorily 
fits the experimental data was proposed. 

During the last two decades, hydrogen 
adsorption and absorption were shown 
to play a central role in a whole series 
of papers by Czerwinski and coworkers 
[120-133]. 

The EQCM method is used to evalu- 
ate the processes that occur in/on the 
palladium electrode in acid and basic so- 
lutions. It was concluded that hydrogen 
electrosorption in palladium is accompa- 
nied by an additional frequency shift of 


the crystal that could be attributed to the 
stresses generated inside the Pd metal. A 
nonlinear dependence between the mass 
change and the charge consumed during 
hydrogen oxidation in the Pd electrode was 
found for hydrogen absorbed in the a- and 
/J-phases. 

This effect created significant problems 
with the objective estimation of the 
amount of sorbed hydrogen inside the 
palladium electrode using the EQCM 
method. 

The study of hydrogen and deuterium 
electrosorption in palladium limited vol- 
ume electrodes (LVE) was carried out by 
the same group in both acidic and basic 
solutions [124, 130, 134]. It was found that 
the hydrogen capacity, H(D) /Pd, measured 
electrochemically, depends significantly 
on sweep rate in cyclic voltammetric ex- 
periments and also on the thickness of the 
LVE. Two different mechanisms of hydro- 
gen desorption, that is, the electrochemical 
oxidation and the nonelectrochemical re- 
combination step, which take place in 
parallel within the Pd— LVE, have been 
postulated. 

A decrease in hydrogen capacity (H/Pd 
ratio) with increasing temperature was 
observed. Hydrogen absorption was found 
to be dependent on the composition of the 
surrounding electrolyte solution. 

The first systematic study on the oxide 
growth at Pd electrodes under well-defined 
potentio static conditions was reported 
in [135]. The impact of temperature 
variation on the development of Pd surface 
oxides was investigated in aqueous H 2 SO 4 . 
Various theoretical models were applied in 
order to elucidate the growth kinetics and 
mechanism in relation to the experimental 
conditions. 

In a series of publications by Burke 
[136-140], the electrochemical and elec- 
trocatalytic behavior of palladium was 
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studied. The phenomena observed were 
explained similarly to other noble metals 
by the assumption of the role of premono- 
layer oxidation and formation of hydrous 
oxides. 

18 . 2.4 

Electrosorption and Electrocatalytic 
Processes 

Some relatively simple examples will be 
presented. 

The mechanism of the evolution of hy- 
drogen on palladium in alkaline medium 
and associated internal damage phenom- 
ena were discussed in a recent paper by 
Bockris and Minevski [141]. The aim of 
the paper was to get support for their be- 
lief concerning the occurrence of nuclear 
reaction inside the metal. However, the 
authors arrived at the conclusion that the 
results obtained could be explained by an 
atomic-molecular (nonnuclear) model. 

The electrocatalytic reduction of NO 3 - 
ions on noble metal electrodes has been the 
subject of several studies. (The reduction 
of nitrate has recently gained renewed 
attention in view of its relevance to 
pollution control.) 

Comparative studies of catalytic activity 
of various metals, alloys, and adatom- 
modified metals were carried out. 

For instance, the electrocatalytic reduc- 
tion of nitrate ions on Pt, Pd, and Pt + Pd 
electrodes activated with Ge was studied 
in [142, 143]. 

It was found that underpotentially de- 
posited germanium strongly enhances the 
reduction rate of nitrate. The reduction 
of nitrite is enhanced to a lesser extent, 
whereas germanium is inactive for NO 
and hydroxylamine reduction. It is of in- 
terest that the well-known inhibition of the 
nitrate reduction at low potentials was ab- 
sent for germanium-modified electrodes. 


A proportionality between the activity and 
the germanium coverage was reported. 
The authors arrived at the conclusion 
that germanium is involved in the rate- 
determining step, which is the reduction 
of nitrate to nitrite and its role is to bind 
the oxygen atom of nitrate. The higher ac- 
tivities found for Pt + Pd electrodes was 
explained in terms of changes in the elec- 
tronic structure of the metals as a result of 
alloying. 

Similar studies on palladium/copper 
electrodes was carried out using differ- 
ential electrochemical mass spectroscopy 
(DEMS), rotating ring-disk electrodes and 
EQCM [144]. In acidic electrolytes, the ac- 
tivity increased linearly with Cu coverage; 
in alkaline electrolytes, a different depen- 
dence on coverage was observed. 

Recently, the electrochemical behavior 
saturated alcohols, that is, propargyl alco- 
hol (HC=CCH 2 OH, PA) [145], benzyl alco- 
hol (C 6 H 5 CH 2 OH, BA) [146] and allyl alco- 
hol [147], has been studied at Pd electrodes 
in an acid medium by cyclic voltamme- 
try, chronoamperometry, and on-line mass 
spectrometry. For BA, it was observed 
that the fragmentation of the molecules 
occurs at potentials in the hydrogen ad- 
sorption/absorption region of palladium, 
whereas for PA the adsorbates maintain 
the C 3 -chain. On the other hand, the yields 
of the electroreduction and electrooxida- 
tion products for both PA and BA differ 
from those obtained at Pt [146, 148, 149]. 

In the case of allylalcohol, the on-line 
mass spectrometry (DEMS) allowed the 
detection of the volatile products gener- 
ated during the electroreduction and elec- 
trooxidation processes. C 3 -hydrocarbons 
(propene and propane) and acrolein were 
detected as the bulk products, whereas 
C 2 -hydrocarbons and C0 2 are related 
to the adsorbed species. The dissocia- 
tion of the alcohol produces ethine in 



the 0.10-0.35 V potential range, which 
reduces to ethane. Adsorbed acrolein and 
C 2 -hydrocarbonated residues seem to be 
formed in addition to CO-like species. The 
results were compared with those previ- 
ously obtained at platinum and gold, as 
well as with other unsaturated alcohols, 
that is, benzyl and propargyl alcohol. 

Similar studies were carried out with 
benzoic acid on porous palladium elec- 
trodes [150], The objective of this work 
was to investigate the adsorption processes 
and the reactivity of benzoic acid on dif- 
ferent noble metals, in order to compare 
these results with those obtained for re- 
lated aromatic compounds. On-line mass 
spectroscopy analysis of volatile products 
revealed that the adsorption of benzoic acid 
is irreversible at platinum while it is mainly 
reversible on palladium. Accordingly, dif- 
ferent catalytic activity of platinum and pal- 
ladium was found in the electrooxidation. 


18.3 

Platinum 

18 . 3.1 

Fundamentals 

Platinum electrodes are widely used as an 
inert electrode in redox reactions because 
the metal is most stable in aqueous and 
nonaqueous solutions in the absence of 
complexing agents, as well as because of 
its electrocatalytic activity. The inertness 
of the metal does not mean that no 
surface layers are formed. The true double- 
layer (ideal polarized electrode) behavior 
is limited to ca. 200-300 mV potential 
interval depending on the crystal structure 
and the actual state of the metal surface, 
while at low and high potentials, hydrogen 
and oxygen adsorption (oxide formation) 
respectively, occur. 
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First of all, the important role of plat- 
inum as the metal part of the standard 
hydrogen electrode (SHE), which is the pri- 
mary standard in electrochemistry should 
be mentioned. The standard potential of 
an electrode reaction (standard electrode 
potential) is defined as the value of the 
standard potential of a cell reaction when 
that involves the oxidation of molecular 
hydrogen to solvated (hydrated) protons 
(hydrogen ions): 

H 2 + 2H 2 0 < » 2H 3 0+ + 2e“ (26) 

The standard state is the hypothetical 
ideal solution of molality 1 mol kg -1 (or 

the relative activity of H 3 0 + ,flH 3 o + = 1 ) at 

standard pressure. The standard pressure 
is 1 bar (earlier 1 atm = 1.01325 bar; 
however, the shift is only 0.00026 V at 
the potential scale). By definition, the 
potential of this electrode is zero. Although 
the standard potential should not depend 
on the material of the metal, the SHE 
exclusively contains a platinum wire or 
a platinum sheet covered with platinum 
black (platinized platinum). Owing to 
the spontaneous dissociation (dissociative 
chemisorption) of H 2 at Pt 

Pt + 2H 2 < > 2Pt-H (27) 

and the not-too-high Pt— H bond energy, 
the exchange current is high and the 
electrode process is electrochemically re- 
versible [151]. 

In its compounds, Pt has oxidation states 
+2 and +4. The redox reactions - except 
the formation of surface oxides, hydrox- 
ides, and hydrides - take place with partic- 
ipation of its complexes. 

Some important systems and the corre- 
sponding £^and E ^ values are as follows. 

PtO + 2H+ + 2e“ » Pt + H 2 0 

E* = 0.98 V [13] (28) 
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Pt0 2 + 2H+ + 2e“ > PtO + H 2 0 


E^= 1.045 V [13] (29) 

PtCl 4 2 “ + 2e“ » Pt + 4C1 _ 

E*= 0.758 V [152, 153] (30) 

PtBi' 4 2 " + 2e“ > Pt + 4Br“ 

E^ = 0.698 V [152, 153] (31) 

Ptl 4 2 “ + 2e~ > Pt + 41“ 

E^ = 0.400 V [154, 155] (32) 

PtCl 6 2 “ + 4e“ > Pt + 6C1“ 

E* = 0.744 V [152, 153] (33) 

PtBr 6 2 “ + 4e“ » Pt + 6Br“ 

E*= 0.657 V [152, 153] (34) 

PtCl 6 2 “ + 2e“ > PtCl 4 2 “ + 2C1“ 

E* = 0.726 V [152, 156] (35) 

PtBr 6 2 “ + 2e“ > PtBr 4 2 “ + 2Br“ 

E* = 0.613 V [152] (36) 


Pt(SCN) 6 2 “ + 2e“ > Pt(SCN) 4 2 “ 

+ 2SCN“ E*= 0.468 V [157] 

(37) 

Pt(NH 3 ) 2 Cl 4 + 2e“ » Pt(NH 3 )Cl 2 

+ 2C1“ E * = 0.669 V [158] (38) 

Data for several ammine-halo, am- 
mine - ethylenediamine, halo - nitro - 

amine, halo- nitro -triammine, chloro - 
alkil-ammine, alcohol-ammine, tetra- 
amino, pyridine-chloro, picoline-chloro, 
quinoline - chloro, phenanthroline - amm- 
ine-chloro, and so on, complexes have 
been compiled in [159, 160]. Some regu- 
larities have been found, for example, E ^ 
of Pt halo -complexes decreases with the 
increasing atomic number of the halogen 
atom; the successive substitution of NH 3 
for chloro ligands causes the decrease of 


E^; the introduction of different ligands 
in the amine complexes increases E ^ ac- 
cording to the order I < CN < SCN < Br 
< Cl < N0 2 [159, 160]. Finally, we men- 
tion the famous cisplatin, ds-Pt(NH 3 )Cl 2 , 
which is a very powerful cancer chemother- 
apy drug [161]. Its effect was discovered by 
Rosenberg [162] accidentally when he in- 
vestigated the influence of electric field 
on living cells. He used supposedly inert 
platinum electrodes to study the suspen- 
sion of live Escherichia coli bacteria. It was 
found that, as a consequence of dissolu- 
tion of Pt, cisplatin was formed which had 
a devastating effect on the bacteria. 

18.3.2 

Effect of Adsorption and Surface Structure 
on the Voltammetric Behavior of Platinum 
Electrodes 

18.3.2.1 Adsorption of Hydrogen, Oxygen, 
and Anions 

The “classical” voltammetric curve used 
generally for the presentation of hydrogen 
and oxygen adsorption on polycrystalline 
Pt is shown in Fig. 2. 

It is well known that the shape of the 
curve depends on the nature of the anion(s) 
present in the system. In reality, there is an 
overall behavior reflecting simultaneous 
H/O and anion adsorption. 

It was demonstrated that the radiotracer 
method, using labeled anions, is an ade- 
quate tool to follow anion adsorption in 
the course of voltammetric measurements 
and to gain simultaneous information 
on hydrogen and anion adsorption [163]. 
Coupling voltammetric and radiometric 
measurements in the study of platinized 
platinum electrodes gave insight in the an- 
ion-hydrogen atom coadsorption process. 

Figure 3(a) shows the count rate orig- 
inating from radiolabeled HS0 4 “ ad- 
sorption vs. E (voltradiometric curve) 
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Fig. 3 (a) Voltradiometric T vs. E curve in the potential range 14-710 mV; sweep 

rate 0.25 mV s -1 ; 1 .7 x 10 ~ 3 mol dm -3 H 2 SO 4 in 1 mol dm ~ 3 HCIO 4 . (b) Shape of 

the Ar /A E vs. E ( ) and voltammetric curves ( ) in the potential range 

10-450 mV; sweep rate 0.15 mV s -1 (AT /A E and / arbitrary units) [163], 

curve traced in the potential range in 1 mol dm -3 HCIO 4 . From data pre- 
from 15 to 710 mV with a sweep rate sented in Fig. 3(a) the dr/d£ vs. E curve 
of 0.25 mV s _1 in the presence of la- (differential voltradiometric curve) can be 
beled H 2 SO 4 (c = 1.7 x 10 - 3 moldm“ 3 ) calculated, which may be considered as the 
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counterpart of the corresponding voltam- 
metric curve. In Fig. 3(b), the AT/A E vs. 
E and voltammetric curves are compared. 
From the comparison of these curves it can 
be stated that the position of the anion ad- 
sorption peaks in the hydrogen adsorption 
region are not far from those of the hy- 
drogen adsorption. The most pronounced 
difference may be observed between the 
first hydrogen and anion peaks. 

There are indications in the literature 
for the overlap of the oxide and hydrogen 
regions of platinum electrodes in aqueous 
acid solution [164]. The extent to which the 
hydrous oxide reduction process overlaps 
with the hydrogen adsorption region was 
investigated for platinum in acid solution. 
At least three distinct hydrous oxide re- 
duction peaks (or regions) were observed 
and in some cases one of these peaks com- 
menced at ca. 0.0 V, that is, it was almost 
totally within the hydrogen gas evolution 
region. Following repeated hydrous oxide 
growth and reduction, which disrupted 
and thus activated the metal surface, a 
sequence of four low-level premonolayer 
oxidation peaks (each of which has been 
noted earlier by other authors) appeared in 
the positive sweep. The transitions giving 
rise to such peaks were assumed to be me- 
diator generation reactions, which strongly 
influence electrocatalytic processes occur- 
ring on platinum at low potentials. 

18.3.2.2 Well-defined Platinum Surfaces 

Fundamental questions connected with 
the characterization of the double layer 
at well-defined single-crystal faces of solid 
metals have been reviewed and surveyed 
several times by Hamelin [165-169]. 

Since the early 1980s, cyclic voltammetry 
has been used to characterize single- 
crystal electrodes in terms of surface order, 
presence or absence of defects, contami- 
nations, and so on. In some cases, the 


voltammograms have also been used for 
identification of adsorbates, mostly based 
on electric charge calculation. However, 
since the double-layer charging and sur- 
face reactions such as underpotential de- 
position and anion adsorption may occur 
in parallel, it is difficult to break down 
the total voltammetric charge into all of 
its individual components. Therefore, in- 
terpretation from voltammetry alone, used 
as a tool for the adsorbed species identifi- 
cation, may be ambiguous. This has been, 
for instance, the case with the interpreta- 
tion of the “unusual adsorption states” on 
the Pt(lll) electrode [170-179]. 

Although at a very early stage of the 
studies the appearance of the unusual 
peak on the voltammograms of Pt(lll) was 
explained by anion adsorption for a long 
period, the view that it should be ascribed 
to hydrogen adsorption (or incorporation 
of hydrogen) was widely accepted by 
many researchers. Recently, the hydrogen 
adsorption model has been rejected on 
the basis of reexamination of the problem 
by the most eminent proponents of the 
model studying the unusual desorption 
states on Pt(lll) electrodes by CO and I 
displacement method. First they arrived at 
the conclusion that the results obtained 
confirm that the charge associated with 
the unusual states is at least formally 
compatible with the exchange of one 
electron per three surface platinum atoms. 

In accordance with this view, the oc- 
currence of the unusual peaks on the 
cyclic voltammograms observed in acetic 
acid/acetate system was ascribed to a 
one-electron transfer process of acetic 
acid/acetate ions according to the equa- 
tions [180]: 

CH 3 COOH = CH 3 COO ads + H+ + e“ 


at pH < 2 


(39) 
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CH3COO = CH3COO a< i s + e at 

pH > 5 (40) 

There are, however, many evidences 
demonstrating that the existence of the 
unusual states cannot be easily explained 
with the charge transfer to, or from the 
anions (or other species). For instance, 
recent spectroscopic studies do not support 
the occurrence of electron transfer in 
the case of anion adsorption [174, 176, 
181-185], 

A very important and confusing ob- 
servation is that the charge involved in 
the unusual states in various solutions is 
nearly independent of the nature of the 
anion, including organic anions. This as- 
pect of the unusual states cannot be easily 
reconciled with the charge transfer to, or 
from the anion as a mechanistic origin of 
the pseudocapacitive current generated by 
the reversibly adsorbed anions on Pt(lll). 

Results obtained from careful examina- 
tion of the pH effects on the potentiody- 
namic behavior of the Pt(lll) electrode in 
acidified perchlorate solutions [180] advo- 
cate in favor of the assumption that water 
and not Cl04~ anions are involved in the 
unusual adsorption states in the double- 
layer region of Pt(lll). Presumably, H2O 
dissociation and OH deprotonation are 
responsible for the two main electrode pro- 
cesses in the double-layer region of Pt(lll) 
in NaCl04 solutions. 

For instance, in situ Fourier transform 
infrared (FTIR) spectroscopy has been 
used by Faguy etal. [176] to study 
the potential-dependent changes in anion 
structure and composition at the surface 
of Pt(lll) electrodes in HS 04“ -containing 
solutions. From the infrared differential 
normalized relative reflectance data, the 
maximum rate of intensity changes for 
three infrared bands can be obtained. Two 
modes associated with the adsorbed anion 


and one mode assigned to species is not 
adequately described as either sulfate or 
bisulfate; the data are more consistent 
with an adsorbed H30 + — SO4 2- ion pair, 
possibly with the three unprotonated 
sulfate oxygens interacting with Pt sites. 

Since the number of papers dealing with 
the electrochemistry of Pt single crystals 
exceeds several hundreds, only some of 
them, published in the last few years could 
be referred to [179, 186-205]. 

18.3.2.3 Faceted and Platinized Platinum 
Electrodes 

A series of papers by Arvia and cowork- 
ers [206-215] demonstrated that metal 
electrode surfaces with preferred crystal- 
lographic orientation and different rough- 
nesses could be created through the appli- 
cation of periodic potential treatments. 

It was found that changes in the voltam- 
metric response of polycrystalline plat- 
inum electrodes in the direction expected 
for preferred oriented surface electrodes 
can be achieved using a fast repetitive po- 
tential perturbation. 

Faceted platinized platinum surfaces 
with preferred crystallographic orientation 
were prepared by square-wave potential- 
modulated DC electrodeposition [216]. 

A fast repetitive triangular potential 
sweep (10 4 V s -1 between 0.05 and 1.5 V 
for 2 h) was applied to platinized platinum 
electrode [217]. This treatment resulted in 
a considerable decrease in the real surface 
area and in the formation of a (100) -type 
preferentially oriented surface structure. 

A detailed comparison of the voltammet- 
ric behavior of platinum single-crystal and 
faceted electrodes was also given [218]. 

A different approach to the prepara- 
tion of preferentially oriented surfaces on 
polycrystalline systems has been demon- 
strated by Sumino and Shibata [219]. It has 
been shown that a fast-cycling treatment 
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is not required for obtaining deposits with 
preferential orientation [176]. A platinum 
electrode with a single-crystal (100) surface 
was obtained by annealing a thin platinum 
film electrodeposited on a polycrystalline 
platinum foil. 

Considering these results it was an im- 
portant task to reconsider some questions 
connected with the technique of platiniza- 
tion, examining whether the method of 
platinization has some influence on the 
voltammetric behavior of the platinized 
surfaces. In [220], attempts were made to 
demonstrate that the voltammetric behav- 
ior of the platinized system could depend 
on the experimental conditions of the 
deposition carried out by a simple gal- 
vanostatic method. 

On the basis of the results obtained, it 
could be stated without any doubt that the 
voltammetric behavior of the electrodes 
studied depends strongly on both the com- 
position of the platinization solution and 
the current density of the deposition. The 
number of the peaks (pseudopeaks) and 
shoulders appearing on the voltammo- 
grams changes from two to four and the 
ratios of the heights of these peaks also 
change significantly. This behavior dif- 
fered somewhat from that expected on 
the basis of classical views concerning the 
voltammetric behavior of a platinized sys- 
tem. On the other hand, this conclusion 
per se cannot be considered as a completely 
new statement. Various kinds of platinized 
and supported platinum catalyst electrodes 
were studied in the literature in order to 
reveal the relationship between their elec- 
trocatalytic (electrosorption) behavior and 
the structure of the deposited layer. (See, 
for instance, Refs. 221-225 and the lit- 
erature cited therein.) It has been shown 
in these studies that the electrocatalytic 
activity and, occasionally, the character of 
the hydrogen adsorption at the deposited 


platinum particles depends strongly on 
the preparation, and consequently on the 
structure of the deposited layer and on the 
dimension (size) of the deposited parti- 
cles. For instance, in [225] in connection 
with the investigation of the electrocatalytic 
properties of ultrafine platinum particles it 
has been stated that the ratio of the amount 
of strongly adsorbed hydrogen to that of 
weakly adsorbed hydrogen decreased with 
decreasing platinum particle size. It was 
assumed that the adsorption strength of 
the hydrogen on the Pt(100) plane of the 
small platinum particles grew weaker with 
decreasing particle size. 

The similarity of the shape of the voltam- 
metric curves of platinized system to those 
reported for electrodes treated by the fast 
repetitive potential perturbation technique 
or obtained by annealing electrodeposited 
platinum and the appearance of signs char- 
acteristic for stepped surfaces allows us to 
assume that these phenomena should be 
ascribed to the similarities in the surface 
structure. 

This probably means that it entails a 
common feature leading to the forma- 
tion of electrodes with ordered domains 
of single-crystal or stepped surfaces. It is 
evident that further studies are required 
to elucidate the mechanism of the process 
resulting in such systems by simple pla- 
tinization. For practical reasons, it will be 
of importance to study the electrocatalytic 
behavior of these systems. 

18.3.2.4 Surface Structure and Reactivity 

The study of the link between the surface 
structure of an electrode and its reactivity 
in electrode processes is considered as an 
important element of the investigations in 
modern electrochemistry. 

In the frame of electrocatalysis and fuel 
cell-oriented research, a vast amount of 
data was collected during the last decades, 



first of all concerning the reactivity of 
simple organic compounds at various 
Pt and Pd surfaces. These questions 
will not be discussed in this chapter. 
In the following, only the reduction of 
two anions, CIO4 - and NO3 - ions will 
be considered as model species for the 
demonstration of the complex problem of 
“structure and reactivity.’’ 

The investigation of adsorption phenom- 
ena occurring on Pt and Pd electrodes is 
an important task for the clarification of 
their behavior in electrocatalytic processes. 
A characteristic feature for these systems 
is the hydrogen adsorption reflected by the 
shape of voltammetric curves taken un- 
der suitable conditions. This experimen- 
tal approach constitutes the intersection 
point where the problem of perchlorate 
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reduction and the investigation of elec- 
trosorption behavior of prospective fuel 
cell electrodes touch each other. 

It was (and perhaps is) a general belief 
in the literature that perfect voltammo- 
grams reflecting H adsorption on the 
“catalytic” electrodes can be obtained in 
HCIO4 solution. 

The distortion of voltammetric curves in 
the presence of CIO4 - ions is firm evi- 
dence for the occurrence of the reduction 
process. This effect is shown in Fig. 4 for 
the case of Pt with high real surface areas. 

In Fig. 4, voltammograms of platinized 
electrodes prepared under various condi- 
tions are shown. For the sake of compari- 
son, the corresponding voltammograms in 
HCIO4 and H2SO4 solutions are presented 
[226]. 







E[V] 



(d) 


(e) 


(f) 


Fig. 4 Voltammogram of three different Pt/Pt electrodes: (a-c) in 3 mol dm 3 
HCI 04 , sweep rate = 1 mV s _1 ; (d — f) in 0.5 mol dm ~ 3 H 2 SO 4 , sweep 
rate = 20 mV s " 1 [226], 
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The features characteristic of these 3. The distortion of the anodic peak 
systems are as follows: gradually disappears during subse- 

quent cycles. 

1. The reduction process occurs, almost 

exclusively, during the positive sweep. The reduction of NO 3 - ions at platinum 

2. Generally, no reaction can be observed electrodes has been studied by several au- 

on the negative sweeps, but the shape, thors during the last decade [227-230]. 
height, and position of the correspond- Thus, we have the relevant fundamental 
ing hydrogen peak differ significantly information about the behavior of the 
from those expected. system. The most important information 
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(a) (b) (c) 

Fig. 5 Cyclic voltammograms of a platinized platinum electrode (type I) in 
(a) 0.25 mol dm ~ 3 H 2 S 04 , (b) 0.25 mol dm ~ 3 H 2 SO 4 + 10 ~ 3 mol dm ~ 3 HNO 3 
and (c) 0.25 mol dm ~ 3 H 2 SO 4 + 10 ~ 2 mol dm ~ 3 HNO 3 . Sweep rate, 

20 mV s _1 [235], 
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Fig. 6 Cyclic voltammograms of a platinized platinum electrode (type II) in 
(a) 0.25 mol dm ~ 3 H 2 S 04 , (b) 0.25 mol dm ~ 3 H 2 SO 4 + 10 ~ 3 mol dm ~ 3 HNO 3 , 
and (c) 0.25 mol dm ~ 3 H 2 SO 4 + 10 ~ 2 mol dm ~ 3 HNO 3 . Sweep rate, 

20 mV s~' [235], 





is that hydrogen adsorption inhibits the 
reduction of NO 3 - ions. This means that 
in acid media the reduction rate is zero 
on surfaces covered by adsorbed hydrogen 
and a measurable reduction can only be 
observed at potentials above 50-100 mV. 
The current (absolute value) versus poten- 
tial curve goes through a maximum. 

The role of the various crystal faces in 
the reduction of nitrite, nitrate, and other 
oxygen-containing nitrogen compounds 
has been studied recently [231, 232]. 

It has also been shown [173, 233, 
234] that the catalytic activity of various 
crystal faces of platinum for the reduction 
of NO 3 - ions is very different. This 
means that similar effects should be 
expected in the case of platinized systems 
with various preferred crystallographic 
orientations [235]. 

Figures 5 and 6 show the voltammo- 
grams of two types of platinized systems 
obtained in 0.25 mol dm ~ 3 H 2 SO 4 sup- 
porting electrolyte in the absence and 
presence of NO 3 - ions. Figure 5(a) shows 
the voltammetric behavior of the classical 
polycrystalline electrode (type I) in H 2 SO 4 
solution, while Fig. 6 (a) is for an electrode 
with preferred ( 100 ) orientation (type II). 

It follows from a comparison of Fig. 5(b) 
and (c) with Fig. 6 (b) and (c) that the 
electrocatalytic reduction of NO 3 - ions 
depends strongly on structural factors, 
reflected by the voltammetric behavior in 
pure H 2 SO 4 solution. This observation is 
in accordance with earlier findings [173, 
233, 234] that (100) crystal faces have 
an excellent catalytic activity toward the 
reduction of NO 3 - ions compared with 
the other low index planes. 

The absence of a distinct catalytic activity 
in the case of the type I electrode at 
the HNO 3 concentrations studied can be 
considered to be normal behavior if we 
take into consideration the results of some 
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previous studies showing that HSC> 4 “ and 
S0 4 2- anions inhibit NO 3 - reduction to 
some extent via competitive adsorption 
[228]. In the light of this fact, we should 
consider the cathodic spikes on curves 
in Fig. 6 (b) and (c) as dramatic evidence 
of the high catalytic activity of type II 
electrodes. 

However, it is known from steady state 
reduction studies that the rate of the 
reduction process at all potential values is 
significantly higher in HCIO 4 supporting 
electrolyte owing to the lower adsorbability 
of C10 4 “ ions on platinum. 
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18.1 

Nickel 

18 . 1.1 

Fundamentals 

The oxidation number of nickel in its 
compounds ranges from 0 to +4; how- 
ever, +2 state is the most important 
one. In fact, there is no other stable, 
higher oxidation state than +4, there- 
fore, the redox chemistry of nickel is 
poorer as compared with the other two 
metals of this group. Ni 2+ ions in a 
hydrated form can be found in aque- 
ous solutions of NiCl 2 , NiSC>4, Ni(NC>3) 2 , 
and so on. Ni(II) is the typical oxidation 
state in several, stable water-soluble com- 
plexes such as [Ni(NH3)4] 2+ , [Ni(CN)4] 2_ , 
and [Ni(NH3)6] 2+ , as well as in sparingly 
soluble simple compounds, for example, 
Ni(II)-dimethylglyoxime, KNi[Fe(CN)6], 

K 2 Ni[Fe(CN) 6 ]. 

Although the nickel-containing systems 
have been extensively studied also by elec- 
trochemical methods [1] due to their prac- 
tical importance, for example, in electro- 
chemical power sources (Ni— Fe, Ni— Cd, 
Li— NiF 2 batteries), in corrosion-resistant 
alloys (tableware, coins, industrial instru- 
ments) as well as due to their interesting 
(magnetic, spectral, catalytic) properties 
most of the standard potentials of electrode 


reactions involving nickel compounds 
have been calculated from nonelectro- 
chemical (calorimetric and solubility) data 
[2]. Even for the simplest reaction 

Ni 2+ + 2e“ < » Ni (la) 

[Ni(H 2 0) 6 ] 2+ + 2e“ Ni (lb) 

there is a rather large scattering of 
the published standard potential values 
determined by the measurements of the 
electromotive force (£mf), for example, 
-0.248 V [3], -0.231V [4], -0.227 V [5], 
and —0.246 V [6]. This scattering of data 
is presumably related to the difficulties 
in the attainment of a true equilibrium 
state. At present the most accepted value is 
£" e '= —0.257 V [2] that was calculated on 
the basis of the Gibbs energy change of the 
reaction (AG) [7]; however, different values 
for AG as well as for the reaction entropy 
(AS) can be found in the literature [2]. 

Further standard potentials measured 
electrochemically at 25 °C are as follows: 

Ni(OH) 2 + 2e“ » Ni + 20H“ 

E^=- 0.72 V [7, 8] (2) 

[Ni(NH 3 ) 6 ] 2+ + 2e“ > Ni + 6NH 3 

= —0.476 V [8] (3) 

[Ni(CN) 4 ] 2 ~ + e“ » [Ni(CN) 3 ] 2_ 

E*= - 


+ CN“ 


0.401 V [9] (4) 
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These values differ from those calcu- 
lated from AG values, for example, for 
reaction (3) = 0.49 V is given in Refs. 

10, 11. E^ values for several reactions esti- 
mated by using thermodynamical data can 
be found in the literature [1—13]. Perhaps 
the most accurate ones are those calculated 
from the solubility products, for example, 

NiC0 3 + 2e“ » Ni + C0 3 2- 

E^ = —0.45 V [2, 12] (5) 

NiS(a) + 2e“ » Ni + S 2 “ 

£^ = —0.83 V [14] and 

-0.814 V [15] (6) 

NiS(/3) + 2e“ » Ni + S 2_ 

E*= -0.96 V [15] (7) 

NiS(y) + 2e“ » Ni + S 2 “ 

E^ = -1.04 V [14] and 

-1.07 V [15] (8) 

Nickel sulfide is a good example 
why - beside the uncertainty of the ther- 
mal values mentioned before - diverse E ^ 
values have been determined, inasmuch as 
the formation and ratios of different forms 
depend on the conditions, for example, on 
the acidity and temperature of the solution 
from which the precipitation is executed. 

The system, which is of practical im- 
portance (Edison storage battery, elec- 
trocatalysis in organic synthesis), is 
the NiOOH|Ni(OH)2 couple (electrode). 
Somewhat surprisingly - since it is a 
widely studied and applied electrode - the 
mechanism and the true nature of the ox- 
idized species are not fully understood yet 
[1, 2, 16]. The formal potential depends on 
the KOH concentration and is ca. 1.3 V. 
It follows that it is unstable in aqueous 
solutions and is also an oxidizing agent for 
various organic compounds. 


There have been many polarographic 
measurements devoted to the reduction 
of Ni(II). Not only Ni(II) compounds in 
“noncomplexing” supporting electrolytes 
such as alkali chlorides, nitrates, perchlo- 
rates have been investigated, but a wide 
range of complexes have also been stud- 
ied [1, 17]. The half-wave potential of the 
polarographic wave (£1/2) depends on the 
experimental conditions (ionic strength, 
nature of anions); however, its value is 
typically — 1.1 ±0.1 V in aqueous solu- 
tions. E 1/2 values determined for com- 
plexes range between ca. —0.3 to —0.7 V, 
for example, —0.7 V < £1/2 < —0.91 V 
for [Ni(SCN). T ] (2 -- Y) +, -1.36 V < £1/2 < 
-1.47 V for [Ni(CN) 4 ] 2 “, -1.05 V < E 1/2 
< -1.22 V for [Ni(NH 3 ) 6 ] 2 + -0.751V < 
£1/2 < —1-16 V for [Ni(Py)6] 2+ have been 
reported. The voltammetric characteris- 
tics, the kinetic, the mechanistic, and 
double-layer properties of the nickel elec- 
trodes and compounds have been com- 
piled in Ref. 1 including an extensive 
literature survey until 1971. Further on 
we review the new results obtained in the 
last 15 years. 

18 . 1.2 

Surface Changes at Atomic Level as a 
Function of Potential 

A detailed electrochemical study of Ni(lll) 
electrodes in H2SO4 solution in con- 
junction with in situ scanning tunneling 
microscopy (STM) and in situ surface X-ray 
scattering methods (SXS, x-ray diffraction 
and x-ray reflectivity) was carried out by 
Scherer et al. [18]. 

The main results of the study are as 
follows: Ni(lll) samples, prepared via 
annealing in H2 and exposure to air 
at room temperature, are covered by a 
smooth three-to-four-layers thick NiO ( 1 1 1 ) 
film with parallel (NiO[l 10]) || (NiO[l 10]) 
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and antiparallel (NiO[110])||(NiO[110]) in- 
plane orientation. Electrochemical reduc- 
tion at potentials >—0.40 VAg/AgCl results 
in the formation of a well-defined, oxide- 
free surface with large terraces, a low 
surface mobility, and a (1 x 1) lattice on the 
atomic scale. X-ray reflectivity data indicate 
vertical lattice expansion for the topmost 
Ni layer and a strongly bound sulfate or 
oxygen species. Active Ni dissolution com- 
mences at potentials >—0.25 VAg/AgCl by 
a step-flow mechanism, followed by the 
rapid formation of large three-dimensional 
etch pits, leading to considerable surface 
roughening. In situ STM observations of 
the passive film formation show at po- 
tentials >— 0.10 V A g/AgCl the nucleation 
and growth of an initial “grainy” phase, 
which is attributed to a Ni hydroxide, fol- 
lowed by a slower restructuring process. 
According to combined STM and SXS 
data, the resulting steady state passive film 
exhibits a duplex structure, with a crys- 
talline, inner NiO(lll) layer, consisting 
of exclusively antiparallel oriented grains 
(NiO[110])||(NiO[110]), which are slightly 
tilted relative to the substrate lattice, and 
a porous, probably amorphous hydroxide 
phase on top. The thickness of the crys- 
talline NiO film increases with potential 
by 14-17 A V -1 . In addition, structural 
changes of the oxide film during immer- 
sion of Ni samples into the sulfuric acid 
solution at potentials in the passive range 
and after immersion from the electrolyte 
were observed, which indicate the slow 
conversion of the air formed into the pas- 
sive oxide and the (partial) reformation of 
the air-formed oxide, respectively. 

In a series of publications, the results 
of anodic dissolution and passivation of 
well-defined single-crystal surfaces of Ni 
(and other metals) and its alloys were 
presented by Marcus et al. [19-24]. Their 
approach aimed at a better understanding 


of corrosion phenomena at the atomic and 
molecular level. 

STM was used to study ex situ (in 
air) the thin oxide films (passive films) 
grown on Ni(lll) by anodic polarization 
in 0.05 mol dm -3 H2SO4. Atomic resolu- 
tion imaging demonstrated the crystalline 
character of the oxide film and the epitaxy 
with the substrate. Two levels of rough- 
ening with respect to the nonpolarized 
surfaces were observed: on a mesoscopic 
scale and on the atomic scale. The rough- 
ening on the mesoscopic scale increases 
with higher polarization potentials. The 
observed roughness was attributed to the 
result of the competition between metal 
dissolution and nucleation and growth of 
the oxide film. The roughening on the 
atomic scale is independent of the polar- 
ization potential. It is evidenced by the 
formation of a stepped crystalline lattice 
whose parameters fit those of a (111)- 
oriented NiO surface. The presence of 
steps indicated a tilt of (8 ± 5) degrees 
of the surface of the film with respect to 
the (111) orientation. The possible epitax- 
ial relationships resulting from the surface 
tilt are discussed. Local variations of the 
film thickness at the step edges are likely 
to result from the surface tilt and may 
constitute preferential sites for the local 
breakdown of passivity. 

In other papers by the same group, the 
effects of sulfur adsorbed or segregated on 
the Ni surface on corrosion or passivation 
were described, including the sulfur- 
induced enhancement of dissolution and 
the blocking of passivation. It was shown 
how the conditions of stability of adsorbed 
sulfur monolayers could be predicted on 
thermodynamical grounds and this was 
illustrated by a potential-pH diagram for 
adsorbed sulfur on nickel in water at 25 °C. 
(See Refs. 22, 25-29 and papers cited 
therein.) 
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In [30] on cyclic voltammetry (CV), x-ray At low overpotentials, a smooth Ni film 
and UV photoelectron spectroscopy (XPS, was formed via a 2D step-flow growth 
UPS) were employed to study the elec- process, commencing at steps of the Ag 
trochemical deposition and dissolution of substrate. At medium overpotentials, a 
nickel on a polycrystalline gold electrode, transformation from 2D step-flow to 3D 
in a 0.1-mol dm -3 NiSC >4 electrolyte. The growth took place resulting in the selec- 
modification of the Ni/Au interface upon tive formation of Ni multilayer islands 
thermal treatment in ultrahigh vacuum along the Ag steps. At even higher over- 
was also investigated. Depending on the potentials, 3D islands were formed at the 
applied potential, two distinct Ni chemical steps and on the substrate terraces. The 
states were observed. At —0.5 V vs. SCE size of the Ni multilayer islands was inde- 
an oxidized Ni phase, mainly Ni(OH) 2 , pendent of the terrace widths, indicating 
was formed, whereas at potentials lower that Ni growth proceeds via direct dis- 
than —0.8 V, nucleation of reduced Ni charge at step sites (“direct deposition”), 
species surrounded by hydroxidized nickel The transition from 2D to 3D growth as 
occurred. The systematic investigation of well as the change in island shape with 
the adsorbate species’ binding energies as overpotential could be rationalized by a 
a function of the applied potential revealed different potential dependence of the var- 
that hydroxidized nickel precipitates on ious microscopic nucleation and growth 
the gold electrode, while reduced nickel processes. The multilayer growth at steps 
species directly deposit on the electrode was attributed to next-layer nucleation at 
surface via the reduction of Ni 2+ ions, the structural defect induced by the Ag— Ni 
Heating the Ni/Au interface to 650 K de- boundary and could be described quanti- 
composes the adsorbed nickel film form- tatively as a function of deposition time 
ing a new compound containing a Au— Ni by a simple 2D model. A place exchange 
intermetallic component. of Ni with Ag surface atoms and encap- 

A study of the electrodeposition and sulation of Ni islands by Ag is observed, 
electrochemical dissolution of ultrathin Ni It was found that the dissolution of the 
films on Ag(lll) electrodes in Watts elec- electrodeposited multilayer Ni films pro- 
trolyte by in situ STM, electrochemical ceeds via step-flow etching, with a higher 
quartz crystal microbalance (EQCM), and dissolution rate for the Ni monolayer as 
cyclic voltammetry was reported in [31]. compared to higher Ni layers. 

It was stated that Ni deposition starts at The application of STM to in situ studies 
potentials negative of —0.72 V vs. SCE, of nickel electrodes under potential control 
where an incommensurate, (111 [-oriented was reported in [32], 
film with an in-plane lattice rotation of Using atomic force microscopy (AFM), 
0.5° relative to the Ag substrate lattice the kinetic surface roughening in electro- 
was formed. The lateral nearest neighbor chemical dissolution of nickel films at a 
spacing is as in bulk Ni (0.249 nm) for low constant current density was stud- 
a film thickness greater than or equal ied in order to reveal the scaling laws 
to 3 ML and expanded for monolayer [33]. The surface measurements of AFM 
(0.254 nm) and bilayer (0.252 nm) films, exhibited the oscillatory variation of the 
Depending on the deposition potential, interface width with time, which made it 
three growth regimes, resulting in differ- impossible to determine the growth expo- 
ent deposit morphologies, were observed: nent ft. The oscillatory behavior of surface 



roughening was explained by the presence 
of unstable passive films formed on the 
nickel film surface. The roughness expo- 
nent a = 0.94 ± 0.04 calculated from the 
AFM images of the anodic dissolved sur- 
face was almost equal to that predicted by 
the diffusion-driven growth model. 

18 . 1.3 

Adsorption Studies 

The study of the adsorption phenomena 
of ions and organic species on nickel 
electrodes may contribute to a better un- 
derstanding of the electrode processes oc- 
curring at the nickel/electrolyte interface. 

In the last few decades, the study of ad- 
sorption phenomena at nickel electrodes 
by a radiotracer method has been the sub- 
ject of several studies (see [34-40] and 
literature cited therein) . Most of these stud- 
ies were carried out at smooth electrodes; 
however, in some cases, nickel powder and 
Raney-nickel catalysts were used. 

Pioneering work was done in this field 
by Schwabe [34, 35]. Substantial and very 
informative radiotracer adsorption studies 
carried out by him and his coworkers using 
Pt, Ni, and Fe sheets and evaporated films, 
using labeled anions in order to interpret 
the role of anions in the corrosion and 
passivation processes [34, 35]. 

A radiotracer method was elaborated 
for the study of the adsorption phe- 
nomena on nickel electrodes formed 
by electrodeposition of nickel (“nicke- 
lized” nickel electrode). Adsorption stud- 
ies were carried out with labeled HC1, 
H2SO4, H3PO4, thiourea, phenylacetic, 
and acetic acids in 0.1 mol dm -3 HCIO4 
supporting electrolyte. The potential de- 
pendence of the adsorption of these 
species was determined in the potential 
range —200 to +200 mV vs. relative hy- 
drogen electrode (RHE). It was found 
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that a significant potential-dependent ad- 
sorption occurs at low concentrations 
(10 _3 -10 -4 mol dm -3 ) of the species 
studied in the course of the anodic dis- 
solution of the electrode. 

There is no doubt that specific adsorp- 
tion of anions and organic species occurs 
in a wide potential range as the experi- 
ments were carried out in 0.1 mol dm -3 
HCIO4 supporting electrolyte at low con- 
centrations (10 -3 -10 -5 mol dm -3 ) of the 
species studied. It was found that the ad- 
sorption of anions exerts some influence 
on the anodic dissolution rate; however, 
this effect is very far from that ob- 
served in the case of thiourea. In the 
latter case, the rate of anodic dissolu- 
tion was significantly influenced by the 
presence of thiourea, even at its very 
low concentration. This behavior was as- 
cribed to the strong interaction of thiourea 
with the metal ions and the formation 
of complexes both on the metal sur- 
face and in the solution phase. The 
phenomena presented were considered 
as a result of the adsorption competi- 
tion of the species studied with ClC>4“ 
ions. Three fundamental mechanisms 
were formulated for the active dissolution: 

(1) aquo-ligand, (2) hydroxo-ligand, and 
(3) anion-ligand mechanisms. The last of 
the mentioned mechanisms is formulated 
as follows: 


M + A“ 

» MA ad + e 

(9) 

MA ad — 

— > MA+ + e“ or 


2MA ad - 

— » M + MA+ + A“ 

aq 

(10) 


It is assumed that these three mecha- 
nisms are operating simultaneously and 
depend on the experimental conditions if 
one of them becomes predominant in the 
overall process. The significant adsorption 
of anions found at low potentials where 
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the dissolution rate is small, the reversibil- 
ity of the adsorption with respect to the 
potential, and the mobility of the adsorbed 
species all support the possibility of the 
anion-ligand mechanism. 

The incorporation of chloride ions in 
passive films formed on nickel in Cl - - 
containing acid solution and the entry of 
Cl - into passive films formed in Cl - -free 
solution and subsequently exposed to Cl - 
were investigated by Marcus and Herbelin 
[41, 42] by electrochemical measurements, 
ESCA (Electron Spectroscopy for Chemi- 
cal Analysis) and using in situ radiotracer 
(Cl-36) methods. It was found that at poten- 
tials in the active region, chloride ions are 
adsorbed on the nickel surface and form a 
thin hydroxy-chloride layer. They observed 
that the amount of Cl - increases with 
potential (beyond the equivalent full mono- 
layer coverage) up to the active/passive 
potential where a marked drop of the Cl - 
surface concentration takes place. In the 
passive region, chloride ions are incorpo- 
rated in the passive film. When the film 
is formed in Cl - -containing solution at 
potentials below the pitting potential, Cl - 
ions are found in the outer hydroxide layer 
and at the metal/oxide interface. When the 
film is formed without Cl - in the solu- 
tion, and then exposed to Cl - , chloride 
ions are found in the outer hydroxide layer 
with the same concentration as the one 
found after passivation in Cl - -containing 
solution, whereas no significant amount 
of Cl - is found in the inner oxide. The 
concentration of Cl - in the passive film 
has been measured. The Cl - concentra- 
tion in the hydroxide layer is approx- 
imately 10 -2 mol dm -3 (i.e. C1 - /(C1 - + 
OH - ) approximately 10%) for Cl - = 5 x 
10 -3 mol dm -3 in the solution. At poten- 
tials above the pitting potential, measure- 
ments have been performed during the 
incubation period in order to investigate 


the mechanisms of pit initiation, the hy- 
droxide layer acts as a reservoir for Cl - , 
which enters the passive film. A critical 
concentration of Cl - in the oxide layer 
of approximately 10 -2 mol cm -3 has been 
measured in the stage immediately preced- 
ing pitting. A similar critical concentration 
in the film has been measured for different 
Cl - concentrations in the solution. 

The passive film was found to have a 
bilayer structure both in the absence and in 
the presence of Cl - in the stage preceding 
pitting. The passive film does not become 
thinner in the presence of Cl - ; on the 
contrary a growth of the film is observed 
when Cl - is added to the electrolyte. Cl - 
must be adsorbed in order to penetrate 
into the film but the surface coverage of 
adsorbed Cl - always remains very low, 
as Cl - starts to enter the passive film 
at low surface coverage. The view of pit 
initiation emerging from the above results 
is the following. Marked modifications of 
the passive film are caused by the presence 
of Cl - . Cl - is incorporated or enters the 
hydroxide layer by a chemical reaction 
probably involving place exchange of OH - 
and Cl - . Above a certain potential, Cl - 
enters the inner oxide layer. A critical 
concentration of Cl - in the film is reached, 
of the order of 10 -2 mol cm -3 for nickel. 

The study of the effect of the adsorp- 
tions of various additives on the anodic 
dissolution has been the subject of sev- 
eral studies. For instance, the influence 
of the adsorption of N species on the 
anodic dissolution of Ni was studied in 
[43]. The dissolution and passivation of 
Ni in nitrite-containing acid solutions 
were investigated by Auger spectroscopy, 
AFM, and conventional electrochemical 
techniques. It was found that the dis- 
solution/passivation of the Ni surface is 
consistent with a competition between 
adsorbed OH - and nitrogen-containing 



species with a potential-dependent surface 
coverage. Nitrogen-containing species hin- 
der the passivation of the Ni surface, shift- 
ing the formation of the complex nickel- 
hydroxide/ oxide film to more positive 
potential values. The dynamics of the dis- 
solving interface, followed by AFM, reflect 
first the competition of adsorbed species, 
leading to the development of protrusions 
and cavities, and finally the formation of 
the passive film that promotes surface 
smoothening by a preferential dissolution 
of the protrusion tips under ohmic control. 

An investigation of the adsorption of 
pyrazine and pyridine on nickel electrodes 
by in situ surface-enhanced Raman spec- 
troscopy was reported in [44]. The result 
suggests that both pyrazine and pyridine 
were strongly adsorbed onto the sub- 
strates. It also implies that pyridine was 
adsorbed perpendicularly onto the sub- 
strate, while pyrazine adsorbed onto the 
substrate in a slightly tilted vertical config- 
uration. 

18.1.4 

Spontaneous Reduction of Anions at Ni 
Surface 

It is an almost general view that the 
nature of anions present in the electrolyte 
solutions affects the dissolution process of 
nickel. 

This effect is explained by the role of 
the specific adsorption of anions. It is 
assumed that the specific adsorption of 
C10 4 - ions is negligible [45, 46], and 
no chemical changes occur in the course 
of the electrochemical study of anodic 
dissolution and corrosion of nickel [47]. 

Detailed mechanistic conclusions are 
drawn from such studies without taking 
into account the possible reduction of 
C10 4 “ ions under the conditions of the 
experiments. 
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In a series of recent communications 
[48-50], it was demonstrated that the 
reduction of CIO 4 - ions takes place during 
the corrosion of Cu, Al, Zn, Ni, and Fe in 
deoxygenated HCIO 4 solutions. 

Both the dissolution rate of Ni and the 
reduction of C 1 C> 4 _ should depend on 
the acid concentration and temperature. 

The results obtained are summarized in 
Table 1. A given amount of Ni powder was 
dissolved in an excess of perchloric acid. 

From the data presented in Table 1, 
the molar ratio of the Cl - ions formed 
to nickel dissolved is independent of 
FIC 1 C >4 concentration. The influence of 
temperature is not strong as a temperature 
change of 25 °C results in less than a 
doubling in the value of B/A. 

Considering the equation 

4Ni + 8 H+ + C10 4 " = 4Ni 2+ 

+ 4h 2 o + cr (in 

the formation of 1 mol Cl - should be 
accompanied by the oxidation of 4 mol of 
nickel; thus, at 50 °C, the efficiency of the 
reduction process referred to in the total 
amount of dissolved Ni is about 1.5% and 
at 20 °C is around 1%. 

Although the data obtained do not allow 
far reaching conclusions to be drawn, 
it can be stated that owing to the high 
adsorbability of Cl - ions, the possible role 
of Cl - ions formed at Ni electrodes in 
HCIO 4 solutions cannot be neglected in 
the interpretation of phenomena observed 
in such systems. It was assumed that 
no significant amount of Cl-containing 
intermediates of reaction ( 11 ) accumulate 
in the solution phase. It was shown that the 
rate of interaction of CIO 3 - ions with Ni 
is significantly higher than that of CIO 4 - 
under comparable conditions. 

Data presented in Table 2 provides an 
unambiguous proof of the occurrence of 
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Tab. 1 Interaction of HCIO 4 with nickel 


Temperature 

l°C] 

chcio 4 

[mol dm~ 3 ] 

A amount 
of dissolved 

Ni [10~ 2 mol] 

Bc C |- 

formed 
[10- 5 mol] 

B/A[10~ 3 ] 

25 

3 

3.57 

7.5 

2.1 

40 

3 

3.9 

12 

3.07 

50 

3 

3.9 

13.5 

3.46 

25 

1 

1.26 

2.6 

2 

40 

1 

1.27 

4.3 

3.38 

50 

1 

1.27 

4.9 

3.85 


Tab. 2 Reduction of CIO 3 ions by Ni. Amount of Ni 
mol, temperature 25 °C, volume 50 cm 3 

6 x 10- 3 

Electrolyte 
[mol dm~ 3 ] 

CNaCIOj 
[mol dm~ 3 ] 

Contact 
time [min] 

c ch 

[mol dm~ 3 ] 

HCIO 4 

1 

0 

60 

c < 10 ~ s 

1 

5 x 10 ~ 2 

60 

1.5 x 10 ~ 2 

1 

5 x 10 - 1 

15 

3.9 x 10 ~ 2 

H 2 SO 4 

0.5 

5 x 10 ~ 2 

60 

1.24 x 10 ' 2 

0.5 

5 x IQ - 1 

15 

3.9 x 10 ~ 2 


the following overall process: 

3Ni + C10 3 “ + 6 H+ » 3Ni 2+ 

+ Cl“ + 3H 2 0 (12) 

This has a very high rate when compared 
with reaction (11). This means that we 
may assume that reaction (13) is the rate- 
determining process in the reduction of 
perchlorate ions: 

CIO 4 " + 2H+ + Ni > Ni 2+ 

+ CIO 3 - + 2H 2 0 (13) 

18.1.5 

Electrochemical Oscillation during Nickel 
Dissolution 

The structure of complex behavior in 
anodic nickel dissolution was analyzed and 


discussed in a series of papers by Lev and 
coworkers [51, 52]. 

In [53], oscillatory wave patterns ob- 
served during electrochemical dissolution 
of a nickel wire in acidic media was re- 
ported. It was shown that space-averaged 
potential or current oscillations are asso- 
ciated with the creation of an inhomoge- 
neous current distribution, and that the 
selection of a specific spatial current pat- 
tern depends on the current control mode 
of the electrochemical cell. In the almost 
potentiostatic (fixed potential) mode of op- 
eration, a train of traveling pulses prevails, 
whereas antiphase oscillations occur in the 
galvanostatic (constant average current) 
mode. 

In [52], a modeling of periodic and 
chaotic dynamics in anodic dissolution 



was presented. The observed and modeled 
behavior include bistability, periodic os- 
cillations bounded by Hopf and saddle 
loop bifurcations, the disappearance of 
these transitions in a double-zero singular- 
ity and the existence of chaotic solutions, 
which are bounded by a period-doubling 
transition. The modeling and parameter 
estimation were based on comparison of 
the experimental and simulated bifurca- 
tion maps, showing domains of different 
characteristic behaviors in the plane of 
applied constant current versus acid con- 
centration. Qualitative agreement between 
the observed and predicted maps has been 
obtained. In [54], the delay and memory ef- 
fects in bifurcations of nickel electrodisso- 
lution were experimentally demonstrated. 

18 . 1.6 

New Findings on the 
Dissolution/Deposition Processes 

During the last decades, a great number 
of papers dealing with anodic or sponta- 
neous dissolution of polycrystalline nickel 
were published. Only some illustrative ex- 
amples could be mentioned here. In [55], 
the anodic dissolution of nickel was stud- 
ied galvanostatically in hydrochloric acid 
solutions of various concentrations. The 
reaction orders with respect to chloride 
ion and hydrogen ion concentrations were 
determined. 

The corrosion behavior and dissolution 
mechanism of nickel in acid solutions with 
hydrogen sulfide (TQS) was studied. It 
was found that the dissolution of nickel 
is influenced by both the nickel sulfide 
layer formed on the electrode surface and 
the acceleration effect of TQS [56]. 

In [57], investigations of nickel disso- 
lution in sulfuric acid solution have been 
performed by using an electrochemical mi- 
crogravimetry (EQCM). On the basis of 
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reaction parameters obtained experimen- 
tally, the active dissolution mechanism of 
nickel has been explained by the Bockris 
mechanism. 

Apparent activation energy of the anodic 
dissolution of nickel in sulfuric acid 
solutions in the presence of Cl - and CN S “ 
ions was determined in [58]. 

Finally, it should be mentioned that 
according to some authors [59] anoma- 
lous - nonelectrochemical - dissolution 
has to be considered for the interpretation 
of the overall dissolution process of nickel 
in solutions containing oxygen. Although 
the idea is very interesting, the explanation 
presented seems to be questionable. 

In [60], electrochemical deposition and 
stripping of nickel at a polycrystalline 
gold film electrode was studied by cyclic 
voltammetry and surface conductance. 

In a series of publications by Gomez 
etal. [61-63], the electrodeposition of 
nickel on a vitreous carbon electrode has 
been investigated. 

In [61], the influence of the nickel(II) 
concentration on the deposition process, 
in [62], the influence of potential on deposit 
morphology, while in [63], the morphology 
and structure of nickel nuclei as a function 
of the conditions of electrodeposition were 
studied. In the latter, the effects of growth 
rate (affected by the temperature and/or 
the nickel concentration), bath composi- 
tion, and deposition time (particularly at 
low overpotentials) on the morphology of 
nickel nuclei were analyzed. 

Pure nickel electrodeposits with macro- 
pores were prepared from electrolytic so- 
lutions of 0.2 mol dm -3 NiCl 2 and NH 4 CI 
with concentrations varying between 0.25 
and 4 mol dm -3 [64]. The effects of the 
electrodeposition current density and the 
NH 4 CI concentration on the surface mor- 
phology were determined. Surface area, 
faradaic efficiency, and fractal dimension 
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of the cross section of the electrode- 
posits were also evaluated. From these 
results, it was concluded that highly porous 
metallic matrices could be obtained, with 
very high roughness factors and excellent 
mechanical resistance, yet at very high 
apparent current densities of electrodepo- 
sition (5 A cm“ 2 ). The use of this type of 
electrodeposition bath is suggested for the 
preparation of Raney-nickel electrodes, in 
order to improve the accessibility of reac- 
tants to the electrode surface. 

18 . 1.7 

Nickel-Hydrogen Systems 

An analog of the platinized platinum elec- 
trode is the black or gray nickel electrode, 
which under certain experimental condi- 
tions can be used as the hydrogen electrode 
instead of the platinum electrode [65]. This 
electrode can be obtained by electrochem- 
ical deposition of nickel under the exper- 
imental conditions described in [65]. The 
real surface areas of these electrodes sig- 
nificantly surpass their geometric surface 
areas. In addition, potential-dependent ad- 
sorption of hydrogen occurs on the nickel 
surface and the measurement of the hy- 
drogen capacity of the electrode in alkaline 
medium offers a tool for the determination 
of the real surface area [66]. 

However, because of overlapping of the 
adsorbed hydrogen oxidation region and 
that of adsorbed oxygen reduction the 
separation of these regions is difficult. 
Another difficulty is the slowness of 
the electrochemical processes leading to 
the formation of the layers of adsorbed 
hydrogen or oxygen. 

In [67], an optoelectrochemical method 
(OEM) or a combination of electrochem- 
ical and ellipsometric methods, was de- 
veloped for unambiguous evaluation of 
surface state and electrocatalytic properties 
of smooth standardized and modified 


nickel electrodes in alkaline solutions. The 
method is based on the (1) insensitivity of 
ellipsometric method to hydrogen adsorp- 
tion at least within the wavelengths interval 
500-700 nm and (2) proportionality be- 
tween changes in the amount of adsorbed 
oxygen and ellipsometric parameter, A. 
The simple method elaborated by the 
authors enabled them to obtain reliable 
roughness factor values. 

The adsorption of hydrogen could be 
accompanied by its absorption as well. 

Although it has been known for more 
than a century that large amounts of hy- 
drogen can be loaded into nickel cathodes 
by electrolysis [68, 69], systematic work on 
the Ni|H2 system was only initiated much 
later. 

Almost fifty years ago, Baranowski 
et al. [70] and Baranowski and Smi- 
alowski [71] reported that, using sulfu- 
ric acid electrolyte and current densities 
<20 mA cm -2 , Ni cathodes could be con- 
verted into nonstoichiometric NiH. v (.r < 
1) hydride. A few years later, the nature of 
NiH v was established by identifying two 
separate phases, ft and a, as for the PdH* 
analog [69, 72], Both /?- and a-hydrides 
formed by electrolysis of aqueous H2SO4 
at Ni: the former, much more hydrogen- 
rich than the latter (H/Ni atom ratios of 

0.8 for p and «b 0.03 for a), decomposes 
quickly with H2 evolution [73, 74]. 

According to Baranowski and subse- 
quent authors, the electrolytic formation 
of NiH v is conditioned by factors such as 
the presence in the electrolyte of small 
amounts («10 -3 mol dm -3 ) of a S, As, 
or Se compound [75], and the pH of the 
electrolyte. It has been stated in Ref. 73 
that electrolytic hydriding of Ni failed in 
alkaline media. More recently, the valid- 
ity of this statement was questioned by 
Bernardini etal. [76, 77]. According to 
[76, 77], considering of apparent similarity 



between Ni and Pd hydrides, there is no 
reason why NiH* should be obtained from 
acid electrolytes only. If there is a corre- 
lation between overvoltage and equivalent 
hydrogen pressure, the formation of un- 
stable /J NiH v should be easier in alkaline 
media where larger overvoltages than in 
acid can generally be applied. 

In [76], the feasibility of obtaining Ni 
hydride through electrolytic reduction of 
aqueous 0.6 mol dm -3 K 2 CO 3 at Ni elec- 
trodes of different types (solid Ni, Ni-fiber 
composite, and sintered Ni) was inves- 
tigated. It was found that potentiostatic 
electrolyses at the beginning of the hy- 
drogen evolution reaction (her) lead to the 
formation of several hydrogenated species 
of Ni, which generally become degraded 
when more negative potentials are applied. 
The species oxidized reversibly with the her 
was identified as the /J-Ni hydride phase, 
whereas the nature of the Ni hydrides oxi- 
dized at more positive potentials could not 
be definitely established. The interaction 
of Ni samples on open circuit with H 2 
dissolved in the electrolyte was found to 
form the same Ni hydride species as that 
achieved after electrolysis. 

This approach was critically evaluated 
in a communication by Baranowski [78] 
pointing out that probably surface or 
subsurface hydrides are formed in alkaline 
solutions, instead of the bulk, three- 
dimensional hydride. It is stressed in [78] 
that the idea of the equivalence between 
overvoltage and thermodynamic activity, 
considered in [76, 77] is a misleading and 
unfounded concept. 

Recently, by application of x-ray diffrac- 
tion technique, evidences proving the 

Fig. 1 A typical response of Ni to cyclic 
polarization in 0.1 mol dm~ 3 NaOH. 
Potential measured against Hg|HgO 
electrode. Scan rate: 60 mV s -1 . 
Explanation see in the text [91]. 
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formation of /1-NiH , phase in the presence 
of promotors (S, AS 2 O 3 , Sb, and GeC> 2 ) 
were reported in [79]. 

Dependencies of the /J-NiH v phase vol- 
ume fraction on the nature and concen- 
tration of the promotor, changing current 
density and changing duration were pre- 
sented and the phenomena observed were 
explained with the assumption that NiAs- 
type compounds take part in the formation 
of nickel hydride. 

In contrast to the views asserting 
the reality of formation of NiH v phase 
in alkaline media in the presence of 
promotors, Monev found [80] a very 
distinct pH effect in the formation of 
the hydride phase in the presence of 
H 2 SeC> 3 . According to [80], the nickel 
hydride formation terminates at pH value 
over 2 . 1 . 

18.1.8 

Nickel Oxide and Nickel Hydroxide 

Nickel oxides and hydroxides play an im- 
portant role in the passivity of nickel 
in aqueous solutions, in oxidizing ionic 
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melts, and in the formation of electrodes 
related to batteries. Nickel hydroxide elec- 
trode is used for organic electrosynthesis, 
first of all for electrochemical oxidation. 

Figure 1 shows a typical response of Ni 
to cyclic polarization in alkaline medium 
[81-91]. The redox wave pair AW1/CW1 
is associated with the redox process 
Ni(OH) 2 NiOOH + H+ + e“. The cur- 
rent grows with the number of potential 
scans indicating the progressive enrich- 
ment of the electroactive species Ni 2+ 
and Ni 3+ in the surface. Prolonged polar- 
ization results in a stationary state. The 
anodic peak potential varies depending 
on the process of polarization of Ni ox- 
ides as a result of repeated polarization. 
The small cathodic wave CW2 developed 
during the later stages of polarization in- 
dicates the alteration of phase of Ni oxides 
[88]. The strong current increase following 
the anodic wave AW1 is the result of the 
oxygen evolution reaction. The intensity 
of this reaction also grows with advanc- 
ing polarization, suggesting a correlation 
between the oxygen evolution and the con- 
centration of Ni 3+ sites. The first positive 
potential scan generates a monotonically 
elevated current flow giving a peak at a 
potential more positive than in the sub- 
sequent potential cycles. The peak shift is 
indicative of an overpotential required for 
the nucleation and growth of NiOOH. The 
enhanced baseline current, being most 
pronounced in the first scan, is associ- 
ated with the oxidation of Ni to Ni 2+ . 
a-NiOOH, /i-NiOOH, and y -NiOOH were 
structurally identified. 

In a recent publication [89], processes 
taking place on a Ni electrode were in- 
vestigated with the EQCM. At potentials 
negative of about —500 mV vs. SCE, a 
closed frequency loop was observed with- 
out irreversible changes in the mass of 
the electrode. It was found that the phase 


transition a — > d'Ni(C>H) 2 , taking place at 
potentials positive to —500 mV vs. SCE, is 
accompanied by an irreversible increase in 
the mass of the electrode. When Ni(OH) 2 
was further oxidized, the frequency in- 
crease is followed by a decrease indicating 
the transport of various species in both 
directions, that is, from and into the 
electrode. The authors arrived at the con- 
clusion that during the Ni(OH) 2 oxidation 
reaction, the transport of species respon- 
sible for the mass increase is slower than 
the charge-transfer process. 

The applicability of positron lifetime 
spectroscopy for the characterization of 
the partly charged nickel hydroxide was 
investigated [90]. The positron lifetime 
spectra of /I-Ni(OH) 2 //J-NiOOH systems 
were presented. Three different parts of 
the annihilation curves were observed and 
identified. 

In a recent communication [91], Ni sur- 
face alloyed with Cu, Ti, or Cu + Ti by 
ion implantation was examined for its re- 
dox and electrocatalytic activities by cyclic 
voltammetry. The surface was character- 
ized by XPS, x-ray, and electron diffraction, 
as well as by electron and atomic force 
microscopies. This type of material ex- 
hibited a unique voltammetric response 
of Ni and was shown to stabilize the /J- 
modification of the Ni oxide/hydroxide. 
It was demonstrated that the morphology 
and microstructure differ from those of 
bulk materials. 


18.2 

Palladium 

18 . 2.1 

Fundamentals 

The oxidation number of palladium in 
compounds ranges from 0 to +6; however. 
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+2 and +4 states occur most frequently 
[92, 93], 

For the process 

Pd 2+ + 2e“ < > Pd (14) 

the most reliable standard potential value 
is E^= 0.915 ±0.005 V [94]; however, 
0.945 V or 0.987 V formal potentials have 
also been reported [92, 93]. Similarly, 
diverse E ^ and formal potential ( E ^ ) 
values can be found in the literature 
for other electrode reactions. For selected 
systems, the electrochemically measured 
values will be given. 

PdO + 2H+ + 2e“ » Pd + H 2 0 


E* = 0.79 V [95, 96] 

(15) 

PdCl 4 2- + 2e“ » Pd + 4C1 _ 


E = 0.6 V [97, 98] 

(16) 

PdBr 4 2_ + 2e“ > Pd + 4Br“ 


E = 0.49 V [98, 99] 

(17) 

Pdl 4 2- + 2e“ » Pd + 4 1~ 


E ^ = 0.18 V [100] 

(18) 

Pd(S0 4 ) 2 2- + 2e“ > Pd + 2S0 4 2 “ 

E^' = 0.82 V [101] 

(19) 


Pd(NH 3 ) 4 2_ + 2e“ > Pd + 4NH 3 

E 0 ' = 0.00 V [100] (20) 


The uncertainty in the E^ and E^ 
values are even higher in the case of Pd(IV) 
and Pd (VI) states. 

Pd0 2 + 4H+ + 4e“ > Pd + 2H 2 0 

E*= 1.47 V [96] (21) 

Pd0 2 + 4H+ + 2e“ > Pd 2+ + 2H 2 0 

E^= 1.194 V [13] (22) 

Pd0 2 + 2H+ + 2e“ » PdO + H 2 0 

E^ = 1.263 V [13] (23) 


PdCl 6 2- + 2e“ > PdCl 4 2- + 2C1“ 

E^ = 1.47 V [102] (24) 

Pd0 3 + 2H+ + 2e“ > Pd0 2 + H 2 0 

E^= 2.03 V [13] (25) 

The interfacial chemistry of palladium 
electrodes (polycrystalline and single crys- 
tal) was surveyed by Soriaga et al. re- 
cently [103]. According to the authors, 
the “remarkably rich interfacial chem- 
istry of palladium” may have its ori- 
gin in the anomalously weak inter- 
metallic palladium-palladium bond, a 
circumstance that is expected not only 
to enhance lateral surface mobilities 
but also to facilitate the disruption of 
substrate -substrate bonds and/or the for- 
mation of substrate -adsorbate bonds. 

In a survey dealing with palladium 
electrode, it is not possible to avoid 
mentioning the cold fusion controversy, 
started in 1989, where Pd electrode played 
and plays a central role. Hundreds of 
papers relating to palladium electrode 
are dealing exclusively with cold fusion 
and related subjects. The status of “cold 
fusion” was summarized in [104], recently. 

18 . 2.2 

New Findings on the Dissolution and 
Deposition of Palladium 

Only a few illustrative examples taken from 
the literature of the last few years could be 
presented here. 

The deposition of Pd on well-ordered 
single crystalline Au surfaces, Au(lll), 
Au(110), and Au(100) has been studied 
by Kolb et al. especially with regard to the 
initial stages [105-107]. 

Pd was deposited onto Au from aqueous 
solutions of its chlorine compounds, for 
example, Pd 2 Cl 2 or K 2 PdCl 4 . It was 
stated that from such electrolytes, prior to 
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palladium deposition, [PdCl 4 ] 2- adsorbs stripping of Pd films electrodeposited on Pt 
on the bare Au(lll) and Au(100) surfaces substrates. This method can also be used 
and forms ordered adlayers, the structures for Pd-coverage determinations, a major 
of which were studied by in situ STM advantage if catalysis-induced coverage 
[105-108], This complex anion has also changes are to be monitored, 
been found to adsorb on the first Pd The dependence of adsorption proper- 
monolayer on Au(lll) [105], whereas it is ties and texture on electrolytic palladium 
displaced by chloride in the case of Pd on deposits on the deposition potential was 
Au(100) [106], On these unreconstructed investigated by Tsirlina et al. [116], It was 
Au(lll) and Au(100) surfaces, palladium found that, in sulfuric acid solutions, 
nucleates first at surface defects like the palladium dissolution, which accom- 
monoatomic high steps, and at higher panies the oxygen adsorption, obscures 
overpotentials also on terraces [105, 106], the adsorption behavior of the deposits 
In the underpotential deposition (UPD) with respect to oxygen. Assumptions were 
region, a pseudomorphic Pd monolayer made about the predominant crystallo- 
is formed in Au(lll) [105, 109]. No graphic orientation (100) of the surface 
alloy formation was observed for this of some palladium deposits being depen- 
system [105], while a Pd/Au surface dent on the deposition potential and about 
alloy is formed when Pd is deposited the presence of regions whose adsorption 
onto Au(100) [106]. Deviations in the properties are anomalous with respect to 
electrochemical properties of thin Pd films copper. The assumptions are based on a 
on Au(100) from those of well-ordered comparative analysis of the copper adsorp- 
Pd(100) surfaces [110] are most probably tion data and x-ray diffraction patterns. In 
caused by this alloying process. addition to sites of crystalline palladium, 

Soriaga and coworkers [111-113] discov- the deposits were found to have disordered 
ered that the anodic dissolution Pd(lll) areas as well. 

and Pd(100) single-crystal electrodes in Regularities of formation of a palla- 
pure H 2 SO 4 solutions was catalyzed by dium oxide layer and its cathodic reduc- 
the presence of monolayers of iodine tion in 0.5 mol dm -3 H 2 SO 4 at 0.5-1. 3 V 
chemisorbed on these surfaces. Large an- (SHE) were studied by cyclic voltam- 
odic peaks were found for the dissolution metry, XPS, and EQCM [117]. It was 
even in noncorrosive electrolyte solutions shown that a Pd electrode dissolves elec- 
only when the surfaces of Pd were modi- trochemically in 0.5 mol dm -3 H 2 SO 4 
fied by the iodine adlayer. when its potential is cycled between 0.5 

Further important results based mostly and 1.3 V. It was suggested that anodic 
on in situ STM study were reported by Itaya process at 0.5-1.3V (SHE) represents 
and coworkers [114]. Iodine pretreatment electrochemical oxidation of palladium, 
was accomplished simply by immersion yielding a surface layer of poorly sol- 
of the clean electrode, without potential uble Pd(OH )2 and/or PdO phases, as 
control, in an aqueous 1-mM solution of expressed by the equation Pd+ 2 H 2 O = 
iodide for 5 min. Unadsorbed iodide was Pd(OH) 2 /PdO s + 2H + + 2e“. This sur- 
removed by rinsing with pure water. face layer, Pd(OH) 2 /PdO s , undergoes re- 

It was shown by Soriaga et al. [115] that duction during the cathodic process. It was 
this unique type of dissolution can be used found that about 5% of the total amount of 
for the selective and quantitative anodic ionized palladium dissolves in electrolyte. 
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18 . 2.3 

Hydrogen and Oxygen Sorption in/at 
Palladium Electrodes 

A great number of papers devoted to 
the investigation of hydrogen absorption 
and adsorption can be found in the 
literature. Some new developments will 
be considered here. 

It is a well-known and a widely recog- 
nized fact that the electrical resistance of 
palladium is a function of its hydrogen 
content. In [118], some problems on the 
resistance method regarding the in situ 
measurement of hydrogen content is dis- 
cussed. 

In [119], the hydrogen adsorption and 
desorption reactions in thin palladium 
electrodes were studied using the potential 
step method in order to analyze the mech- 
anism of phase transformation. Transient 
current responses were recorded at the on- 
set of the potential step for 47 pm thick P d 
electrodes in 1 mol dm -3 H 2 SO 4 at ambi- 
ent temperature. A model based on a mov- 
ing boundary mechanism was proposed to 
account for the experimental i-t curves. 
It was found that the hydrogen adsorption 
reaction shows interfacial kinetic limita- 
tions and only numerical solutions can 
be obtained. Such kinetic limitations were 
not found for the desorption reaction and 
a semianalytical solution that satisfactorily 
fits the experimental data was proposed. 

During the last two decades, hydrogen 
adsorption and absorption were shown 
to play a central role in a whole series 
of papers by Czerwinski and coworkers 
[120-133]. 

The EQCM method is used to evalu- 
ate the processes that occur in/on the 
palladium electrode in acid and basic so- 
lutions. It was concluded that hydrogen 
electrosorption in palladium is accompa- 
nied by an additional frequency shift of 


the crystal that could be attributed to the 
stresses generated inside the Pd metal. A 
nonlinear dependence between the mass 
change and the charge consumed during 
hydrogen oxidation in the Pd electrode was 
found for hydrogen absorbed in the a- and 
/J-phases. 

This effect created significant problems 
with the objective estimation of the 
amount of sorbed hydrogen inside the 
palladium electrode using the EQCM 
method. 

The study of hydrogen and deuterium 
electrosorption in palladium limited vol- 
ume electrodes (LVE) was carried out by 
the same group in both acidic and basic 
solutions [124, 130, 134]. It was found that 
the hydrogen capacity, H(D) /Pd, measured 
electrochemically, depends significantly 
on sweep rate in cyclic voltammetric ex- 
periments and also on the thickness of the 
LVE. Two different mechanisms of hydro- 
gen desorption, that is, the electrochemical 
oxidation and the nonelectrochemical re- 
combination step, which take place in 
parallel within the Pd— LVE, have been 
postulated. 

A decrease in hydrogen capacity (H/Pd 
ratio) with increasing temperature was 
observed. Hydrogen absorption was found 
to be dependent on the composition of the 
surrounding electrolyte solution. 

The first systematic study on the oxide 
growth at Pd electrodes under well-defined 
potentio static conditions was reported 
in [135]. The impact of temperature 
variation on the development of Pd surface 
oxides was investigated in aqueous H 2 SO 4 . 
Various theoretical models were applied in 
order to elucidate the growth kinetics and 
mechanism in relation to the experimental 
conditions. 

In a series of publications by Burke 
[136-140], the electrochemical and elec- 
trocatalytic behavior of palladium was 
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studied. The phenomena observed were 
explained similarly to other noble metals 
by the assumption of the role of premono- 
layer oxidation and formation of hydrous 
oxides. 

18 . 2.4 

Electrosorption and Electrocatalytic 
Processes 

Some relatively simple examples will be 
presented. 

The mechanism of the evolution of hy- 
drogen on palladium in alkaline medium 
and associated internal damage phenom- 
ena were discussed in a recent paper by 
Bockris and Minevski [141]. The aim of 
the paper was to get support for their be- 
lief concerning the occurrence of nuclear 
reaction inside the metal. However, the 
authors arrived at the conclusion that the 
results obtained could be explained by an 
atomic-molecular (nonnuclear) model. 

The electrocatalytic reduction of NO 3 - 
ions on noble metal electrodes has been the 
subject of several studies. (The reduction 
of nitrate has recently gained renewed 
attention in view of its relevance to 
pollution control.) 

Comparative studies of catalytic activity 
of various metals, alloys, and adatom- 
modified metals were carried out. 

For instance, the electrocatalytic reduc- 
tion of nitrate ions on Pt, Pd, and Pt + Pd 
electrodes activated with Ge was studied 
in [142, 143]. 

It was found that underpotentially de- 
posited germanium strongly enhances the 
reduction rate of nitrate. The reduction 
of nitrite is enhanced to a lesser extent, 
whereas germanium is inactive for NO 
and hydroxylamine reduction. It is of in- 
terest that the well-known inhibition of the 
nitrate reduction at low potentials was ab- 
sent for germanium-modified electrodes. 


A proportionality between the activity and 
the germanium coverage was reported. 
The authors arrived at the conclusion 
that germanium is involved in the rate- 
determining step, which is the reduction 
of nitrate to nitrite and its role is to bind 
the oxygen atom of nitrate. The higher ac- 
tivities found for Pt + Pd electrodes was 
explained in terms of changes in the elec- 
tronic structure of the metals as a result of 
alloying. 

Similar studies on palladium/copper 
electrodes was carried out using differ- 
ential electrochemical mass spectroscopy 
(DEMS), rotating ring-disk electrodes and 
EQCM [144]. In acidic electrolytes, the ac- 
tivity increased linearly with Cu coverage; 
in alkaline electrolytes, a different depen- 
dence on coverage was observed. 

Recently, the electrochemical behavior 
saturated alcohols, that is, propargyl alco- 
hol (HC=CCH 2 OH, PA) [145], benzyl alco- 
hol (C 6 H 5 CH 2 OH, BA) [146] and allyl alco- 
hol [147], has been studied at Pd electrodes 
in an acid medium by cyclic voltamme- 
try, chronoamperometry, and on-line mass 
spectrometry. For BA, it was observed 
that the fragmentation of the molecules 
occurs at potentials in the hydrogen ad- 
sorption/absorption region of palladium, 
whereas for PA the adsorbates maintain 
the C 3 -chain. On the other hand, the yields 
of the electroreduction and electrooxida- 
tion products for both PA and BA differ 
from those obtained at Pt [146, 148, 149]. 

In the case of allylalcohol, the on-line 
mass spectrometry (DEMS) allowed the 
detection of the volatile products gener- 
ated during the electroreduction and elec- 
trooxidation processes. C 3 -hydrocarbons 
(propene and propane) and acrolein were 
detected as the bulk products, whereas 
C 2 -hydrocarbons and C0 2 are related 
to the adsorbed species. The dissocia- 
tion of the alcohol produces ethine in 



the 0.10-0.35 V potential range, which 
reduces to ethane. Adsorbed acrolein and 
C 2 -hydrocarbonated residues seem to be 
formed in addition to CO-like species. The 
results were compared with those previ- 
ously obtained at platinum and gold, as 
well as with other unsaturated alcohols, 
that is, benzyl and propargyl alcohol. 

Similar studies were carried out with 
benzoic acid on porous palladium elec- 
trodes [150], The objective of this work 
was to investigate the adsorption processes 
and the reactivity of benzoic acid on dif- 
ferent noble metals, in order to compare 
these results with those obtained for re- 
lated aromatic compounds. On-line mass 
spectroscopy analysis of volatile products 
revealed that the adsorption of benzoic acid 
is irreversible at platinum while it is mainly 
reversible on palladium. Accordingly, dif- 
ferent catalytic activity of platinum and pal- 
ladium was found in the electrooxidation. 


18.3 

Platinum 

18 . 3.1 

Fundamentals 

Platinum electrodes are widely used as an 
inert electrode in redox reactions because 
the metal is most stable in aqueous and 
nonaqueous solutions in the absence of 
complexing agents, as well as because of 
its electrocatalytic activity. The inertness 
of the metal does not mean that no 
surface layers are formed. The true double- 
layer (ideal polarized electrode) behavior 
is limited to ca. 200-300 mV potential 
interval depending on the crystal structure 
and the actual state of the metal surface, 
while at low and high potentials, hydrogen 
and oxygen adsorption (oxide formation) 
respectively, occur. 
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First of all, the important role of plat- 
inum as the metal part of the standard 
hydrogen electrode (SHE), which is the pri- 
mary standard in electrochemistry should 
be mentioned. The standard potential of 
an electrode reaction (standard electrode 
potential) is defined as the value of the 
standard potential of a cell reaction when 
that involves the oxidation of molecular 
hydrogen to solvated (hydrated) protons 
(hydrogen ions): 

H 2 + 2H 2 0 < » 2H 3 0+ + 2e“ (26) 

The standard state is the hypothetical 
ideal solution of molality 1 mol kg -1 (or 

the relative activity of H 3 0 + ,flH 3 o + = 1 ) at 

standard pressure. The standard pressure 
is 1 bar (earlier 1 atm = 1.01325 bar; 
however, the shift is only 0.00026 V at 
the potential scale). By definition, the 
potential of this electrode is zero. Although 
the standard potential should not depend 
on the material of the metal, the SHE 
exclusively contains a platinum wire or 
a platinum sheet covered with platinum 
black (platinized platinum). Owing to 
the spontaneous dissociation (dissociative 
chemisorption) of H 2 at Pt 

Pt + 2H 2 < > 2Pt-H (27) 

and the not-too-high Pt— H bond energy, 
the exchange current is high and the 
electrode process is electrochemically re- 
versible [151]. 

In its compounds, Pt has oxidation states 
+2 and +4. The redox reactions - except 
the formation of surface oxides, hydrox- 
ides, and hydrides - take place with partic- 
ipation of its complexes. 

Some important systems and the corre- 
sponding £^and E ^ values are as follows. 

PtO + 2H+ + 2e“ » Pt + H 2 0 

E* = 0.98 V [13] (28) 
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Pt0 2 + 2H+ + 2e“ > PtO + H 2 0 


E^= 1.045 V [13] (29) 

PtCl 4 2 “ + 2e“ » Pt + 4C1 _ 

E*= 0.758 V [152, 153] (30) 

PtBi' 4 2 " + 2e“ > Pt + 4Br“ 

E^ = 0.698 V [152, 153] (31) 

Ptl 4 2 “ + 2e~ > Pt + 41“ 

E^ = 0.400 V [154, 155] (32) 

PtCl 6 2 “ + 4e“ > Pt + 6C1“ 

E* = 0.744 V [152, 153] (33) 

PtBr 6 2 “ + 4e“ » Pt + 6Br“ 

E*= 0.657 V [152, 153] (34) 

PtCl 6 2 “ + 2e“ > PtCl 4 2 “ + 2C1“ 

E* = 0.726 V [152, 156] (35) 

PtBr 6 2 “ + 2e“ > PtBr 4 2 “ + 2Br“ 

E* = 0.613 V [152] (36) 


Pt(SCN) 6 2 “ + 2e“ > Pt(SCN) 4 2 “ 

+ 2SCN“ E*= 0.468 V [157] 

(37) 

Pt(NH 3 ) 2 Cl 4 + 2e“ » Pt(NH 3 )Cl 2 

+ 2C1“ E * = 0.669 V [158] (38) 

Data for several ammine-halo, am- 
mine - ethylenediamine, halo - nitro - 

amine, halo- nitro -triammine, chloro - 
alkil-ammine, alcohol-ammine, tetra- 
amino, pyridine-chloro, picoline-chloro, 
quinoline - chloro, phenanthroline - amm- 
ine-chloro, and so on, complexes have 
been compiled in [159, 160]. Some regu- 
larities have been found, for example, E ^ 
of Pt halo -complexes decreases with the 
increasing atomic number of the halogen 
atom; the successive substitution of NH 3 
for chloro ligands causes the decrease of 


E^; the introduction of different ligands 
in the amine complexes increases E ^ ac- 
cording to the order I < CN < SCN < Br 
< Cl < N0 2 [159, 160]. Finally, we men- 
tion the famous cisplatin, ds-Pt(NH 3 )Cl 2 , 
which is a very powerful cancer chemother- 
apy drug [161]. Its effect was discovered by 
Rosenberg [162] accidentally when he in- 
vestigated the influence of electric field 
on living cells. He used supposedly inert 
platinum electrodes to study the suspen- 
sion of live Escherichia coli bacteria. It was 
found that, as a consequence of dissolu- 
tion of Pt, cisplatin was formed which had 
a devastating effect on the bacteria. 

18.3.2 

Effect of Adsorption and Surface Structure 
on the Voltammetric Behavior of Platinum 
Electrodes 

18.3.2.1 Adsorption of Hydrogen, Oxygen, 
and Anions 

The “classical” voltammetric curve used 
generally for the presentation of hydrogen 
and oxygen adsorption on polycrystalline 
Pt is shown in Fig. 2. 

It is well known that the shape of the 
curve depends on the nature of the anion(s) 
present in the system. In reality, there is an 
overall behavior reflecting simultaneous 
H/O and anion adsorption. 

It was demonstrated that the radiotracer 
method, using labeled anions, is an ade- 
quate tool to follow anion adsorption in 
the course of voltammetric measurements 
and to gain simultaneous information 
on hydrogen and anion adsorption [163]. 
Coupling voltammetric and radiometric 
measurements in the study of platinized 
platinum electrodes gave insight in the an- 
ion-hydrogen atom coadsorption process. 

Figure 3(a) shows the count rate orig- 
inating from radiolabeled HS0 4 “ ad- 
sorption vs. E (voltradiometric curve) 
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(a) (b) 

Fig. 3 (a) Voltradiometric T vs. E curve in the potential range 14-710 mV; sweep 

rate 0.25 mV s -1 ; 1 .7 x 10 ~ 3 mol dm -3 H 2 SO 4 in 1 mol dm ~ 3 HCIO 4 . (b) Shape of 

the Ar /A E vs. E ( ) and voltammetric curves ( ) in the potential range 

10-450 mV; sweep rate 0.15 mV s -1 (AT /A E and / arbitrary units) [163], 

curve traced in the potential range in 1 mol dm -3 HCIO 4 . From data pre- 
from 15 to 710 mV with a sweep rate sented in Fig. 3(a) the dr/d£ vs. E curve 
of 0.25 mV s _1 in the presence of la- (differential voltradiometric curve) can be 
beled H 2 SO 4 (c = 1.7 x 10 - 3 moldm“ 3 ) calculated, which may be considered as the 
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counterpart of the corresponding voltam- 
metric curve. In Fig. 3(b), the AT/A E vs. 
E and voltammetric curves are compared. 
From the comparison of these curves it can 
be stated that the position of the anion ad- 
sorption peaks in the hydrogen adsorption 
region are not far from those of the hy- 
drogen adsorption. The most pronounced 
difference may be observed between the 
first hydrogen and anion peaks. 

There are indications in the literature 
for the overlap of the oxide and hydrogen 
regions of platinum electrodes in aqueous 
acid solution [164]. The extent to which the 
hydrous oxide reduction process overlaps 
with the hydrogen adsorption region was 
investigated for platinum in acid solution. 
At least three distinct hydrous oxide re- 
duction peaks (or regions) were observed 
and in some cases one of these peaks com- 
menced at ca. 0.0 V, that is, it was almost 
totally within the hydrogen gas evolution 
region. Following repeated hydrous oxide 
growth and reduction, which disrupted 
and thus activated the metal surface, a 
sequence of four low-level premonolayer 
oxidation peaks (each of which has been 
noted earlier by other authors) appeared in 
the positive sweep. The transitions giving 
rise to such peaks were assumed to be me- 
diator generation reactions, which strongly 
influence electrocatalytic processes occur- 
ring on platinum at low potentials. 

18.3.2.2 Well-defined Platinum Surfaces 

Fundamental questions connected with 
the characterization of the double layer 
at well-defined single-crystal faces of solid 
metals have been reviewed and surveyed 
several times by Hamelin [165-169]. 

Since the early 1980s, cyclic voltammetry 
has been used to characterize single- 
crystal electrodes in terms of surface order, 
presence or absence of defects, contami- 
nations, and so on. In some cases, the 


voltammograms have also been used for 
identification of adsorbates, mostly based 
on electric charge calculation. However, 
since the double-layer charging and sur- 
face reactions such as underpotential de- 
position and anion adsorption may occur 
in parallel, it is difficult to break down 
the total voltammetric charge into all of 
its individual components. Therefore, in- 
terpretation from voltammetry alone, used 
as a tool for the adsorbed species identifi- 
cation, may be ambiguous. This has been, 
for instance, the case with the interpreta- 
tion of the “unusual adsorption states” on 
the Pt(lll) electrode [170-179]. 

Although at a very early stage of the 
studies the appearance of the unusual 
peak on the voltammograms of Pt(lll) was 
explained by anion adsorption for a long 
period, the view that it should be ascribed 
to hydrogen adsorption (or incorporation 
of hydrogen) was widely accepted by 
many researchers. Recently, the hydrogen 
adsorption model has been rejected on 
the basis of reexamination of the problem 
by the most eminent proponents of the 
model studying the unusual desorption 
states on Pt(lll) electrodes by CO and I 
displacement method. First they arrived at 
the conclusion that the results obtained 
confirm that the charge associated with 
the unusual states is at least formally 
compatible with the exchange of one 
electron per three surface platinum atoms. 

In accordance with this view, the oc- 
currence of the unusual peaks on the 
cyclic voltammograms observed in acetic 
acid/acetate system was ascribed to a 
one-electron transfer process of acetic 
acid/acetate ions according to the equa- 
tions [180]: 

CH 3 COOH = CH 3 COO ads + H+ + e“ 


at pH < 2 


(39) 
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CH3COO = CH3COO a< i s + e at 

pH > 5 (40) 

There are, however, many evidences 
demonstrating that the existence of the 
unusual states cannot be easily explained 
with the charge transfer to, or from the 
anions (or other species). For instance, 
recent spectroscopic studies do not support 
the occurrence of electron transfer in 
the case of anion adsorption [174, 176, 
181-185], 

A very important and confusing ob- 
servation is that the charge involved in 
the unusual states in various solutions is 
nearly independent of the nature of the 
anion, including organic anions. This as- 
pect of the unusual states cannot be easily 
reconciled with the charge transfer to, or 
from the anion as a mechanistic origin of 
the pseudocapacitive current generated by 
the reversibly adsorbed anions on Pt(lll). 

Results obtained from careful examina- 
tion of the pH effects on the potentiody- 
namic behavior of the Pt(lll) electrode in 
acidified perchlorate solutions [180] advo- 
cate in favor of the assumption that water 
and not Cl04~ anions are involved in the 
unusual adsorption states in the double- 
layer region of Pt(lll). Presumably, H2O 
dissociation and OH deprotonation are 
responsible for the two main electrode pro- 
cesses in the double-layer region of Pt(lll) 
in NaCl04 solutions. 

For instance, in situ Fourier transform 
infrared (FTIR) spectroscopy has been 
used by Faguy etal. [176] to study 
the potential-dependent changes in anion 
structure and composition at the surface 
of Pt(lll) electrodes in HS 04“ -containing 
solutions. From the infrared differential 
normalized relative reflectance data, the 
maximum rate of intensity changes for 
three infrared bands can be obtained. Two 
modes associated with the adsorbed anion 


and one mode assigned to species is not 
adequately described as either sulfate or 
bisulfate; the data are more consistent 
with an adsorbed H30 + — SO4 2- ion pair, 
possibly with the three unprotonated 
sulfate oxygens interacting with Pt sites. 

Since the number of papers dealing with 
the electrochemistry of Pt single crystals 
exceeds several hundreds, only some of 
them, published in the last few years could 
be referred to [179, 186-205]. 

18.3.2.3 Faceted and Platinized Platinum 
Electrodes 

A series of papers by Arvia and cowork- 
ers [206-215] demonstrated that metal 
electrode surfaces with preferred crystal- 
lographic orientation and different rough- 
nesses could be created through the appli- 
cation of periodic potential treatments. 

It was found that changes in the voltam- 
metric response of polycrystalline plat- 
inum electrodes in the direction expected 
for preferred oriented surface electrodes 
can be achieved using a fast repetitive po- 
tential perturbation. 

Faceted platinized platinum surfaces 
with preferred crystallographic orientation 
were prepared by square-wave potential- 
modulated DC electrodeposition [216]. 

A fast repetitive triangular potential 
sweep (10 4 V s -1 between 0.05 and 1.5 V 
for 2 h) was applied to platinized platinum 
electrode [217]. This treatment resulted in 
a considerable decrease in the real surface 
area and in the formation of a (100) -type 
preferentially oriented surface structure. 

A detailed comparison of the voltammet- 
ric behavior of platinum single-crystal and 
faceted electrodes was also given [218]. 

A different approach to the prepara- 
tion of preferentially oriented surfaces on 
polycrystalline systems has been demon- 
strated by Sumino and Shibata [219]. It has 
been shown that a fast-cycling treatment 
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is not required for obtaining deposits with 
preferential orientation [176]. A platinum 
electrode with a single-crystal (100) surface 
was obtained by annealing a thin platinum 
film electrodeposited on a polycrystalline 
platinum foil. 

Considering these results it was an im- 
portant task to reconsider some questions 
connected with the technique of platiniza- 
tion, examining whether the method of 
platinization has some influence on the 
voltammetric behavior of the platinized 
surfaces. In [220], attempts were made to 
demonstrate that the voltammetric behav- 
ior of the platinized system could depend 
on the experimental conditions of the 
deposition carried out by a simple gal- 
vanostatic method. 

On the basis of the results obtained, it 
could be stated without any doubt that the 
voltammetric behavior of the electrodes 
studied depends strongly on both the com- 
position of the platinization solution and 
the current density of the deposition. The 
number of the peaks (pseudopeaks) and 
shoulders appearing on the voltammo- 
grams changes from two to four and the 
ratios of the heights of these peaks also 
change significantly. This behavior dif- 
fered somewhat from that expected on 
the basis of classical views concerning the 
voltammetric behavior of a platinized sys- 
tem. On the other hand, this conclusion 
per se cannot be considered as a completely 
new statement. Various kinds of platinized 
and supported platinum catalyst electrodes 
were studied in the literature in order to 
reveal the relationship between their elec- 
trocatalytic (electrosorption) behavior and 
the structure of the deposited layer. (See, 
for instance, Refs. 221-225 and the lit- 
erature cited therein.) It has been shown 
in these studies that the electrocatalytic 
activity and, occasionally, the character of 
the hydrogen adsorption at the deposited 


platinum particles depends strongly on 
the preparation, and consequently on the 
structure of the deposited layer and on the 
dimension (size) of the deposited parti- 
cles. For instance, in [225] in connection 
with the investigation of the electrocatalytic 
properties of ultrafine platinum particles it 
has been stated that the ratio of the amount 
of strongly adsorbed hydrogen to that of 
weakly adsorbed hydrogen decreased with 
decreasing platinum particle size. It was 
assumed that the adsorption strength of 
the hydrogen on the Pt(100) plane of the 
small platinum particles grew weaker with 
decreasing particle size. 

The similarity of the shape of the voltam- 
metric curves of platinized system to those 
reported for electrodes treated by the fast 
repetitive potential perturbation technique 
or obtained by annealing electrodeposited 
platinum and the appearance of signs char- 
acteristic for stepped surfaces allows us to 
assume that these phenomena should be 
ascribed to the similarities in the surface 
structure. 

This probably means that it entails a 
common feature leading to the forma- 
tion of electrodes with ordered domains 
of single-crystal or stepped surfaces. It is 
evident that further studies are required 
to elucidate the mechanism of the process 
resulting in such systems by simple pla- 
tinization. For practical reasons, it will be 
of importance to study the electrocatalytic 
behavior of these systems. 

18.3.2.4 Surface Structure and Reactivity 

The study of the link between the surface 
structure of an electrode and its reactivity 
in electrode processes is considered as an 
important element of the investigations in 
modern electrochemistry. 

In the frame of electrocatalysis and fuel 
cell-oriented research, a vast amount of 
data was collected during the last decades, 



first of all concerning the reactivity of 
simple organic compounds at various 
Pt and Pd surfaces. These questions 
will not be discussed in this chapter. 
In the following, only the reduction of 
two anions, CIO4 - and NO3 - ions will 
be considered as model species for the 
demonstration of the complex problem of 
“structure and reactivity.’’ 

The investigation of adsorption phenom- 
ena occurring on Pt and Pd electrodes is 
an important task for the clarification of 
their behavior in electrocatalytic processes. 
A characteristic feature for these systems 
is the hydrogen adsorption reflected by the 
shape of voltammetric curves taken un- 
der suitable conditions. This experimen- 
tal approach constitutes the intersection 
point where the problem of perchlorate 
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reduction and the investigation of elec- 
trosorption behavior of prospective fuel 
cell electrodes touch each other. 

It was (and perhaps is) a general belief 
in the literature that perfect voltammo- 
grams reflecting H adsorption on the 
“catalytic” electrodes can be obtained in 
HCIO4 solution. 

The distortion of voltammetric curves in 
the presence of CIO4 - ions is firm evi- 
dence for the occurrence of the reduction 
process. This effect is shown in Fig. 4 for 
the case of Pt with high real surface areas. 

In Fig. 4, voltammograms of platinized 
electrodes prepared under various condi- 
tions are shown. For the sake of compari- 
son, the corresponding voltammograms in 
HCIO4 and H2SO4 solutions are presented 
[226]. 







E[V] 



(d) 


(e) 


(f) 


Fig. 4 Voltammogram of three different Pt/Pt electrodes: (a-c) in 3 mol dm 3 
HCI 04 , sweep rate = 1 mV s _1 ; (d — f) in 0.5 mol dm ~ 3 H 2 SO 4 , sweep 
rate = 20 mV s " 1 [226], 
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The features characteristic of these 3. The distortion of the anodic peak 
systems are as follows: gradually disappears during subse- 

quent cycles. 

1. The reduction process occurs, almost 

exclusively, during the positive sweep. The reduction of NO 3 - ions at platinum 

2. Generally, no reaction can be observed electrodes has been studied by several au- 

on the negative sweeps, but the shape, thors during the last decade [227-230]. 
height, and position of the correspond- Thus, we have the relevant fundamental 
ing hydrogen peak differ significantly information about the behavior of the 
from those expected. system. The most important information 
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(a) (b) (c) 

Fig. 5 Cyclic voltammograms of a platinized platinum electrode (type I) in 
(a) 0.25 mol dm ~ 3 H 2 S 04 , (b) 0.25 mol dm ~ 3 H 2 SO 4 + 10 ~ 3 mol dm ~ 3 HNO 3 
and (c) 0.25 mol dm ~ 3 H 2 SO 4 + 10 ~ 2 mol dm ~ 3 HNO 3 . Sweep rate, 

20 mV s _1 [235], 
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Fig. 6 Cyclic voltammograms of a platinized platinum electrode (type II) in 
(a) 0.25 mol dm ~ 3 H 2 S 04 , (b) 0.25 mol dm ~ 3 H 2 SO 4 + 10 ~ 3 mol dm ~ 3 HNO 3 , 
and (c) 0.25 mol dm ~ 3 H 2 SO 4 + 10 ~ 2 mol dm ~ 3 HNO 3 . Sweep rate, 

20 mV s~' [235], 





is that hydrogen adsorption inhibits the 
reduction of NO 3 - ions. This means that 
in acid media the reduction rate is zero 
on surfaces covered by adsorbed hydrogen 
and a measurable reduction can only be 
observed at potentials above 50-100 mV. 
The current (absolute value) versus poten- 
tial curve goes through a maximum. 

The role of the various crystal faces in 
the reduction of nitrite, nitrate, and other 
oxygen-containing nitrogen compounds 
has been studied recently [231, 232]. 

It has also been shown [173, 233, 
234] that the catalytic activity of various 
crystal faces of platinum for the reduction 
of NO 3 - ions is very different. This 
means that similar effects should be 
expected in the case of platinized systems 
with various preferred crystallographic 
orientations [235]. 

Figures 5 and 6 show the voltammo- 
grams of two types of platinized systems 
obtained in 0.25 mol dm ~ 3 H 2 SO 4 sup- 
porting electrolyte in the absence and 
presence of NO 3 - ions. Figure 5(a) shows 
the voltammetric behavior of the classical 
polycrystalline electrode (type I) in H 2 SO 4 
solution, while Fig. 6 (a) is for an electrode 
with preferred ( 100 ) orientation (type II). 

It follows from a comparison of Fig. 5(b) 
and (c) with Fig. 6 (b) and (c) that the 
electrocatalytic reduction of NO 3 - ions 
depends strongly on structural factors, 
reflected by the voltammetric behavior in 
pure H 2 SO 4 solution. This observation is 
in accordance with earlier findings [173, 
233, 234] that (100) crystal faces have 
an excellent catalytic activity toward the 
reduction of NO 3 - ions compared with 
the other low index planes. 

The absence of a distinct catalytic activity 
in the case of the type I electrode at 
the HNO 3 concentrations studied can be 
considered to be normal behavior if we 
take into consideration the results of some 
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previous studies showing that HSC> 4 “ and 
S0 4 2- anions inhibit NO 3 - reduction to 
some extent via competitive adsorption 
[228]. In the light of this fact, we should 
consider the cathodic spikes on curves 
in Fig. 6 (b) and (c) as dramatic evidence 
of the high catalytic activity of type II 
electrodes. 

However, it is known from steady state 
reduction studies that the rate of the 
reduction process at all potential values is 
significantly higher in HCIO 4 supporting 
electrolyte owing to the lower adsorbability 
of C10 4 “ ions on platinum. 
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19.1 

Introduction 

Two early references provide detailed 
information about the electrochem- 
istry of cobalt species, particularly 
those involving inorganic ligands. First, 
there is a comprehensive review [1] 
that gives thermodynamic data princi- 
pally for the cobalt(III)-cobalt(II) and 
cobalt(II)-cobalt(0) redox couples in a va- 
riety of aqueous, nonaqueous, and molten 
salt media, along with electron-transfer 
rate constants and mechanistic informa- 
tion for complexes possessing inorganic 
and organic ligands. Second, there are 
extensive data tables [2] listing electro- 
chemical characteristics for many cobalt- 
containing complexes. These two sources 
cover most of the literature up to approxi- 
mately 1980. Another briefer compilation 
of standard potentials and other thermody- 
namic data for cobalt species can be found 
in the IUPAC-commissioned volume that 
appeared in 1985 [3]. 

Much of the foundational work concern- 
ing organocobalt species can be found 
elsewhere. A comprehensive examination 
of the literature up to 1994 appears in 
a pair of reference series [4, 5], with the 
former covering research up to 1982 and 
the latter covering work between 1982 and 
1994. Each series contains a chapter on 


cobalt-containing complexes and clusters, 
including discussions about the synthesis, 
characterization, and reactions of several 
different classes of organometallic com- 
plexes, as well as further information in 
other chapters. 

This chapter consists of two main parts: 

(1) an initial, shorter section that discusses 
briefly some of the more classic funda- 
mentals of the electrochemical behavior 
of inorganic cobalt-containing species and 

(2) a second, longer section that sur- 
veys the electrochemistry of cobalt species 
with organic ligands, including some that 
mimic biologically important species, as 
well as the use of electrogenerated com- 
plexes of cobalt for catalytic purposes, with 
emphasis on the most recent findings. On 
the basis of the necessarily limited size of 
this chapter, the interested reader seeking 
more information is encouraged to consult 
other publications by authors identified in 
the list of references. 

19.2 

Electrochemistry of Cobalt-containing 
Species with Inorganic Ligands 

Most of the electrochemistry that deals 
with cobalt compounds bearing strictly 
inorganic ligands is of vintage charac- 
ter, so only a brief account of that body 
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of knowledge is presented here, with 
pertinent references. On the other hand, 
more attention is devoted to two topics, 
namely, (1) the electrochemical determi- 
nation of cobalt and (2) the electrodepo- 
sition of cobalt, with emphasis on more 
recent publications. 

19.2.1 

Half-reactions Involving Aquated Cobalt(ll) 
and Cobalt(lll) 


However, in the presence of 0.006% 
gelatin or 0.005% Triton X-100 as a max- 
imum suppressor, the half-wave potential 
was -1.25 V vs. SCE (or -1.01 V vs. SHE) 
and —1.48 V vs. SCE (or —1.24 V vs. 
SHE), respectively [6]. Furthermore, this 
process does not exhibit the normal elec- 
trochemical characteristics of a reversible 
reaction. 

Cobalt(III) is a potent oxidant in an 
aqueous solution and, in the absence 
of a complexing agent that can stabilize 
cobalt(III), it is rapidly reduced to cobalt(II) 
with the concomitant oxidation of water to 
dioxygen: 

4Co(H 2 0) 6 3+ + 2H 2 0^^4Co(H 2 0) 6 2+ 
+ 0 2 (g) + 4H + 

In the past, there has been contro- 
versy [1] regarding both the true identity 
of the cobalt(III) species present in an 
aqueous medium and the standard po- 
tential for its one-electron reduction to 
cobalt(II). However, according to Warn- 
qvist [7], as well as Davies and Warn- 
qvist [8], there is good reason to con- 
clude that Co(H 2 0)6 3+ is the predominant 
species in a 3 M perchloric acid solution 
and that the cobalt ( 1 1 1 ) - cobalt ( 1 1 ) couple in 
this medium can be represented as follows: 

Co(H 2 0) 6 3+ + e-^^Co(H 2 0) 6 2+ ; 

E° = +1.86 V vs. SHE 

19.2.2 

Effect of Complexing Agents on Potentials 
for the Cobalt(ll)-Cobalt(0) and 
Cobalt(l 1 1) — Cobalt(l I) Couples 

When a ligand, other than water, which 
can form complexes with cobalt(III) and 
cobalt(II) is present, the standard po- 
tentials for the cobalt(II)-cobalt(0) and 
cobalt(III)-cobalt(II) couples differ from 


In an aqueous medium, where water 
is the only significant ligand, the half- 
reaction and standard potential for the 
cobalt(II)-cobalt(0) couple can be written 
as 

Co(H 2 0) 6 2+ + 2e~^^Co(s) 

+ 6H 2 0(aq); E° = -0.277 V vs. SHE 

If one considers a strongly acidic 
solution (pH = 0), the preceding stan- 
dard potential indicates that elemental 
cobalt should be thermodynamically ca- 
pable of reducing hydrogen ion to form 
Co(H 2 0)6 2+ and H 2 . However, this pro- 
cess is actually slow at room temperature, 
so cobalt metal is not an effective reducing 
agent. 

Many polarographic studies of the re- 
duction of cobalt(II) to form an amalgam 
at a dropping mercury electrode have been 
reported, but most of the work has focused 
on systems involving complexes with lig- 
ands other than water [1, 2]. In one of 
the few investigations of the behavior of 
Co(H 2 0)6 2+ (in aqueous 0.1 M potassium 
nitrate) [3], the following information was 
deduced: 

Co(H 2 0) 6 2+ + 2e“ + ^^Hg Co(Hg) 
+ 6H 2 0; E \/2 = -1.24 V vs. SCE 

or - 1.00 V vs. SHE 
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the values given earlier, depending on the 
relative stabilities of the particular complex 
ions. Rock [9] has offered some arguments, 
based on ligand-field theory, to account for 
the observed shifts in standard potentials 
for the cobalt(III)-cobalt(II) couple in the 
presence of several different ligands. In 
an aqueous ammonia solution, cobalt(III) 
and cobalt(II) are both complexed by NH 3 
ligands, but the formation constant for 
Co(NH 3 ) 6 3+ (fa = 1.45 x 10 35 ) is much 
larger than that for Co(NH 3 ) 6 2+ (fa = 
2.45 x 10 4 ), so the standard potential for 
the cobalt(III)-cobalt(II) couple is much 
less positive than the value quoted ear- 
lier for the system involving the hexaaqua 
cations: 

Co(NH 3 ) 6 3+ + e -^^Co(NH 3 ) 6 2+ ; 
E° = +0.1 V vs. SHE 

Thus, the Co(NH 3 ) 6 3+ complex is quite 
stable in the presence of excess aque- 
ous ammonia and, indeed, Co(NH 3 ) 6 2+ 
undergoes spontaneous and rapid air ox- 
idation to Co(NH 3 ) 6 3+ . A polarogram for 
the reduction of Co(NH 3 ) 6 3+ in an aque- 
ous buffer consisting of 2.5 M ammonia 
and 0.1 M ammonium chloride exhibits 
two waves, the first corresponding to a 
one-electron reduction. 

Co(NH 3 ) 6 3+ + e -^^Co(NH 3 ) 6 2+ ; 
E x , 2 = -0.54 V vs. SCE 

or - 0.30 V vs. SHE 

followed, at a more negative potential, by a 
two-electron process: 

Co(NH 3 ) 6 2+ + 2e“ + Hg^^Co(Hg) 

+ 6 NH 3 ; £ 1/2 = —1.36 V vs. SCE 

or - 1.12 V vs. SHE 

Notice that, owing to the higher sta- 
bility of Co(NH 3 ) 6 2+ in comparison to 


Co(H 20 ) 6 2+ , the polarographic half-wave 
potential for reduction of Co(NH 3 )6 2+ 
(— 1.36 V vs. SCE) is more negative than 
the half-wave potential for the reduction of 
Co(H 2 0) 6 2+ (-1.24 V vs. SCE). 

19.2.3 

Potential of the Cobalt(ll)-Cobalt(0) Couple 
in Molten Salts 

Several investigations have been made of 
the reduction of cobalt(II) to cobalt(0) 
in molten salt media. For a eutec- 
tic melt of LiCl— KCl at 450°C[10], a 
1:1 NaCl-KCl melt at 450°C[11], and 
a MgCl 2 — NaCl— KCl (50 : 30 : 20 mol%) 
mixture at 475 °C [12], the apparent stan- 
dard potentials for the cobalt(II)-cobalt(0) 
couple have been deduced to be —1.207 V, 
— 1.277 V, and — 1.046 V, respectively, each 
with respect to a chlorine -chloride ion 
reference electrode. 

19.2.4 

Existence of Cobalt(l) in Aqueous Cyanide 
Solutions 

In a classic study, Hume and Kolthoff [13] 
obtained polarographic evidence that, 
in a 1 M aqueous solution of potas- 
sium cyanide, Co(H 20 )(CN)s 3_ is ir- 
reversibly reduced at a dropping mer- 
cury electrode to a cobalt(I) species, the 
composition of which was not eluci- 
dated. Furthermore, the cobalt(I) complex 
was reported to undergo neither oxi- 
dation nor reduction. In addition, the 
cobalt(III) complex, Co(H20)(CN)5 2_ , was 
seen to be reducible at the dropping 
mercury electrode, whereas Co(CN)6 3_ 
is not electroactive. In earlier work [14], 
cobalt(II) cyanide complexes were re- 
duced electrolytically to cobalt(I) cyanide 


species. 
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19 . 2.5 

Electrochemical Determination of Cobalt 

Two polarographic methods have been de- 
veloped for the determination of cobalt(II) 
at concentrations ranging from approxi- 
mately 1 to 80 mM in an aqueous sample. 
For the first method [15], which is suit- 
able for samples containing large amounts 
of nickel(II), the cobalt(II) is oxidized to 
Co(NH 3)6 3+ in an ammoniacal medium 
with the aid of sodium perborate, after 
which the cobalt(III) species is deter- 
mined. A second procedure [16] entails 
the use of lead dioxide in an acetic 
acid-acetate buffer containing oxalate to 
convert cobalt(II) to the Co(C2C>4)3 3_ ion, 
which can be subjected to polarographic 
reduction. This latter approach is well 
suited to the determination of cobalt in the 
presence of copper(II), iron(III), nickel(II), 
tin(IV), and zinc(II), whereas the chief 
interferences are cerium, chromium, man- 
ganese, and vanadium. 

Clement and Paris [17] have devised a 
pair of methods for the determination 
of cobalt in steels, especially materials 
encountered in the nuclear industry. In 
the first technique, suitable for the analy- 
sis of solutions containing 8 to 160 mM 
cobalt(II), iron(III) is used to oxidize 
cobalt(II) in a picolinic acid medium, after 
which the resulting iron(II) is titrated po- 
tentiometrically with a standard solution of 
cerium(IV). An alternative procedure, for 
concentrations of cobalt(II) below 8 mM, 
involves a constant-current coulometric 
titration with electrogenerated cerium(IV) 
to measure the iron(II) that arises from the 
original reaction between cobalt(II) and 
iron(III). 

Preliminary results have been pub- 
lished [18] that describe the voltammet- 
ric determination of cobalt(II) in molten 


heavy-metal fluoride glass in a matrix con- 
sisting of a ZrF4~ BaF2~ LaF3— AIF3— NaF 
melt at 500 °C. Sharma and cowork- 
ers have developed a method, based on 
the use of differential pulse polarogra- 
phy and conventional polarography, for 
the determination of cobalt(II) in natural 
waters containing nickel [19] and in in- 
dustrial wastewater containing cadmium, 
chromium, and lead [20]. An adsorptive 
stripping voltammetric method for the de- 
termination of cobalt(II) at the 10 -7 to 
10“ 5 M level has been explored [21], al- 
though the full analytical merit of the 
method has not been evaluated; the proce- 
dure involves the use of a mercury cathode 
in a borate buffer (pH = 9.3) containing 
10 -4 M dimethylglyoxime as the accumu- 
lating reagent. 

Although the preceding methods per- 
tain mainly to aqueous solutions ini- 
tially containing cobalt(II), the analysis of 
organocobalt compounds poses some ad- 
ditional problems. In particular, if one is 
interested in determining the cobalt con- 
tent of an organometallic species, it might 
be necessary to carry out a preliminary 
wet- or dry-ashing procedure to prepare 
an aqueous sample for subsequent elec- 
trometric analysis. 

19 . 2.6 

Electrodeposition of Cobalt 

For the period from the beginning of 
1975 to the middle of 2004, more than 
750 citations pertaining either directly or 
peripherally to the electrodeposition of 
cobalt were retrieved from a literature 
search by means of SciFinder Scholar, 
but the overwhelming majority of those 
references were to works involving cobalt- 
containing alloys. Consequently, in this 
summary, mention is restricted to arti- 
cles concerning just the deposition of 



pure cobalt. Other topics such as the 
electrowinning, electrorefining, and elec- 
tropolishing of cobalt have been treated in 
an earlier review [1]. 

A method for the constant-current de- 
position of cobalt onto a brass cathode 
in an acidic solution (pH = 1) containing 
cobalt(II) sulfate and vanadium pentox- 
ide has been published [22]. Franklin and 
Aktan [23] discussed the effect of ad- 
sorbable tetra-H-butylammonium cations 
on the electrodeposition of cobalt onto 
a platinum cathode in a medium con- 
sisting of cobalt(II) nitrate and sodium 
chloride. Nucleation and crystal growth 
of cobalt electrodeposited from sulfate 
baths were investigated by means of 
potentiostatic and potentiodynamic tech- 
niques [24], and a comparable study of the 
deposition of cobalt onto poly crystalline 
gold was performed [25]. In addition, the 
effect of electrolysis conditions on the crys- 
tal orientation and morphology of cobalt 
deposited from sulfate media has been 
probed [26]. Magnetic properties of cobalt 
layers, ranging from 25 to 100 nm in 
thickness and electrodeposited onto poly- 
crystalline copper, have been studied [27]. 
Using the technique of X-ray diffraction, 
Cohen -Hyams and coworkers [28] found 
that cobalt deposited onto copper films 
covering silicon wafers in borate -citrate 
media of pH 7 can achieve either a face- 
centered cubic or hexagonal close-packed 
structure, depending on the potential em- 
ployed. Electrodeposition of cobalt onto 
glassy carbon in a borate buffer of pH 5 
is enhanced when ultrasound is em- 
ployed [29]. Other reports have dealt with 
the effects of added thiourea and saccha- 
rin on the surface roughness of cobalt 
coatings [30]; on the relationship between 
magnetic and morphological properties of 
electrodeposited cobalt on vitreous carbon 
and copper substrates [31]; and on the use 


7 9.3 Electrochemistry of Organocobalt Species | 535 

of gluconate baths for the deposition of 
cobalt on steel [32]. 

A series of papers by Tseung and 
coworkers [33-37] has focused on the de- 
position of cobalt onto nickel and titanium 
electrodes; the last of these references 
deals with the mechanism of reduction of 
cobalt(II) to elemental cobalt in a dimethyl- 
formamide medium. Electrodeposition 
of cobalt onto a copper cathode has 
been accomplished in a room-temperature 
chloroaluminate molten salt [38]. Another 
example of the deposition of cobalt from 
a molten salt is found in work by Chen 
and Sun [39], who reduced cobalt(II) onto 
nickel, tungsten, and copper cathodes 
from a mixture of zinc(II) chloride and 
l-ethyl-3-methylimidazolium chloride at 
80 °C. For the preparation of radioactive 
sources, cobalt-60 (without any inactive 
cobalt carrier) has been electrodeposited 
onto stainless-steel planchets [40]. Nano- 
structured cobalt films have been elec- 
trodeposited from lyotropic liquid crys- 
talline media onto gold layers cover- 
ing glass microscope slides [41], and the 
magnetic anisotropy and domain struc- 
ture of electrodeposited cylindrical cobalt 
nanowires have been examined [42]. Us- 
ing a phosphorous acid medium, Li [43] 
electrodeposited hexagonal cobalt particles 
into the pores of anodically formed films of 
aluminum oxide. Fabrication of two differ- 
ent cobalt nanostructures - one a hollow 
nanotube and the other a nanowire com- 
posed of nanowhiskers - has been accom- 
plished via electrodeposition into a pore- 
wall modified alumina membrane [44]. 


19.3 

Electrochemistry of Organocobalt Species 

Organocobalt species are of great in- 
terest to researchers, the most obvious 
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reason being for their catalytic abilities, 
which will be covered in a later section. 
Further topics include the characteri- 
zation of metal-cluster stability, metal- 
center to metal-center interactions in 
multinuclear metal-containing complexes, 
improved electrodes and sensors, ad- 
vancements in conducting polymer films, 
and the development and characteriza- 
tion of mimics for naturally occurring 
biomolecules, especially vitamin B 12 . Cov- 
erage presented in the following will be 
divided into two sections, one dealing 
with the direct electrochemical reactions 
of organocobalt species and another con- 
cerning the catalytic properties of cobalt- 
containing organometallic complexes. 

19.3.1 

Direct Oxidations and Reductions 

In this section, we present material dealing 
with the direct oxidation and reduction 
of a variety of organocobalt species, 
including complexes with more than one 
cobalt center, electrodes functionalized 
with cobalt complexes, cobalt-containing 
Schiff-base complexes, cobalt porphyrins 
and corroles, and macrocyclic tetraamines. 

19.3.1.1 Dicobalt and Metal-cluster 
Complexes 

A great deal of emphasis has been placed 
on the study of transition-metal complexes 
containing two or more metal centers. 
These complexes are useful as model 
systems for the study of intermolecular 
interactions between metal centers as well 
as the examination of electron-transfer 
reactions between donor and acceptor 
species. 

Fiedler and coworkers [45] undertook 
the examination of a family of tetracobalt 
carbonyl clusters, each with a facial 
cyclooctatetraene ligand (1). 


CO CO 



Polarographic and cyclic voltammetric 
studies showed the formation of dianions, 
with one of the dianionic complexes ex- 
hibiting further chemical reactivity. Bulk 
electrolysis and infrared spectroelectro- 
chemistry were used to confirm the de- 
composition of the dianionic tetranuclear 
clusters to stable tricobalt anions. 

Experiments involving dicobalt species 
have focused mainly on the interaction 
or communication between the two metal 
centers. Variations in the connecting 
or bridging ligands can cause distinct 
differences in the overall oxidation and 
reduction potentials for the two metal 
centers. Metal centers separated by rigid 
alkyne moieties [46] differ in the degree 
of interaction between the cobalt centers, 
depending on the number of alkyne units 
used in the bridge, whereas Costa-type 
complexes with a m -xylene spacer [47], 

(2) , and mixed ligand diporphyrins [48], 

(3) , undergo completely discrete metal- 
center reactions. Complexes of the latter 
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types [47, 48] are useful as catalysts for 
selective dimerization where two radicals 
can be formed and held in close proximity. 

Dicobalt species have also been shown to 
result in cobalt’s possessing characteristi- 
cally unstable oxidation states. A binary co- 
facial dicobalt porphyrin species has been 
shown to undergo a pair of one-electron 
oxidation steps as well as a pair of one- 
electron reduction steps [49]; the two cobalt 
centers behave essentially independently 
of one another, so that mixed-valence 
complexes can be generated. Brooker and 
coworkers [50] investigated a pyridazine 
S duff-base macrocycle with two cobalt 
centers (4), each of which could undergo 
a separate one-electron oxidation or re- 
duction to produce a species capable of 
existing in five different combinations 
of redox states. Most interesting about 
this complex is the formation of cobalt 



in the +1 oxidation state. In addition, 
Dimitrou et al. [51] synthesized tetracobalt 
complexes that are oxidizable to yield one 
of the metal centers in the +4 oxidation 
state. 

Reduction of a dicobaltacarborane sand- 
wich complex (5) is a two-electron pro- 
cess, and the metal centers are inde- 
pendent, noncommunicating sites [52]. In 
related work [53], it was observed that a 
cyclic voltammogram for the reduction 
of (6) at a platinum cathode in either 
dimethoxyethane or dimethylformamide 
containing tetra-«-butylammonium hex- 
afluorophosphate consists of three well- 
resolved stages of reduction, each corre- 
sponding to a one-electron process at each 
cobalt center. 

In a more recent investigation, Yao and 
coworkers [54] studied the electrochemical 
behavior of several alkynyl-substituted 
cobaltacarboranes, including (7). 

Ferrocenylphosphine ligands are re- 
ceiving a great deal of attention due 
to their applications both in complexes 
for homogeneous catalysis and as redox- 
active moieties. Their usefulness stems 
from their ability to exhibit a vari- 
ety of bonding modes, ranging from 
their chelating a single metal center 
to their bridging two or more metal 
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centers. Complexes incorporating the 
1 , l'-bis (diphenylphosphino)ferrocene lig- 
and (abbreviated hereafter as dppf ) , (8), are 
expected to demonstrate redox chemistry 
characteristic of both the iron center of the 
ferrocene moiety and the other transition- 
metal center present in the molecule. 
Therefore, studies of the extent with which 
these two metal centers interact, and the 
dependence of this interaction on the as- 
sociated ligands, can be used to tune the 
redox potentials of both the metal center 
and the ferrocene -ferricenium couple. 

Aviles et al. [55] conducted a study of 
the [CpCoI(dppf)]I monomer (9) as well as 
the [Col 2 (dppfC> 2 )] complex (10). Results 
for the former complex showed the dis- 
tinct reduction of the iron center, followed 



by rapid loss of an iodine atom and 
reduction of the cobalt center to the +1 
oxidation state; no results were reported 
for the latter complex. Other investiga- 
tions by Gerbase et al. [56] and by McAdam 
et al. [57-59] demonstrated similar metal- 
centered redox chemistry; however, the 
focus of these works was placed mainly 
on the iron center. In addition, elec- 
trochemical studies of monomeric and 
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linked metal carbonyl clusters with a closo- 
Si 2 Co 4 pseudo-octahedral core [60] as well 
as some cobalt-containing metal-cluster 
cations [61] have been reported. 

19.3.1.2 Modified Electrodes 

Modifying an electrode by adsorption or 
bonding of molecules onto its surface, or 
through the use of polymer coatings or 
other thick phases bearing redox sites, is 
used to catalyze otherwise slow electro- 
chemical reactions. Depositing polymer 
films on electrodes has also led to im- 
provements in electrode stability as well as 
to the development of chemical sensors 
and biosensors, to applications involv- 
ing directing and controlling mediated 
charge-transfer processes, and to the de- 
sign of potential-dependent polymer films 
for color displays. Much of the work in this 
field has appeared in the older literature 
and has focused on the incorporation of 
organocobalt catalysts into polymer films, 
or the development of catalytically active 
films, for the detection of oxygen. Recent 
studies have involved (1) the development 
of new polymer films for incorporating 
organocobalt species and (2) the effects of 
pH on the redox chemistry of the cobalt 
couples. 

Dewald and Chen [62] studied the effects 
that pH has on the cobalt(III) — cobalt(II) 
couple of Co(sep) [sep = sepulchrate 



( 11 ) 


trichloride], (11), immobilized in a Nafion 
film on a graphite electrode; prior to this 
publication, only one other report had been 
made on the incorporation of a cage com- 
plex into a Nafion film. 

Brown and coworkers [63] examined 
the behavior of a cobalt-containing 
tetraaminophthalocyanine-based polymer 
(12) and the effects of pH on the 
cobalt(III)-cobalt(II) redox couple. 



H 2 N 


( 12 ) 
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19.3.1.3 SchifF-base Complexes 

Although there has been a great deal 
of research concerning how platinum(II) 
complexes bind to biological molecules 
and the likely mechanism of antitumor ac- 
tivity of these platinum-containing species, 
far less attention has been paid to the 
properties of other metal complexes in 
this arena. Recent attention has fallen 
on cobalt(II)-Schiff base complexes, as 
several have been discovered to have 
promise as antiviral agents. A review of 
recent work has appeared elsewhere [64], 
so the topic will not be covered here; 
however, in addition to focusing on recent 
developments, emphasis is placed on the 
introduction of the new head unit, 3,6- 
diformylpyridazine (13), into Schiff-base 
macrocyclic electrochemistry. 



19.3.1.4 Cobalt-containing Porphyrins, 
Corroles, and Porphycenes 

There is tremendous interest in the 
electrochemical reactivity of iron- and 
cobalt-containing porphyrins toward small 
molecules, because such knowledge pro- 
vides a better understanding of the re- 
actions of naturally occurring hemopro- 
teins. Studies of the binding of NO by 
metalloporphyrins have aided our un- 
derstanding of how NO interacts with 
heme-containing molecules, and the addi- 
tion of electron-withdrawing substituents 
to the porphyrin ring structure has re- 
sulted in a class of highly efficient 
oxygen-transfer catalysts that show a 
strong resistance to chemical degrada- 
tion. Although not studied as much as 
their iron-containing counterparts, cobalt 


porphyrins have begun to receive more 
attention. 

Research by Radish, Han, and Endo [65] 
has helped to develop some preliminary 
aspects of the interactions of cobalt por- 
phyrins with organic molecules. These 
workers reported that only ring-centered 
reductions can be observed in organic sol- 
vents for cobalt(II) porphyrins er-bonded 
to organic moieties. Furthermore, organic 
molecules linked to the cobalt center can 
undergo migration to one of the nitro- 
gen atoms of the porphyrin ring when 
the complex is oxidized. Also, reduction 
of the system leads to formation of an an- 
ion, either with or without the loss of an 
alkyl group, and the process depends on 
the identities of the solvent and the alkyl 
group, as well as on the timescale of the 
experiment. 

In subsequent research, Radish and 
coworkers [66] demonstrated that a 
tetraphenylphosphine (TPP) complex 
could be modified to tune the 
potential for the cobalt(III)-cobalt(II) 
and cobalt(II)-cobalt(I) redox couples 
by substitution of bromine atoms on 
the ring structure. As prior work had 
entailed the synthesis and characterization 
of TPP with mono-, di-, tri-, and 
tetrabromo substitutions, the reduction 
and oxidation of complexes bearing six 
to eight bromo moieties was investigated 
in the later research [66]. In addition, 
the possibility of electrogenerating 
[(TPPBr x )Co(I)] - with x = 1-7 from the 
octabrominated compound (14) through 
the use of controlled-potential electrolysis 
was examined. As halogenated porphyrins 
show an exceptionally high catalytic 
efficiency for oxidizing organic substances, 
this synthesis provides a simpler approach 
to tuning the potential at which the 
catalysis occurs. 




Two publications by Kadish et al. con- 
sidered the reactivity of NO with cobalt 
porphyrin [67] and with the tetrabromo 
derivative [68]. Both sets of experiments 
showed a relatively strong stabilization of 
cobalt(II) upon binding with a molecule 
of NO. Strong binding of pyridine by 
cobalt(III) was also demonstrated in the 
latter article. Additional papers from 
the research group of Kadish pertain- 
ing to the electrochemistry of cobalt- 
containing species involve ligands such as 
octachloroporphyrin [69], /f-brominated- 
pyrrole tetraphenylporphyrin [70], sym- 
metrical and unsymmetrical por- 
phyrins [71], diaza-18-crown-6 porphyrin 
[72], and an anthracenyl-bridged por- 
phyrin-corrole bismacrocycle [73]. 

L’Her and coworkers [74] investigated 
the electrochemical behavior of several 
face-to-face dicobaltaporphyrins linked to- 
gether via anthracenyl, biphenylenyl, and 
other bridges. These authors concluded 
that the first and third oxidation steps are 
ligand-based, whereas the second stage of 
oxidation is the one-electron conversion of 
cobalt(II) to cobalt(III). 

Recent work by Nagata et al. [75] has 
demonstrated the photoactivation of a 
cobalt porphyrin complex. Covalently 
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linked porphyrin -acceptor systems (15) 
are being actively studied as models for 
photoinduced electron transfer in photo- 
synthesis. Photoinduced electron trans- 
fer in this system leads to a “reactive” 
cobalt(II) state, but a fast intermolecular 
back-electron transfer readily forms the 
cobalt(III) species again and makes the 
process nonproductive. 

In 1992, Kadish and coworkers [76] re- 
ported results for the first comprehensive 
study of the electrochemical oxidation and 
reduction of some metallocorroles, includ- 
ing (OMC)Co(PPh 3 ) (16), where OMC 
denotes the trianion of 2,3,7,8,12,13,17,18- 
octamethylcorrole. 

Subsequent investigations were under- 
taken of cobalt corroles with modified 
structures [77] and with cobalt in higher 
oxidation states [78]. In addition, cobalt- 
containing corrole dimers were stud- 
ied [79], cobalt biscorroles were investi- 
gated [80, 81], the influence of various 
alkyl and aryl substituents on the electro- 
chemical behavior of cobalt corroles was 
probed [82], and the effects of solvents on 
the electrochemistry of these compounds 
was examined [83], 

Finally, some aspects of the electrochem- 
istry of cobalt(II) porphycenes (17) have 
been discussed in two relatively recent ar- 
ticles [84, 85]. 

19.3.1.5 Macrocyclic Tetraamines 

This class of compounds, which 
includes 1 ,4,8, 1 1-tetraazacyclotetradecane 
(otherwise known as cyclam), consists of 
a cyclic macrostructure containing four 
central nitrogen atoms. These nitrogens 
form a complex with a transition metal, 
holding it in the center of a square- 
planar configuration. Often, the cavity size 
formed by the macrocycle will stabilize one 
oxidation state of the transition metal over 
others due to the size of the metal center 
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(15) 


and the available room for interactions 
between the metal and the central nitrogen 
atoms. Such interactions have been known 
to stabilize metal ions in unusually high 
oxidation states. 

Siddiqi and Mathew [86] success- 
fully synthesized and characterized 
dibenzo[c,k][l,6,9,14]tetraazacyclohexade- 
cane[2,5,10,13]tetraone with a cobalt(II) 
center (18). 

Within the chosen range of potentials, 
two well-resolved one-electron reductions 
and a single two-electron oxidation were 
observed, each of which is irreversible. 
Formation of cobalt(I) was responsible for 
the first step of reduction, with the second 




( 17 ) 



reduction affording cobalt(O); the oxidation 
led to the regeneration of cobalt(II). Simon 
et al. [87] synthesized cobalt(II) cyclam one 
nitrogen atom of which was linked to a 
pyrrole group via a pentamethylene group; 
electropolymerization of this species on 
glassy carbon afforded a film that proved 


(16) 



to be active for the electrocatalytic re- 
duction of oxygen. In another study, 
Choi [88] demonstrated the stabilization 
of cobalt(I) in a di-fV-carboxymethylated 
tetraaza macrocycle (19), with cobalt(I) be- 
ing irreversibly produced via reduction of 
the cobalt(II) precursor. 

Polar organic compounds containing 
sulfur and nitrogen atoms, as well as 
their complexes with transition metals, are 
known to be good corrosion inhibitors, 
among other possible applications. Jo- 
vanovic et al. [89] recently studied the elec- 
trochemical behavior of eight cobalt(III) 
cyclams, each bearing an additional biden- 
tate dithiocarbamate ligand, the species 
with morpholine dithiocarbamate being an 
example (20). 

Preliminary results showed that these 
types of compounds are possible inhibitors 
of the corrosion of iron in acids. This anti- 
corrosion behavior is believed to arise from 
the fact that a dithiocarbamate-substituted 
cobalt cyclam can affect the hydrogen 
evolution reaction within the system. A 
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subsequent electrochemical investigation 
of cobalt-containing species involving aza- 
macrocycles and /1-diketonato ligands was 
carried out by Babic-Samardzija and 
coworkers [90]. 

Studies of tetraaza[14]annulene comp- 
lexes have also been conducted to improve 
the action of catalysts and for the develop- 
ment of new materials, such as conducting 
polymer films and electrochromic poly- 
mers. Intrinsic characteristics of these 
compounds can be altered if ring size, 
substituents, degree of unsaturation, con- 
jugation of the rings, or the overall charge 
of the ligand is varied. Lelj et al. [91] and 
Lukes and coworkers [92] demonstrated 
the effects of substitution on the behav- 
ior of some tetraazaannules. In the former 
study [91], the peak potentials associated 
with two ligand-based oxidations were de- 
termined with respect to the substitution 
of methyl, ethyl, and phenyl moieties onto 
the ring structure. Despite the change in 
the anodic peak potentials for ligands with 
various substituents, the difference in the 
peak potentials for the two stages of ox- 
idation was always approximately 0.43 V. 

In addition, a stabilization of cobalt(III) 
was observed, which was greatest for the 
phenyl-substituted compound and least for 
the ethyl-substituted complex. For the lat- 
ter study [92], the redox potential for the 
cobalt(III)-cobalt(II) couple was tuned by 
variation of the extent of methyl substitu- 
tion on a dibenzotetraaza[14]annule (21). 

In a recent publication by Miry and 
coworkers [93], the cobalt(II) complex of 
dibenzotetraaza[14]annulene was anodi- 
cally polymerized from a benzonitrile solu- 
tion onto carbon and platinum electrodes. 

Complexes of metals with tetraaza- 
macrocycles possessing pendant arms are 
currently being considered as models for 
biologically relevant systems. Such species 
generally possess a metal ion bound to 
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a centrally located quartet of nitrogen 
atoms in a square-planar arrangement 
with one or two associated monodentate 
ligands, making the biological system spe- 
cific for a particular function. In an earlier 
study [94], and again in a more recent pa- 
per [95], the extent of stabilization of the 
cobalt center was observed for a variety 
of modified cobalt(III) tetraazamacrocyclic 
complexes possessing pendant-arm sub- 
stituents; the pendant arm consisted of an 
alkyl chain with a terminal amine group 
occupying one of the axial coordination 
sites of cobalt (22). Quite possibly, the 
stability of these compounds results from 
the octahedral coordination about the cen- 
tral cobalt ion. Both investigations revealed 
the extra stability of the electrogenerated 
cobalt(II) center (in comparison with ordi- 
nary cobalt(II) cyclam), and pH was found 
to exert a strong influence on the re- 
dox processes due to protonation of the 
pendant-arm amines. 

One final point of interest was re- 
ported by Simon and coworkers [96]. 


They presented the first synthesis of 
cobalt(III) cyclam in the absence of oxy- 
gen. Generally, for such a procedure, 
molecular oxygen is used to convert 
cobalt(II) to cobalt(III). However, be- 
cause there are systems for which oxygen 
is undesirable, preparation of cobalt(III) 
cyclam from a refluxing mixture of 
tri(acetylacetonato)cobalt(III) and cyclam 
is a significant accomplishment. 

19.3.2 

Catalytic Processes 

In this section, we discuss processes 
in which cobalt-containing catalysts are 
employed for a variety of applications such 
as the reductions of molecular oxygen, 
carbon dioxide, and halogenated organic 
compounds as well as the oxidation of 
hydrazine. 

19.3.2.1 Oxygen 

Without doubt, the area of greatest in- 
terest in the realm of cobalt chemistry 
is catalytic interactions of cobalt com- 
plexes with molecular oxygen. Much 
of this effort stems from the goal 
to improve the efficiency of fuel-cell 
electrodes, although the characterization 
of organocobalt species as models for 
biological molecules is also of significance. 
Platinum is the primary material used for 
the air electrode of fuel cells; however, 
the desire is to replace expensive platinum 
with highly potent materials that are less 
costly to synthesize and manufacture. 

Main reactions involving the catalytic 
reduction of dioxygen fall into one of two 
categories. Molecular oxygen undergoes 
either a two-electron reduction (generally 
in the presence of individual catalyst 
molecules). 

0 2 + 2e“ + 2H+ 


* H 2 0 2 



or a four-electron reduction (requiring two 
catalyst molecules to be in close proximity) : 

0 2 + 4e“ + 4H+ » 2H 2 0 

In the first reaction, the two-electron 
reduction of molecular oxygen is followed 
by protonation of the resulting anionic 
species to yield hydrogen peroxide. On the 
other hand, the second reaction requires 
cleavage of the dioxygen bond, followed 
ultimately by protonation of hydroxide ions 
to afford water; this process has not been 
observed unless each of the oxygen atoms 
is able to bind to a unique metal center. 

Cobalt porphyrins have been some of the 
most studied catalysts for oxygen reduc- 
tion, due in part to their strong interaction 
with molecular oxygen and the ease with 
which they catalyze the reduction at low 
potentials. Anson and coworkers [97] per- 
formed a study of the simplest of cobalt 
porphyrins, cobalt porphine, in the hope 
of gaining a baseline for the observed reac- 
tions of other porphyrins. Instead, they 
observed a very different process from 
most other monomeric cobalt porphyrins. 
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Cobalt porphine promotes the reduction 
of 0 2 in two steps, both of which occur at 
unusually positive potentials; the first step 
results in the formation of water rather 
than hydrogen peroxide. 

Further work by Anson’s group 
sought to find the effects that would 
cause the four-electron reaction to 
occur as the primary process. Studies 
with ruthenated complexes [[98], and 
references therein], (23), demonstrated 
that i t back-bonding interactions are 
more important than intramolecular 
electron transfer in causing cobalt 
porphyrins to promote the four-electron 
process over the two-electron reaction. 
Ruthenated complexes result in the 
formation of water as the product of 
the primary catalytic process. Attempts 
to simulate this behavior without the 
use of transition-metal substituents (e.g. 
ruthenated moieties) to enhance the 
transfer of electron density from the meso 
position to the porphyrin ring [99] met with 
limited success. Also, the use of p-hydroxy 
substituents produced small positive shifts 
in the potential at which catalysis occurs. 
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Only two of the substituted porphyrins 
caused the desired four-electron reduction, 
and the process took place in two distinct 
steps, first to produce hydrogen peroxide 
and then to form water. However, the use 
of ruthenated complexes led to the direct 
four-electron reduction of dioxygen. 

Recently, the Anson group sought to 
find the elusive Co— O 2 adduct that is 
supposedly formed as an intermediate 
for the electron-transfer reaction [100], 
A 1-methylimidazole-substituted “picket 
fence” porphyrin was chosen due to 
its high affinity for molecular oxygen. 
Unfortunately, the desired adduct was 
not observed; instead, the four-molecule 
“picket” appended to one side of the 
porphyrin ring actually hindered the 
catalytic reduction of molecular oxygen. 

Improvement in promoting the four- 
electron reduction of molecular oxygen has 
been achieved by the direct adsorption or 
film coating of the catalyst onto the surface 
of an electrode. Apparently, the rationale 
for this approach rests on the formation of 
an oxygen bridge between two adjacent 
cobalt centers. Thus, the close associa- 
tion of adsorbed porphyrin monomers or 
the formation of cobalt porphyrin dimers, 
either via direct polymerization or charge 
interaction of two monomeric units, is 
deemed to be critical for this process. 
These latter statements are easily observed 
in other work by Anson’s group [101]. 
When cobalt(II) tetramethylporphyrin is 
adsorbed onto the edge plane of a py- 
rolytic graphite electrode, the adsorbed 
species catalyzes the reduction of molec- 
ular oxygen via a process that is unusual 
in several different ways. First, the elec- 
troreduction occurs at a significantly more 
positive value than the formal potential ei- 
ther for the adsorbed porphyrin or for other 
monomeric porphyrins reported in the lit- 
erature. Under typical cyclic voltammetric 


conditions, the catalyst causes dioxygen 
to undergo a diffusion-controlled, four- 
electron reduction. Also, the contribution 
to the voltammetric response from the ad- 
sorbed monomer is still prominent and 
remains visible even as it acts to catalyze 
the reduction. Other cobalt porphyrins ad- 
sorbed onto a graphite electrode provided 
similar results [102]. Using two porphyrins 
without substituents in the meso ring po- 
sitions affords both water and hydrogen 
peroxide, whereas those with meso sub- 
stituents yield only hydrogen peroxide. It 
was argued that the presence of only hy- 
drogen or small alkyl groups in the meso 
positions of the porphyrin ring results 
in the spontaneous formation of van der 
Waals dimers, and it is these dimers that 
lead to the formation of water via the four- 
electron reduction. 

Ion-paired cobalt porphyrin dimers 
[103], (24), have also been shown to yield 
results that are similar to those for the 
van der Waals dimers discussed earlier. 
As individual units, the positively or 
negatively charged monomers are known 
to adsorb irreversibly onto the surface of 
glassy carbon electrodes. These surfaces 
then catalytically reduce molecular oxygen 
via a two-electron process. Individual 
monomers are also known to form stable 
dimers with monomers of the opposite 
charge when mixed together in solution. 
A study involving the use of a rotating 
disk electrode revealed that the ion-paired 
cobalt porphyrin dimer promotes the 
four-electron reduction of dioxygen with 
98% efficiency. 

Other studies [104-107] have shown 
varying degrees of success for the mod- 
ification of electrode surfaces to achieve 
the desired four-electron reduction. Use of 
a monolayer film of cobalt tetraphenylpor- 
phyrin on a gold(lll) surface [104] results 
in hydrogen peroxide as the predominant 
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product, whereas the combination of the 
same cobalt-containing porphyrin with sil- 
ica-metal oxide films [105, 106] afforded 
water as the main product. A set of flexible 
dimers [107], studied as possible models 
for cytochrome c oxidase, showed varying 
degrees of catalytic conversion of dioxygen 
to water. 

One final novel approach for the prepa- 
ration of catalytically active electrodes for 
chemical fuel cells has been heat-treating 
metal N 4 -chelates onto the surface of 
graphite [108-110]. By pyrolyzing cobalt 
porphyrins onto the graphite surface, one 
can observe a greatly enhanced catalytic 
ability for the reduction of molecular 
oxygen. One study [108] revealed that sub- 
stituted pyrroles can be used to prepare 
modified electrodes having a much higher 
catalytic activity than an electrode modified 
with cobalt tetraphenylporphyrin. Another 
investigation [109] showed that a moder- 
ately active surface can be formed by 
application of the catalyst to the electrode 
via a Nafion film prior to the pyrolysis step. 
A third study [110] involving cobalt cyclam 
demonstrated a much lower catalytic effec- 
tiveness than any other catalyst examined 


via this method. However, the one goal of 
all of these studies was the development of 
an efficient and inexpensive electrode that 
can be used to replace platinum. 

For at least 20 years, the research group 
of L’Her has been engaged in a number 
of investigations of the use of cobalt- 
containing macrocycles for the catalytic 
reduction of molecular oxygen. Some 
early work [111] centered on the oxygen- 
binding properties of a mixed-valence 
cobalt(III)-cobalt(II) cofacial diporphyrin 
species (25), whereas a later study [112] 
was concerned with the binding of dioxy- 
gen by the product of the two-electron 
oxidation of (25) under strictly anhydrous 
conditions. When adsorbed onto a graphite 
electrode, (25) is a potent catalyst for the 
four-electron reduction of dioxygen [113]. 
In another report, the effect of the dis- 
tance between the two cofacial porphyrin 
moieties was examined, and it was dis- 
covered that, for the largest separation, 
the two cobalt centers are oxidized or 
reduced simultaneously because they are 
noninteracting; however, for smaller dis- 
tances of separation, the two cobalt centers 
are oxidized and reduced separately [114]. 
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Multilayers of a species having a structure 
very similar to that of (25) were found to 
be adsorbed onto graphite and to promote 
the four-electron reduction of oxygen, but 
the process is potential-dependent and 
hydrogen peroxide can be formed at po- 
tentials negative with respect to that of 
the cobalt(III)-cobalt(II) couple [115]. Ad- 
ditional work along the lines of the already 
mentioned papers include studies of the 
effect of potential on the electroreflectance 
of a dicobalt bisporphyrin adsorbed onto 
graphite and gold surfaces [116], of the 
possible intermediacy of a /r-superoxo 
complex during the catalytic reduction of 


dioxygen by an oxidized form of a dicobalt 
cofacial bisporphyrin [117], of the catalytic 
activity of some heterodinuclear cofacial 
biphenylene- or anthracene-bridged bis- 
porphyrins [118], and of some structural 
and mechanistic aspects of the catalytic re- 
duction of dioxygen by dicobalt face-to-face 
diporphyrins [119]. 

As a last point, it should be mentioned 
that cobalt(II) salen (26) and cobalt(II) 
salophen (27) are known to interact with 
molecular oxygen in solution. Dioxygen 
forms a peroxo bridge between two 
cobalt centers, resulting in an often- 
undesired dicobalt(III) species that can 
attenuate the efficiency of electrogenerated 
cobalt(I) salen or cobalt(I) salophen for 
other reactions of interest, for example, 
the catalytic reduction of alkyl halides 
discussed in the following text. 

On the other hand, the two-to-one adduct 
arising from the spontaneous reaction 
between dioxygen and a pair of either 
cobalt(II) salen or cobalt(II) salophen 
species provides an avenue for the catalytic 
reduction of dioxygen to the superoxide 
ion, C> 2 ~ [120]. 

19.3.2.2 Carbon Dioxide 

Experimentation with the catalytic reduc- 
tion of carbon dioxide has stemmed from 
several important factors. Its presence as a 
“greenhouse” gas within the atmosphere 
has led to the need to find effective meth- 
ods to lower its concentration. Also, as 



( 26 ) 



( 27 ) 



one of the most abundant sources of car- 
bon, its possible use as a precursor for the 
synthesis of organic compounds makes 
it a much-sought alternative to crude oil. 
Finally, the fixation of carbon dioxide is 
an important step in the photosynthetic 
process. Research pertaining to electrocat- 
alysts for the reduction of carbon dioxide 
may help to elucidate the biomolecules re- 
sponsible for this process as well as the 
mechanisms involved. 

Several organocobalt species have been 
observed to catalyze the two-electron 
reduction of carbon dioxide. Depending on 
the pathway for reduction that is followed, 
different products arise. If the reaction 
proceeds via rapid sequential uptake of two 
electrons, carbon monoxide is produced: 

CO 2 + e ^ [C0 2 ] 

[C0 2 ]“ + e“ + H 2 0 -> CO + 20H“ 

However, in the presence of a proton 
donor, a slow secondary electron transfer 
may be preceded by a chemical reaction: 

C0 2 + e ; S [C0 2 ] 

[Co 2 r + h+^^hco 2 
HC0 2 + e“^^[HC0 2 r 

Protonation of the last product affords 
formic acid. 

Often intertwined with the catalytic re- 
duction of carbon dioxide is the reduction 
of protons to form hydrogen gas. This 
competitive process takes place because 
of the relatively modest cathode potential 
required for hydrogen evolution. More- 
over, some catalysts can shift the potential 
needed for the evolution of hydrogen into 
the region of the catalytic reduction of 
carbon dioxide, thereby decreasing the 
efficiency for the desired process involv- 
ing carbon dioxide. This problem was 
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reported by Grodkowski etal. [121], who 
examined the behavior of an electrogener- 
ated cobalt(I) corrole as a catalyst for C0 2 
reduction, and in an earlier paper by Abe 
etal. [122], who investigated the catalytic 
reduction of C0 2 at a graphite electrode 
coated with cobalt octacyanophthalocya- 
nine. In both accounts, the major products 
of the reduction were CO and H 2 . In the 
former work, the slowness of the reac- 
tion with C0 2 at potentials corresponding 
to those of the cobalt(II)-cobalt(I) couple 
may have allowed concomitant hydrogen 
evolution to occur. In the latter research, 
the reduction of carbon dioxide occurred 
most selectively in an aqueous medium of 
pH 9.3; nevertheless, the CO-to-H 2 ratio 
was still approximately 10. 

On the other hand, in two other pa- 
pers, the formation of hydrogen gas was 
not mentioned, whereas carbon monox- 
ide and formic acid were both observed 
as products. In studies carried out by 
Ogura and coworkers [123], electrogener- 
ated [Co(PPh 3 ) 2 L]° (where L is a substi- 
tuted quinoline, bipyridine, or phenan- 
throline moiety) was employed as a catalyst 
for the reduction of C0 2 in anhydrous or- 
ganic solvents, conditions for which the 
current efficiency for production of CO 
(the main product) was 83%. Similarly, in 
an investigation done by Behar et al. [124], 
who used cobalt porphyrins as catalysts 
in an acetonitrile medium, the formation 
of both carbon monoxide and formic acid 
was noted; however, the catalytic species 
did not appear to contain cobalt(I), but 
rather a cobalt(O) species complexed with 
carbon dioxide. 

19.3.2.3 Catalytic Interactions of 
Cobalt-containing Species with Alkyl and 
Aryl Halides 

Electrogenerated cobalt(I) salen (26) and 
its analogs are well known as catalysts 
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for the one-electron reduction of organic 
halides (RX). Fundamentally, the process 
(with (26) denoted by [Co(II)L]) involves the 
reversible reduction of cobalt(II) salen to 
cobalt(I) salen, followed by rapid oxidative 
addition of the cobalt(I) species to RX to 
form an organocobalt(III) salen: 

[Co(II)L] + e _ ^=^[Co(I)L] _ 

[Co(I)L]“ + RX > [RCo(III)L] + X“ 

Formation of the organocobalt(III) 
salen intermediate is the essential 
step in the process. Once formed, 
the organocobalt(III) salen species can 
undergo another one-electron reduction. 
If the organic moiety has little affinity for 
an electron, the reduction affords cobalt(I) 
salen and an organic radical: 

[RCo(III)L] + e“ > [Co(I)L]" + R- 

An example of this behavior is seen for 
the catalytic reduction of iodoethane [125], 
On the other hand, if the organic moiety 
is electron attracting, cobalt(II) salen and 
a carbanion are formed: 

[RCo(III)L] + e~ * [Co(II)L] + R“ 

This latter behavior is encountered in 
the catalytic reduction of ethyl chloroac- 
etate [126]. 

Although the bond between cobalt and 
the organic moiety of the organocobalt(III) 
salen can be readily photolyzed to give 
cobalt(II) salen and an organic radical, 
these species usually recombine if formed 
in a solvent cage. 

Some of the earlier work pertaining to 
the cobalt(I) salen-catalyzed reduction of 
organic halides is mentioned in a recent 
review [127]. Fry and coworkers have ex- 
amined in detail the catalytic reductions 
by electrogenerated cobalt(I) salen of both 


benzal chloride [128] and benzotrichlo- 
ride [129], and other investigations of 
the cobalt(I) salen-catalyzed reductions of 
alkyl halides and dihalides have been re- 
ported [130-132]. A number of studies 
of the use of electrogenerated cobalt(I) 
species (in particular, cobalt(I) salen, vi- 
tamin Bi 2 s, and cobalt(I) phthalocyanine) 
as catalysts for the reductive cleavage 
of halogenated organic compounds in 
homogeneous phases and in bicontinu- 
ous microemulsions have been described 
by Rusling and his colleagues [133-135]. 
Catalytic degradation of Freon-113 (1,1,2- 
trichloro-l,2,2-trifluoroethane) by electro- 
generated cobalt(I) salen has recently been 
reported [136], 

It is possible to observe the reversible 
one-electron oxidation of cobalt(II) salen to 
cobalt(III) salen in a nonaqueous solvent 
such as acetonitrile [137]: 

[Co(II)L]^^[Co(III)L] + + e“ 

Parenthetically, it should be mentioned 
that, although electrogenerated cobalt(III) 
salen should be capable of serving as a 
catalyst for a variety of indirect oxidations, 
no report of an application has yet 
appeared in the literature. 

Other publications dealing with the cat- 
alytic ability of electrogenerated cobalt(I) 
species have appeared. Cob(I)alamin re- 
acts with 1,4-dibromobutane to yield a tet- 
ramethylene- 1 ,4-di-Co p -cobalamin comp- 
lex [138]. Alkyl radicals (which arise 
from the oxidative addition of cobalt(I) 
tetraphenyl porphyrin to an alkyl halide) 
have been found to migrate from the cobalt 
center to a nitrogen of a pyrrole ring [139]. 

In a series of investigations [140-146], 
Gomes et al. utilized cobaltous bromide 
(although some work was done with 
cobaltous chloride) as a precursor for 
the catalytic reduction of aryl halides in 
the presence of activated olefins to afford 



adducts in which carbon-carbon bonds 
are formed, as exemplified by the following 
process: 



FG (functional group) = p-COOEt 
p-COMe 
p-CF 3 
p-CN 
p-CHO 
p-OMe 
o-COMe 

Electroreduction of the cobalt(II) salt 
in a mixture of either dimethylform- 
amide- pyridine or acetonitrile -pyridine 
as solvent, often in the presence of 
bipyridine, produces a catalytically active 
cobalt(I) complex which is believed to be 
cobalt(I) bromide with attached bipyridine 
ligands (or pyridine moieties in the ab- 
sence of bipyridine). As quickly as it is 
electrogenerated, the active catalyst re- 
duces an aryl halide, after which the 
resulting aryl radical can undergo coupling 
with an acrylate ester [141], a different aryl 
halide (to form a biaryl compound) [142], 
an activated olefin [143], an allylic carbon- 
ate [144], an allylic acetate [144, 145], or a 
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vinylic acetate [146]. It is notable that in 
all these studies a sacrificial iron anode 
was used and, in some of the work, it was 
found that the desired coupling product 
could not be formed in the absence of iron 
as the anode material. It is still unknown 
exactly what role iron plays in the catalytic 
process. 

In recent research, Shimakoshi 
et al. [147] synthesized a novel complex 
consisting of two cobalt salen moieties 
joined by a methylene bridge (28). 

In a fashion similar to that of cobalt 
salen, distinct redox chemistry can be ob- 
served for each of the two cobalt centers 
of (28). Coulometric studies showed that 
the complex can undergo a one-electron 
reduction as well as a one-electron 
oxidation of each cobalt center and that 
there is no interaction between those cobalt 
centers. Thus, the two metal centers can 
be used as separate catalytic sites for the 
reduction of halogenated organic com- 
pounds. In the same article [147] is a list 
of literature citations of work done over 
the past 20 years by the group of Hisaeda 
on the catalytic behavior of electroreduced 
vitamin B 12 derivatives. 

19.3.2.4 Hydrazine 

Hydrazine compounds are widely used 
as fuels, corrosion inhibitors, catalysts, 
and dyes. However, such compounds are 
recognized as toxic agents; consequently, 
their detection and processing are of 
much concern. Only a few recent papers 
pertain to the catalytic oxidation of hy- 
drazine [148-150], with special emphasis 





( 28 ) 
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on the use of chemically modified elec- 
trodes. Direct oxidation of hydrazine at 
unmodified electrodes is rendered diffi- 
cult by the relatively high overpotential 
for the process, so catalysts are needed 
to allow work at more convenient poten- 
tials. 

References 


1. N. Maki, N. Tanaka, in Encyclopedia of Elec- 
trochemistry of the Elements (Ed.: A. J. Bard), 
Marcel Dekker, New York, 1975, pp. 
43-210, Vol. III. 

2. L. Meites, P. Zuman, A. Narayanan et al., 
CRC Handbook Series in Inorganic Electro- 
chemistry, CRC Press, Boca Raton, 1980, 
Vol. I. 

3. N. Maki, N. Tanaka, in Standard Poten- 
tials in Aqueous Solution (Eds.: A. J. Bard, 
R. Parsons, J. Jordan), Marcel Dekker, New 
York, 1985, pp. 367-382. 

4. G. Wilkinson, F. G. A. Stone, E. W. Abel, 
Comprehensive Organometallic Chemistry, 
Pergamon Press, Oxford, 1982. 

5. E. W. Abel, F. G. A. Stone, G. Wilkinson, 
Comprehensive Organometallic Chemistry II, 
Pergamon Press, Oxford, 1995. 

6. E. T. Verdier, G. Baptiste, J. Electroanal. 
Chem. 1965, 10, 42-50. 

7. B. Warnqvist, Inorg. Chem. 1970, 9, 

682-684. 

8. G. Davies, B. Warnqvist, J. Chem. Soc., 
Dalton Trans. 1973, 900-902. 

9. P. A. Rock, Inorg. Chem. 1968, 7, 837-840. 

10. H. A. Laitinen, C. H. Liu, J. Am. Chem. Soc. 
1958, 80, 1015-1020. 

11. S. N. Flengas, T. R. Ingraham, J. Elec- 
trochem. Soc. 1959, 106, 714-721. 

12. H. C. Gaur, W. K. Behl, J. Electroanal. 
Chem. 1963, 5, 261-269. 

13. D. N. Hume, I. M. Kolthoff, J. Am. Chem. 
Soc. 1949, 71, 867-869. 

14. W. D. Treadwell, D. Huber, Helv. Chim. 
Acta 1943, 26, 10-17. 

15. J. I. Watters, I. M. Kolthoff, Anal. Chem. 

1949, 21, 1466-1469. 

16. I. M. Kolthoff, J. I. Watters, Anal. Chem. 

1950, 22, 1422-1426. 

17. G. Clement, M. R. Paris, Anal. Chim. Acta 
1979, 110,227-232. 


18. Z. Zhiping, D. R. MacFarlane, J. Non-Cryst. 
Solids 1992, 140, 215-219. 

19. P. Sharma, S. Kumbhat, C. Rawat, Int. J. 
Environ. Anal. Chem. 1992, 48, 201-207. 

20. P. Sharma, C. Rawat, J. Indian Chem. Soc. 
1995, 72, 283-284. 

21. F. Cordon, S. A. Ramirez, G. J. Gordillo, J. 
Electroanal. Chem. 2002, 534, 131-141. 

22. G. R. Lakshminarayanan, E. S. Chen, J. C. 
Sadak et al., J. Electrochem. Soc. 1976, 123, 
1612-1616. 

23. T. C. Franklin, A. Aktan,/. Electrochem. Soc. 
1988, 135, 1636-1638. 

24. E. Guaus, J. Torrent-Burgues, Port. Elec- 
trochim. Acta 2001, 19, 237-245. 

25. L. H. Mendoza-Huizar, J. Robles, M. Palo- 
mar-Pardave, J. Electroanal. Chem. 2003, 
545, 39-45. 

26. H. Nakano, K. Nakahara, S. Kawano et al., 
J. Appl. Electrochem. 2002, 32, 43-48. 

27 '. T. S. Eagleton, J. P. G. Farr, Trans. Inst. Met. 
Finish. 2002, 80, 9-12. 

28. T. Cohen-Hyams, W. D. Kaplan, J. Yaha- 
lom, Electrochem. Solid State Lett. 2002, 5, 
C75-C78. 

29. S. Floate, M. Hyde, R. G. Compton, J. Elec- 
troanal. Chem. 2002, 523, 49-63. 

30. R. F. Renner, K. C. Liddell, J. Appl. Elec- 
trochem. 2002, 32, 621-627. 

31. E. Gomez, E. Valles, J. Appl. Electrochem. 
2002, 32, 693-700. 

32. S. S. Abd El Rehim, M. A. M. Ibrahim, 
M. M. Dankeria, J. Appl. Electrochem. 2002, 
32, 1019-1027. 

33. S. P. Jiang, Y. Z. Chen, J. K. You et al., J. 
Electrochem. Soc. 1990, 137, 3374-3380. 

34. S. P. Jiang, A. C. C. Tseung, J. Electrochem. 
Soc. 1990, 137, 3381-3386. 

35. S. P. Jiang, A. C. C. Tseung, J. Electrochem. 
Soc. 1990, 137, 3387-3393. 

36. C. Q. Cui, S. P. Jiang, A. C. C. Tseung, J. 
Electrochem. Soc. 1990, 137, 3418-3423. 

37. C. Q. Cui, S. P. Jiang, A. C. C. Tseung, J. 
Electrochem. Soc. 1991, 138, 94-100. 

38. J. A. Mitchell, W. R. Pitner, C. L. Hussey 

et al., J. Electrochem. Soc. 1996, 143, 

3448-3455. 

39. P.-Y. Chen, I.-W. Sun, Electrochim. Acta 
2001, 46, 1169-1177. 

40. P. Sahoo, S. V. Narasimhan, Bull. Elec- 
trochem. 1998, 14, 22-25. 

41. P. N. Bartlett, P. N. Birkin, M. A. Ghanem 

et al., J. Electrochem. Soc. 2001, 148, 

C119-C123. 



42. J. Henry, K. Ounadjela, L. Pirauxet al., Eur. 
Phys.J. B 2001, 20, 35-54. 

43. L. Li.J. Mater. Sci. Lett. 2001, 20, 1459-1461. 

44. J. Bao, Z. Xu, J. Hong et al., Scr. Mater. 
2004, 50, 19-23. 

45. J. Fiedler, C. Nervi, D. Osella et al., J. Chem. 
Soc., Dalton Trans. 2002, 3705-3711. 

46. J. Classen, R. Gleiter, F. Rominger, Eur. J. 
Inorg. Chem. 2002, 2040-2046. 

47. H. Shimakoshi, M. Koga, Y. Hisaeda, Bull. 
Chem. Soc.Jpn. 2002, 75, 1553-1558. 

48. K. M. Radish, N. Guo, E. Van Caemelbecke 
et al., J. Porphyrins Phthalocyanines 1998, 2, 
439-450. 

49. Y. Le Mest, M. L’Her, J. Courtot-Coupez 
et al., J. Electroanal. Chem. 1985, 184, 
331-346. 

50. S. Brooker, R. J. Kelly, P. G. Plieger, Chem. 
Commun. 1998, 1079-1080. 

51. K. Dimitrou, A. D. Brown, G. Christou 
et al., Chem. Commun. 2001, 1284-1285. 

52. M. Stephan, J. Hauss, U. Zenneck et al., 
Inorg. Chem. 1994, 33, 4211-4215. 

53. M. Stephan, P. Mueller, U. Zenneck et al., 
Inorg. Chem. 1995, 34, 2058-2067. 

54. H. Yao, M. Sabat, R. N. Grimes et al., 
Organometallics 2003, 22, 2581-2593. 

55. T. Aviles, A. Dinis, J. Orlando Goncalves 
et al., J. Chem. Soc., Dalton Trans. 2002, 
4595-4602. 

56. A. E. Gerbase, E. J. S. Vichi, E. Stein et al., 
Inorg. Chim. Acta 1997, 266, 19-27. 

57. C. J. McAdam, N. W. Duffy, B. H. Robinson 
et al., J. Organomet. Chem. 1997, 527, 
179-190. 

58. C. J. McAdam, J. J. Brunton, B. H. Robin- 
son et al., J. Chem. Soc., Dalton Trans. 1999, 
2487-2496. 

59. L.-A. Hore, C. J. McAdam, J. L. Kerr et al., 
Organometallics 2000, 19, 5039-5048. 

60. C. Evans, G. J. Harfoot, J. S. Mclndoe et al., 
J. Chem. Soc., Dalton Trans. 2002, 
4678-4683. 

61. A. R. Manning, C. J. McAdam, A. J. Palmer 
et al., J. Chem. Soc., Dalton Trans. 2003, 
4472-4481. 

62. H. D. Dewald, J. Chen, Microchem. J. 1997, 
56, 197-206. 

63. K. L. Brown, J. Shaw, M. Ambrose et al., 
Microchem. J. 2002, 72, 285-298. 

64. S. Brooker, Eur. J. Inorg. Chem. 2002, 
2535-2547. 

65. K. M. Radish, B. C. Han, A. Endo, Inorg. 
Chem. 1991, 30, 4502-4506. 


7 9.3 Electrochemistry of Organocobalt Species | 553 

66. F. D’Souza, A. Villard, E. Van Caemelbecke 
et al., Inorg. Chem. 1993, 32, 4042-4048. 

67. G. B. Addo-Richter, S. J. Hodge, G.-B. Yi 
et al., Inorg. Chem. 1996, 35, 6530-6538. 

68. K. M. Kadish, Z. Ou, X. Tan et al., J. Chem. 

Soc., Dalton Trans. 1999, 1595-1602. 

69. M. Autret, Z. Ou, A. Antonini etal., J. 

Chem. Soc., Dalton Trans. 1996, 2793-2797. 

70. K. M. Kadish, J. Li, E. Van Caemelbecke 
et al., Inorg. Chem. 1997, 36, 6292-6298. 

71. K. M. Kadish, N. Guo, E. Van Caemelbecke 
et al., J. Porphyrins Phthalocyanines 1998, 2, 
439-450. 

72. K. M. Kadish, }. Shao, Z. Ou et al., J. Por- 
phyrins Phthalocyanines 2000, 4, 639-648. 

73. R. Guilard, F. Jerome, C. P. Gros et al., C. R. 

Acad. Sci., Ser. lie: Chim. 2001, 4, 245-254. 

74. Y. Le Mest, M. L’Her, J.-Y. Saillard, Inorg. 

Chim. Acta 1996, 248, 181-191. 

75. T. Nagata, Y. Kikuzawa, A. Osuka, Inorg. 

Chim. Acta 2003, 342, 139-144. 

76. K. M. Kadish, W. Koh, P. Tagliatesta et al., 

Inorg. Chem. 1992, 31, 2305-2313. 

77. V. A. Adamian, F. D’Souza, S. Licoccia 
et al., Inorg. Chem. 1995, 34, 532-540. 

78. S. Will, J. Lex, E. Vogel et al., Inorg. Chem. 

1996, 35, 5577-5583. 

79. K. M. Kadish, V. A. Adamian, E. Van 
Caemelbecke et al., J. Am. Chem. Soc. 1998, 

120, 11986-11993. 

80. R. Guilard, F. Jerome, J.-M. Barbe et al., 

Inorg. Chem. 2001, 40, 4856-4865. 

81. K. M. Kadish, Z. Ou, J. Shao et al., Inorg. 

Chem. 2002, 41, 3990-4005. 

82. R. Guilard, C. P. Gros, F. Bolze et al., Inorg. 

Chem. 2001, 40, 4845-4855. 

83. K. M. Kadish, J. Shao, Z. Ou et al., Inorg. 

Chem. 2003, 42, 4062-4070. 

84. F. D’Souza, P. Boulas, A. M. Aukauloo 
et al.,/. Phys. Chem. 1994, 98, 11885-11891. 

85. K. M. Kadish, P. L. Boulas, M. Kisters et al., 

Inorg. Chem. 1998, 37, 2693-2700. 

86. Z. A. Siddiqi, V. J. Mathew, Polyhedron 
1994, 13, 799-805. 

87. E. Simon, E. Sable, H. Handel et al., Elec- 
trochim. Acta 1999, 45, 855-863. 

88. K.-Y. Choi, Inorg. Chem. Commun. 2002, 5, 
220 - 222 . 

89. V. M. Jovanovic, K. Babic-Samardzija, S. P. 

Sovilj, Electroanal. 2001, 13, 1129-1135. 

90. K. Babic-Samardzija, S. P. Sovilj, V. M. 
Jovanovic, J. Serb. Chem. Soc. 2003, 68, 
989-999. 



554 | 7 9 Electrochemistry of Cobalt-containing Species 

91. F. Lelj, G. Morelli, G. Ricciardi et al., Inorg. 
Chim. Acta 1990, 176, 189-194. 

92. P. J. Lukes, A. C. McGregor, T. Clifford 
etal., Inorg. Chem. 1992, 31, 4697-4699. 

93. C. Miry, D. Le Brun, J.-M. Kerbaol et al., /. 
Electroanal. Chem. 2000, 494, 53-59. 

94. f. Taraszewska, G. Roslonek, B. Korybut- 
Daszkiewicz, J. Electroanal. Chem. 1991, 
297, 245-255. 

95. B. Korybut-Daszkiewicz, J. Taraszewska, 
K. Zieba et al., Eur. J. Inorg. Chem. 2003, 
1741-1747. 

96. E. Simon, P. L’Haridon, R. Pichon et al., 
Inorg. Chim. Acta 1998, 282, 173-179. 

97. C. Shi, B. Steiger, M. Yuasa et al., Inorg. 
Chem. 1997, 36, 4294-4295. 

98. B. Steiger, F. C. Anson, Inorg. Chem. 1997, 
36, 4138-4140. 

99. M. Yuasa, B. Steiger, F. C. Anson, /. Por- 
phyrins Phthalocyanines 1997, 1, 181-188. 

100. B. Steiger, F. C. Anson, Inorg. Chem. 2000, 
39, 4579-4585. 

101. C. Shi, F. C. Anson, Inorg. Chem. 1998, 37, 
1037-1043. 

102. E. Song, C. Shi, F. C. Anson, Langmuir 

1998, 14, 4315-4321. 

103. F. D’Souza, Y.-Y. Hsieh, G. R. Deviprasad, 
Chem. Commun. 1998, 1027-1028. 

104. S. Yoshimoto, A. Tada, K. Suto et al., Lang- 
muir 2003, 19, 672-677. 

105. C. A. Pessoa, Y. Gushikem, J. Porphyrins 
Phthalocyanines 2001, 5, 537-544. 

106. A. M. Castellani, Y. Gushikem, J. Colloid 
Interface Sci. 2000, 230, 195-199. 

107. C. f. Chang, Y. Deng, D. G. Nocera et al., 
Chem. Commun. 2000, 1355-1356. 

108. A. L. Bouwkamp-Wijnoltz, W. Visscher, 
J. A. R. Van Veen et al., Electrochim. Acta 

1999, 45, 379-386. 

109. T. Okada, M. Yoshida, T. Hirose et al., Elec- 
trochim. Acta 2000 , 45, 4419-4429. 

110. H. Kalvelage, A. Mecklenburg, U. Kunz 
et al., Chem. Eng. Technol. 2000 , 23, 
803-807. 

111. Y. Le Mest, M. L’Her, J. P. Collman et al.,/. 
Am. Chem. Soc. 1986, 108, 533-535. 

112. Y. Le Mest, M. L’Her,/. Chem. Soc., Chem. 
Commun. 1995, 1441-1442. 

113. E. Ngameni, Y. Le Mest, M. L’Her et al., /. 
Electroanal. Chem. 1987, 220, 247-257. 

114. Y. Le Mest, M. L’Her, J. P. Collman et al.,/. 
Electroanal. Chem. 1987, 234, 277-295. 


115. J. P. Collman, N. H. Hendricks, C. R. 
Leidner et al., Inorg. Chem. 1988, 27, 
387-393. 

116. E. Ngameni, A. Laouenan, M. L’Her etal., 
/. Electroanal. Chem. 1991, 301, 207-226. 

117. f. P. Collman, J. E. Hutchison, M. A. Lopez 

etal., /. Am. Chem. Soc. 1992, 114, 

9869-9877. 

118. R. Guilard, S. Brandes, C. Tardieux et al.,/. 
Am. Chem. Soc. 1995, 117, 11721-11729. 

119. Y. Le Mest, C. Inisan, A. Laouenan et al., /. 
Am. Chem. Soc. 1997, 119, 6095-6106. 

120. B. Ortiz, S.-M. Park, Bull. Korean Chem. Soc. 
2000, 21, 405-411. 

121. J. Grodkowski, P. Neta, E. Fujita et al., /. 
Phys. Chem. A 2002, 106, 4772-4778. 

122. T. Abe, H. Imaya, T. Yoshida et al., /. Por- 
phyrins Phthalocyanines 1997, 1, 315-321. 

123. A. G. M. Mostafa Hossain, T. Nagaoka, 
K. Ogura, Electrochim. Acta 1997, 42, 
2577-2585. 

124. D. Behar, T. Dhanasekaran, P. Neta et al.,/. 
Phys. Chem. A 1998, 102, 2870-2877. 

125. K. S. Alleman, D. G. Peters, J. Electroanal. 
Chem. 1998, 451, 121-128. 

126. L. J. Klein, K. S. Alleman, D. G. Peters et al., 
/. Electroanal. Chem. 2000, 481, 24-33. 

127. D. G. Peters, in Organic Electrochemistry, 4th 
ed. (Eds.: H. Lund, O. Hammerich), Marcel 
Dekker, New York, 2000, p. 368. 

128. A. J. Fry, A. H. Singh, J. Org. Chem. 1994, 
59, 8172-8177. 

129. S. A. Kaufman, T. Phanijphand, A. J. Fry, 
Tetrahedron Lett. 1996, 37, 8105-8108. 

130. A. A. Isse, A. Gennaro, E. Vianello, /. Elec- 
troanal. Chem. 1998, 444, 241-245. 

131. K. S. Alleman, D. G. Peters, J. Electroanal. 
Chem. 1999, 460, 207-213. 

132. D. Pletcher, H. Thompson, /. Electroanal. 
Chem. 1999, 464, 168-175. 

133. D.-L. Zhou, J. Gao, J. F. Rusling, /. Am. 
Chem. Soc. 1995, 117, 1127-1134. 

134. D.-L. Zhou, H. Carrero, J. F. Rusling, Lang- 
muir 1996, 12, 3067-3074. 

135. ). F. Rusling, D.-L. Zhou, J. Electroanal. 
Chem. 1997, 439, 89-96. 

136. J. D. Persinger, J. L. Hayes, L. J. Klein et al., 
/. Electroanal. Chem. 2004, 568, 157-165. 

137. M. J. Samide, D. G. Peters, J. Pharm. 
Biomed. Anal. 1999, 19, 193-203. 

138. B. Kraeutler, T. Derer, P. Liu et al., Angew. 
Chem., Int. Ed. Engl. 1995, 34, 84-86. 

139. G. Zheng, M. Stradiotto, L. Li,/. Electroanal. 
Chem. 1998, 453, 79-88. 



140. P. Gomes, C. Gosmini, J.-Y. Nedelec etal., 
Tetrahedron Lett. 2000, 41, 3385-3388. 

141. P. Gomes, C. Gosmini, J.-Y. Nedelec etal., 
Tetrahedron Lett. 2002 , 43, 5901-5903. 

142. P. Gomes, H. Fillon, C. Gosmini et al., 
Tetrahedron 2002 , 58, 8417-8424. 

143. P. Gomes, C. Gosmini, J. Perichon, Synlett 
2002, 1673-1676. 

144. P. Gomes, C. Gosmini, J. Perichon, J. Org. 
Chem. 2003 , 68, 1142-1145. 

145. P. Gomes, C. Gosmini, J. Perichon, Org. 
Lett. 2003 , 5, 1043-1045. 


7 9.3 Electrochemistry of Organocobalt Species | 555 

146. P. Gomes, C. Gosmini, J. Perichon, Tetra- 
hedron 2003 , 59, 2999-3002. 

147. H. Shimakoshi, W. Ninomiya, Y. Hisaeda, 

J. Chem. Soc., Dalton Trans. 2001 , 
1971-1974. 

148. G. Cepria, J. R. Castillo,/. Appl. Electrochem. 

1998 , 28, 65-70. 

149. S.-M. Chen, Electrochim. Acta 1998 , 43, 
3359-3369. 

150. C. A. Pessoa, Y. Gushikem, S. Nakagaki, 
Electroanal. 2002 , 14, 1072-1076. 




565 


20 

A Few Selected Aspects of 
Electrode-induced Reactions at 
Mono- and Dinuclear 
Molybdenum-sulfur Centers 

Dedicated to the memory of Alain Talarmin 

Francois Y. Petillon, Philippe Schollhammer, and Jean Talarmin 
Universite de Bretagne Occidentale, 29283 Brest Cedex 3, France 

20.1 Introduction 567 

20.2 Mononuclear Mo— S Centers 567 

20.2.1 Electron Transfer-induced Structure Change 567 

20.2.2 Electrochemically Induced Metal-ligand Bonds Cleavage 568 

20.2.3 Electrochemical Transformation of Ligands 571 

20.3 Dinuclear Thiolate-bridged Molybdenum Complexes 573 

20.3.1 Electron Transfer-induced Structure Changes 573 

20.3.2 Electron Transfer-induced and Electron Transfer-catalyzed Ligand 

Substitution 576 

20.3.3 Electrochemically Induced Metal-Ligand Bonds Cleavage 577 

20.3.4 Electrochemical Deprotection of a Substrate-binding Site 581 

20.3.5 Electrochemical Transformations of Bound Substrate 582 

20.4 Conclusion 588 

Acknowledgments 589 

References 589 




20.1 

Introduction 

A large number of studies devoted to 
metal -sulfur centers are motivated by the 
occurrence of such arrangements at the ac- 
tive site of various metalloenzymes [1-13]. 
Mononuclear complexes with Mo=0 func- 
tion^) and possessing sulfur ligands in 
their coordination sphere have been exten- 
sively investigated since they can be seen 
as models of the active site of enzymes 
such as nitrate- and DMSO reductases or 
sulfite- and xanthine oxidases [1-4]. On 
the other hand, a large variety of mono-, 
di-, and polynuclear Mo— S centers have 
been synthesized in order to produce func- 
tional models of the Mo-nitrogenase since 
the exact nature (mono-, di- or polynu- 
clear) of the metal center, where N 2 
interacts within the iron-molybdenum co- 
factor (FeMo— co) of the enzyme is still 
unknown [4-8]. 

Although many studies of Mo— S com- 
plexes make use of electrochemical tech- 
niques, and particularly of cyclic voltam- 
metry (CV), this is often restricted to 
measurements of redox potentials, and 
to discussions of their variation with 
structure or of their relationships with 
spectroscopic properties. Such examples 
can be found in the above-mentioned re- 
views. In this article, we will comment 


on a few studies where chemical reactions 
such as structural changes, metal-ligand 
bond(s) cleavage, substitution, transfor- 
mations of ligands, were induced or 
catalyzed by electron transfer step(s). 
This will be illustrated, in the case of 
mononuclear Mo— S centers, by complexes 
in which the sulfur ligands are sup- 
plied by a tetrathioether macrocycle, by 
dithiocarbamates, or by ligands provid- 
ing a mixed thiolate/thioether donor set. 
In the case of binuclear complexes, we 
will focus on compounds where thiolate 
bridges link the metal centers, although 
examples of compounds containing sul- 
fide or thioether groups will be briefly 
mentioned. 


20.2 

Mononuclear Mo— S Centers 

20 . 2.1 

Electron Transfer-induced Structure Change 

The occurrence of structure changes as 
a result of electron transfer steps is 
well-documented [14-16]. Such a reaction 
has been observed for a molybdenum 
complex of the macrocyclic tetrathioether 
Me 8 [16]aneS 4 (Me 8 [16]aneS 4 = 3,3,7,7,11, 
11,15,1 5 -octamethyl- 1,5,9,13 -tetrathiacycl- 
ohexadecane) [17-20], which is among the 
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rare [21] Mo— S site able to bind N 2 [18]. neutral Mo(II) complex (syn) and in the 
The electrochemical behavior of the Mo(II) Mo(III) cation (anti) [20]. The fluxional be- 
precursor of the bis-N 2 complex, namely havior of the complexes was rationalized 
trans-[MoX2(Me8[16]aneS4)] 1 (X = Cl, in terms of electronic effects, since the 
Br), has been investigated in order to com- anti conformation favored at the Mo(III) 
pare with the phosphorus-ligated analog, level would maximize net charge dona- 
trans-[MoX 2 (dppe) 2 ] (X = Cl, Br) [22]. The tion by the sulfur ligands and compensate 
oxidation of 1 (X = Br) [20] at room tem- for the decrease of the electron density 
perature appeared as an uncomplicated, re- at the metal center resulting from the 
versible, diffusion-controlled one-electron one-electron oxidation. It is also inter- 
step with E\/ 2 ox = —0.52 V/Fc (Fc = esting to note that the two axial sites 
ferrocene). However, the CV recorded at are not equivalent for the syn confor- 
—55 °C in dichloromethane showed two mation of the macrocycle [19]. Therefore, 
partially reversible oxidation processes, at the one-electron oxidation of 1 might in- 
—0.65 V and —0.47 V. The temperature- duce a different reactivity of the complex, 
dependence of the oxidation of 1 was not only because of the change in the 
assigned to the occurrence of dynamic metal oxidation state but also, possibly, 
equilibria involving two different conform- because of different geometric/steric re- 
ers of the neutral and cationic complexes, quirements. 
differing by the “all-up” (syn) or “up-up- 
down-down” (anti) conformation of the 20.2.2 

carbon ring atoms of the crown thioether Electrochemically Induced Metal-ligand 
(Sch. 1) [20], Bonds Cleavage 

This assignment is supported by the X- 

ray crystal structures of 1 and 1 + (X = Br), The electrochemical behavior of the seven- 
which show the different arrangements coordinate complexes [MoOX 2 (dtc) 2 ] 2 
adopted by the macrocyclic ligand in the (X = Cl, Br; dtc = S 2 CNEt 2 ), [MoO(cat) 



Scheme 1 Carbon ring atoms at the front and at the back were omitted for clarity; potentials are 
relative to Fc + /Fc. 



(dtc) 2 ] 3 , and [MoO(dtc) 3 ] + 4 + has been 
investigated in order to evaluate the role 
of the metal environment on the elec- 
tron transfer processes [23]. The reduc- 
tion of 2 - 4 + was shown to result in 
metal-ligand bonds cleavage, according 
to mechanisms that depend on the nature 
of the ligands present in the coordination 
sphere. 

The CV of [MoOX 2 (dtc) 2 ] 2 in MeCN 
showed that the complex reduces in an 
irreversible two-electron step, with the 
elimination of both halide ligands (Sch. 2). 
The metal product of the electrochemi- 
cal reduction, [MoO(dtc) 2 ], detected by CV 
through its reduction and oxidation sys- 
tems, was obtained by controlled-potential 
reduction of 2 (2 F mol -1 2 ). 

The process in Sch. 2 is chemically 
reversible since controlled potential oxi- 
dation of [MoO(dtc) 2 ] in the presence of 
an excess chloride regenerated 2 after the 
transfer of ca. 2F mol -1 [MoO(dtc) 2 ]. The 
detailed mechanism represented in Sch. 3 


Scheme 2 


20.2 Mononuclear Mo~ S Centers 

was confirmed by investigations of the in- 
dividual steps. 

The loss of a halide from 2 (step C4) 
was shown to be a reversible reaction, 
which was more shifted toward the 
monohalide cation for X = Br than for 
X = Cl. The electrochemical steps E2 
and E4 were studied using the Mo(V) 
complex [MoOCl(dtc) 2 ]. The reduction of 2 
follows the E1-C1-E2-C2 pathway and the 
oxidation of [MoO(dtc) 2 ] the E3-C3-E4-C4 
pathway [23]. 

The two-electron reduction of both 3 
and 4 + resulted in the elimination of a 
dtc - ligand [23]. For these compounds, the 
two-electron reduction could be resolved 
in two separate one-electron steps. The 
first electron transfer for both 3 and 
4 + led to partial dissociation of a dtc 
ligand; nevertheless this step was quasi- 
reversible, as evidenced by the scan rate 
dependence of the peak-to-peak separation 
(A E p ) [24] (Sch. 4). This was assigned to 
the fact that the decoordinated sulfur atom 

+ 2e 

MoOCI 2 (dtc) 2 »- MoO(dtc) 2 + 2CI _ 
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E E = dtc, n=1, 4 + ; E E = cat, n = 0, 3 

Scheme 4 


remained at proximity of the metal center, 
thus allowing the reverse reaction to take 
place [24]. 

The apparent rate constant of the het- 
erogeneous electron transfer (k s app ) was 
about 100 times larger for 4 + than for 
3 [24]. Furthermore, k s app for 3 was de- 
pendent on the nature of the catecholate 
ligand (Cheat, NChcat, cat, DTBcat) [24]. 
This indicated that the activation bar- 
rier contains a substantial contribution 
from the catecholate ligand and that 
the Gibbs free energy of activation for 
the process in Sch. 4 accounts for re- 
organization of the entire coordination 
sphere. 

The cleavage of one equatorial Mo— X or 
Mo— S bond upon one-electron reduction 
of 2, 3, and 4 + was assigned to unfa- 
vorable electrostatic interactions between 
the lobes of the half-filled Mo 4d vv an- 
tibonding orbital and the five equatorial 
metal-ligand bonding electron pairs [23]. 
This interpretation was confirmed by the 
fact that the Mo(VI)/Mo(V) reduction of 
six-coordinate complexes (i.e. with four 
equatorial ligands) was found fully re- 
versible, as expected [25]. 

In the following example, the elec- 
trochemical cleavage of the Mo— Cl 
bond of the seven-coordinate complex 
[MoCl(dtc) 2 (dppe)]+ (dtc = Y 2 CNR 2 ; R = 
Me or Et; dppe = Ph 2 PCH 2 CH 2 PPh 2 ) 


generated a vacant site that binds ni- 
trogenase substrates (C 2 H 2 , MeNC) or 
inhibitor (CO). The first reduction of 
[MoCl(dtc) 2 (dppe)] + ([Mo— Cl] + ) 5+ in 
MeCN under argon occurred according to 
an EC process [26]. The chemical reactions 
following the one-electron transfer step, 
which were responsible for complicated 
CV curves, could be suppressed at fast scan 
rates. Under these conditions, reduction of 
5+ appeared as a partially reversible cou- 
ple. Controlled potential electrolysis under 
argon at the potential of the first reduction 
afforded a [Mo 111 — Mo m ] 2+ dimer after 
transfer of 1 F mol -1 5 + (Sch. 5). Whereas 
the CV under N 2 was the same as un- 
der argon, the presence of other Y=Z 
substrates (CO, C 2 H 2 , MeNC) resulted in 
a simplification of the cyclic voltammo- 
grams, since a single two-electron (ECE) 
reduction was observed. This clearly in- 
dicated binding of Y=Z to the Mo (II I) 
intermediate generated by the EC pro- 
cess (Sch. 5). However, only the carbonyl 
derivative [Mo(CO)(dtc) 2 (dppe)] could be 
obtained by controlled potential electroly- 
sis (2 F mol -1 5 + ). Electrolyses performed 
in the presence of acetylene afforded the 
dimer [Mo 111 — Mo m ] 2+ after the transfer 
of 1 F mol -1 5 + . 

These experiments demonstrated that, 
although C 2 H 2 and MeNC bind at the elec- 
trogenerated Mo(III) site (Sch. 5), these 



20.2 Mononuclear Mo~ S Centers 


571 


r IV -i - 

[Mo-CI] 


+1e 


-1e 


Scheme 5 


in 

Mo-CI 

-cr 

[ Mo m ] + — *■ — *- [mo im -Mo m | 

Under Ar or N 2 

Y=z 

». [mo® — Y=z] + - Mo 11 — Y=Z 

-1e 

(CO, C 2 H 2 , MeNC) 


substrates, but not CO, were lost after one- 
electron reduction of the {Mo 111 — Y=Z) 
complex [26]. 

Complexes with thiolate/thioether lig- 
ands such as dttd [dttd = l,2-bis(2-merca- 
ptophenylthio)ethane] have been exten- 
sively investigated [7] as they provide a 
coordination sphere similar to that found 
at the active site of various metalloen- 
zymes [1-4]. [Mo(NO)Cl(dttd)] 6 showed 
a rich electrode-induced reactivity [27]. 
6 undergoes two diffusion-controlled re- 
duction steps, the first one (Ey2 redl = 
—0.70 V/Fc) was reversible at room tem- 
perature, while the second (E\/2 redl = 
— 2.20V/Fc) showed some reversibility 
only at low temperature. Whereas con- 
trolled potential reduction at the first step 
afforded the stable monoanion, electroly- 
sis at the potential of the second process 
was found to generate the highly reduced 
species [Mo(NO)( 1,2-C 6 H 4 S 2 )2] 3 “ 7 3 “, in 
an overall 4e transfer (Sch. 6). Thus, the 
4e-reduction of 6 caused the cleavage of 
the Mo— Cl bond, as well as the cleavage 
of two C— S bonds, the latter resulting in 
the extrusion of ethylene from the ligand 
backbone. 

Gas chromatographic analyses during 
the electrolysis showed that C2H4 release 


started after 2 F mol 1 6 had passed, 
Sch. 6 [27]. 

20.2.3 

Electrochemical Transformation of Ligands 

A particularly interesting aspect of elec- 
trochemistry is that it may allow transfor- 
mations of bound substrates, by coupling 
proton(s) and electron(s) transfers. This 
makes possible to mimic certain steps 
of the reactions driven by metalloen- 
zymes. For example, the nitrosyl ligand 
in 7 3- (Sch. 6) is activated toward protic 
attack. Controlled potential reduction of 
6 at the potential of the second process 
in the presence of PhOH (5-10 equiv) 
as a proton source consumed 6 F mol -1 
6 and afforded the molybdenum oxide 
[MoO( 1,2-C 6 H 4 S 2 )2] 2 “ 8 2_ and ammonia. 
The reductive cleavage of the N— O bond 
was proposed to involve a hydroxylamide 
intermediate, Sch. 7 [27]. Relevant to this 
is the fact that the chemical reduction 
of [Mo(NO)2(dttd)] by sodium borohy- 
dride or hydrazine in methanol produced 
[Mo(NO)(NH20)(dttd)] with a side-on hy- 
droxylaminyl ligand [28]. 

The nitrosyl ligand in 7 3- is also acti- 
vated toward attack by molecular oxygen. 
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Scheme 7 Species in braces is a postulated intermediate. 



Scheme 8 Species in braces is a postulated intermediate. 


The first step of the mechanism leading The electrochemical study of the seven- 
to the formation of 8 2 ~ and free nitrite coordinate complex [Mo(N 2 RR')(dtc) 3 ]+ 
from the reaction of 7 3- with O 2 probably 9 + (R, R' = alkyl or aryl, dtc = 5 , 2CNMe2) 
involved a single electron transfer. Sub- provided an example of electrode-induced 
sequent radical-radical coupling of the activation of a hydrazido(2— ) ligand. Corn- 
products, to afford a molybdenum-bound plex 9 + was shown to reduce in two 
nitrate, followed by N— O bond cleavage separate diffusion-controlled one-electron 
would eventually lead to the observed steps, with the first one reversible on the 
products (Sch. 8) [27]. CV timescale at room temperature and 
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moderate scan rate (v > 0.3 V s -1 ) [29]. 
On longer timescale at room tempera- 
ture, the one-electron reduced complex 
9 was not stable and was involved in 
chemical reactions so that the reduction 
of 9 + at the potential of the first step 
occurred according to an ECE-type pro- 
cess. Controlled potential reduction at the 
first or at the second step afforded the 
same product 10, after the transfer of 2 F 
mol -1 9 + . Product 10 could not be char- 
acterized, but it was shown to retain an 
organodinitrogen moiety. The electronic 
strain resulting from the two-electron re- 
duction of 9+ was proposed to be relieved 
either by partial dissociation of one of 
the dtc ligands (see Sch. 4) or by bend- 
ing of the hydrazido(2— ) group followed 
by protonation at Na (Sch. 9). The lat- 
ter possibility is entirely consistent with 
the observed release of the substituted hy- 
drazine H 2 NNRR' upon treatment of 10 
with HC1 [29]. 


20.3 

Dinuclear Thiolate-bridged Molybdenum 
Complexes 

20 . 3.1 

Electron Transfer-induced Structure 
Changes 

Electron transfers may lead to modifica- 
tions of the metal- sulfur core of binu- 
clear sulfur-bridged complexes. The CV 
of [M 2 S 2 (cp') 2 (/ 2 -S) 2 ] 11 (M = Mo or W, 
cp' = >?-C 5 H 5 _„Me„) [30] showed that the 
first reduction was a one-electron process. 


whose reversibility was dependent on the 
nature of the metal centers. Whereas the 
reduction of the tungsten complex was 
reversible on the CV timescale, that of 
the Mo analog (cp' = cp* = //-CsMes) was 
not. This was assigned to an isomerization 
of the core, from the bis-bridged [M 2 S 2 (/x- 
S) 2 ] structure of 11 to the more compact 
[M 2 (/x-S) 4 ] core of 12, which would be 
easier for the Mo complex than for the 
W one [30]. Although the product of the 
one-electron reduction of 11 was not iso- 
lated, the reductively induced structure 
change could be compared to that resulting 
from the reaction of 11 with dihydro- 
gen (Sch. 10) [31]. The structure change 
is best illustrated by the shortening of 
the Mo— Mo distance from 2.905 A in 11 
(cp' = cp*) to 2.582 A in an analog of 
12 (cp' = Me— cp, SR = SMe instead of 
SH) [31], 

Other examples of electron transfer- 
induced modifications of metal-sulfur 
cores have been reported. In the case 
of trans-[M 2 (cp) 2 (/c-SR) 2 (CO) 4 ] (trans- 13: 
M = Mo, R = Me, f Bu, Ph; irans-14: M = 
W, R = Me; cp = tj-CsHs), the electro- 
chemical oxidation is an irreversible two- 
electron process, which led to the dication 
with the cis arrangement of the CO ligands 
(Sch. 11). The presence of an M— M sin- 
gle bond in cis-13 2+ was evidenced by the 
X-ray crystal structure of the dication (R = 
'Bu) [32]. The other isomer, ris-[M 2 (cp) 2 (/x- 
SR) 2 (CO) 4 ] (cis-13: M = Mo, R = Me, 'Bu, 
Ph; cis-14: M = W, R = Me) was shown 
to oxidize in a reversible, “single step” 
two-electron transfer (Sch. 11). 
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cis- 1 3 cis- 1 3 2+ 


Scheme 11 

Although there are no crystal struc- CH 3 CN; v = 0.2 V s _1 ) indicated that the 
tures of corresponding couples of cis- electrode process was not a Nernstian 
[M 2 (cp) 2 (/r-SR) 2 (CO) 4 ]°/ 2+ complexes, the two-electron transfer but involved two suc- 
metal-metal separations in cis-13 2+ [R = cessive one-electron steps, with the second 
'Bu, d(Mo— Mo) = 3.008 A] [32] and in an thermodynamically more favorable than 
analog of ris-14, namely ds-[W 2 (cp) 2 (/r- the first one [32]. Therefore, the reversible, 
S'Pr) 2 (CO) 4 ] [d(W. . . W) = 3.835 A] [33], overall two-electron process in Sch. 11 is 
have been reported. It is thus likely that better represented by two successive, re- 
the reversible two-electron process leads versible, one-electron steps involving a 
to substantial changes in the M 2 S 2 core thermodynamically unstable and unde- 
dimensions (M. . .M distance, M— S— M tected cation intermediate (see Sch. 13; EE 
and S— M— S bond angles). The peak-to- process, or ECE process, where the chem- 
peak separation of the reversible, “sin- ical step C is a fast, reversible deformation 
gle step” two-electron transfer (M = Mo, of the M 2 S 2 core). In agreement with this, 
A E p = 40 mV in thf; 35 mV in CH 3 CN; it should be noted that the oxidation of 
M = W, A E p = 60 mV in thf; 35 mV in cis-[ Mo 2 (cp*) 2 (M-SMe) 2 (CO) 4 ] os-13* also 
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occurred in a single step, reversible two- 
electron transfer with A E p = 40 mV in 
thf (A E p = 35 mV in CH 3 CN), whereas 
two separate (A £ 1/2 = 70 mV), reversible 
one-electron couples (A E p ca. 60 mV) 
were observed in CH 2 CI 2 [34]. This il- 
lustrates the effect of the solvent on the 
separation of successive electron transfer 
processes [35-37]; in the present case, it 
resulted from a better solvation of the di- 
cation by solvents such as MeCN and thf 
as compared to dichloromethane [34]. 

Similarly, the [M 2 (/r-SR) 2 (CO) 8 ] 0 / 2_ 
complexes (M = Mo, 15/15 2- ; M = W, 
16/16 2 ~; R = Ph, l Bu, Bz) are related 
by a reversible, overall two-electron 
process [38-41]. As for ds-[M 2 (cp) 2 (/x- 
SR) 2 (CO) 4 ], the 2 e process causes 
important structural changes of the 
M 2 S 2 core, with the formation of an 
M— M single bond resulting in the 
decrease of d(M. . .M) by ca. 1 A upon 
oxidation [42-46]. Detailed investigations 
and simulations of the electrochemical 
process for [W 2 (/x-SBz) 2 (CO) 8 ] 2 ~ led to 
the conclusion that the oxidation consisted 
of two successive reversible one-electron 
steps, with A E°' «0V [41]. 

The fact that the electrochemical oxida- 
tion of cis-[M 2 (cp) 2 (/x-SR) 2 (CO) 4 ] and of 
[M 2 (/r-SR) 2 (CO) 8 ] 2- is reversible despite 
the amount of structural reorganization 
involved suggests that these changes re- 
quire low activation energy. Extended 
Hiickel Molecular Orbital (EHMO) cal- 
culations on the model complex ds-13 2+ 
(R = H) indicated that the Lowest Un- 
occupied Molecular Orbital (LUMO) was 
the cr* Mo _ Mo level [47]. Weakening of the 
Mo— Mo bond by adding one electron into 
this orbital might cause an increase in the 
metal-metal separation. This would result 
in the stabilization of the semi-occupied 
orbital, as shown by the Walsh diagram as- 
sociated with the variations of the M 02 S 2 


core dimensions, which in turn would trig- 
ger the transfer of the second electron at 
the same potential as the first one [48]. 
Therefore, “the nuclear displacements that 
occur along the two-electron reaction coor- 
dinate serve to favor the thermodynamics 
of the second charge transfer” (quotation 
from Ref. 41). 

However, the occurrence of major struc- 
tural changes, including the formation 
of an M— M bond, upon reduction or 
oxidation of a complex with an M 2 E 2 
core does not necessarily result in an 
overall two-electron transfer. Indeed, al- 
though the first oxidation of the iron 
complex [Fe 2 (cp) 2 (p,-SMe) 2 (CO) 2 ] causes 
a shortening of the Fe. . .Fe distance by 
ca. 0.5 A, the formation of the dication 
occurs in two well-separated reversible 
one-electron steps [48, 49]. EHMO calcu- 
lations indicated that the LUMO of the 
dication possesses metal-metal antibond- 
ing character and the Walsh diagram 
associated with the Fe 2 S 2 core defor- 
mations showed similar stabilization of 
this orbital as in the case of cts-13 2+ , 
so that an overall two-electron transfer 
might have been expected [48]. Investi- 
gations of the electrochemical oxidation 
of [Fe 2 (cp) 2 (p.-SMe) 2 (CO) 2 ], [Fe 2 (cp) 2 (/x- 
PPh 2 ) 2 (CO) 2 ], and [Mo 2 (cp) 2 (/r-SMe) 4 ] 
demonstrated [49] that the standard het- 
erogeneous electron transfer rate constant, 
k s , was about the same for the iron com- 
pounds (both of which undergo important 
structure change upon oxidation) as for 
the molybdenum complex whose struc- 
ture is little affected by oxidation [50]. The 
reasons why the heterogeneous electron 
transfers are fast for complexes 13-16 
and for the above iron compounds despite 
the structural changes involved, which is 
in apparent contradiction with the Mar- 
cus-Husch theory [51, 52], are still un- 
clear [41, 48, 49]. Also, the reasons why 
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-2e, -2CO 


+2e, +2CO 


Scheme 12 



[Fe 2 (cp) 2 (/i-SMe) 2 (CO) 2 ] and [Fe 2 (cp) 2 (/x- 
PPh 2 ) 2 (CO) 2 ] undergo two discrete one- 
electron oxidation steps while complexes 
13, 14, 15 2 ~, and 16 2- oxidize in an overall 
two-electron process are not well under- 
stood [41, 48, 49]. 

Although the redox reactions in Sch. 12 
have not been achieved electrochemically, 
they illustrate another type of redox- 
induced structural change in a dimolyb- 
denum compound with a sulfur-rich co- 
ordination sphere. In this case, Mo 2 (p,-S) 2 
ring opening in 18 (cleavage of Mo— Mo 
and Mo— S bonds) is associated with the 
exposure of vacant coordination sites, and 
the uptake of two carbonyl ligands in 
17 [7, 53]. 

20.3.2 

Electron Transfer-induced and Electron 
Transfer-catalyzed Ligand Substitution 

Controlled potential oxidation of 13 (cis 
and trans isomers) in a MeCN electrolyte 
at room temperature produced variable 
amounts of the acetonitrile substituted 
derivative ds-[Mo 2 (cp , ) 2 (/U-SR) 2 (CO )3 
(MeCN)] 2+ ds-19 2+ (R = Me, Ph; cp' = 
cp or cp*) along with cis-13 2+ [34, 54]. 
However, cis-19 2+ was the major product 
when the electrolysis was performed at 
40-45 °C. Interestingly, the electrochem- 
ical reduction of cis-13 2+ under similar 


conditions also produced ds-19 2+ , with a 
low charge consumption, according to an 
Electron Transfer Chain (ETC) catalyzed 
reaction. The catalytic role of electrons 
was evidenced by initiating the substitu- 
tion reaction by passage of a small amount 
of charge (typically 0.05-0.1 F mol -1 ds- 
13 2+ ), and by monitoring the formation 
of ris-19 2+ by CV after the electroly- 
sis was stopped. Since neither 13 nor 
cis-13 2+ reacted with MeCN on the electrol- 
ysis timescale, the formation of cis-19 2+ 
from both the electrochemical oxidation 
of 13 and the electrochemical reduction 
of ds-13 2+ involved a cation intermedi- 
ate (Sch. 13) [34, 54]. The formation of 
the substituted complex with a ds geom- 
etry (as evidenced by the X-ray crystal 
structure of cis-19 2+ , R = Ph; cp' = cp) 
from both the ds and trans isomers of 13 
(R = Me) suggested that the substitution- 
nally labile intermediate cation might have 
a singly SR-bridged structure [54]. In the 
case where cp' = cp, controlled potential 
electrolyses (oxidation of 13 and reduction 
of cis-13 2+ ) performed in the presence 
of 'BuNC afforded the isocyanide singly 
substituted analog of cis-19 2+ [54]. Doubly 
substituted l BuNC complexes could be ob- 
tained by electrochemical reduction of the 
singly substituted precursor in the pres- 
ence of an excess ligand, according to an 
ETC process [54]. 
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Scheme 13 


cis- 19 2+ 


Complexes 15 2 “ and 16 2 ~ were also 
shown to undergo oxidatively induced 
substitution of MeCN for CO. In this case, 
however, doubly substituted derivatives 
were obtained via the singly substituted 
species, which could not be isolated, but 
was detected by CV [40]. 

20.3.3 

Electrochemically Induced Metal -Ligand 
Bonds Cleavage 

Electrochemical cleavage of metal-ligand 
bond(s) is a convenient way of generating 
vacant coordination sites at a metal center 
(see Sch. 5). The eliminated ligand can be 
neutral (L) or anionic (X). 

Cleavage of a Mo~L bond. The elec- 
trochemical reduction of the acetoni- 
trile complex ds-19 2+ is an overall two- 
electron process leading to the cleavage 
of the Mo— NCMe bond. The CV of 
ds-[Mo 2 (cp , ) 2 (M-SR) 2 (CO) 3 (MeCN)] 2 + ap- 
peared to be strongly dependent upon the 
nature of the sulfur substituents and of the 


cp' ring [34, 55]. When R = Me and cp' = 
cp, the CV under N 2 or Ar showed an irre- 
versible two-electron reduction, and the re- 
dox systems of the electrogenerated trans- 
[Mo 2 (cp) 2 (/x-SMe) 2 (CO) 2 ], 20, (Sch. 14), 
which was produced by controlled po- 
tential electrolysis. However, the phenyl 
analog was also obtained by controlled 
potential reduction of ds-19 2+ (R = Ph), 
along with trans-[Mo 2 (cp) 2 (/r-SPh) 2 (CO) 4 ]. 
This is consistent with the fact that the 
kinetic product of the electrochemical two- 
electron reduction of cts-19 2+ (R = Ph), 
detected by CV, was not trans-[Mo 2 (cp) 2 (/x- 
SPh) 2 (CO) 2 ]. The kinetic product was 
assigned as a tricarbonyl intermediate [55]. 
Although the methyl analog was not de- 
tected by CV (i> < 1 V s _1 ), its transient 
formation was evidenced by trapping ex- 
periments. Indeed, the CV of cis-19 2+ 
(R = Me) in the presence of a substrate 
L (L = CO or l BuNC) showed the for- 
mation of ds-[Mo 2 (cp) 2 (/r-SMe) 2 (CO) 3 (L)] 
(Sch. 14). 

The electrochemistry of cis-[Mo 2 (cp , )2 (/x- 
SMe) 2 (CO) 3 (MeCN)] 2+ was also affected 
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Scheme 14 • = Mo— cp'; the product in braces was not detected. 


by the nature of the cp' rings. In addi- This suggested that two tricarbonyl species 
tion to the effect on the redox potentials, with cis and trans arrangements of the 
the substitution of cp* for cp resulted in cp* ligands were formed transiently. These 
the stabilization of the Mo— NCMe bond, experiments illustrate the effects of “spec- 
Instead of the irreversible two-electron re- tator” ligands on the mechanism and 
duction of the cp analog, that of the cp* products of electrochemical processes, 
complex cis-19* 2+ occurred in two sue- Therefore, the differences in the elec- 
cessive one-electron steps, both reversible trochemical behavior of cts-[Mo 2 (cp , ) 2 (/x- 
at low temperature (inert atmosphere, SMe) 2 (CO) 3 (MeCN)] 2+ forep' = eporep* 
MeCN, thf or CH 2 CI 2 electrolyte) [34]. were assigned to a stronger Mo— NCMe 
The reduction of ris-19* 2+ under CO in bond for cp' = cp*, and to the longer life- 
thf at 40 °C (or in CH 2 CI 2 ) was an irre- times of ds-19*" + (n = 0, 1) and of the cp* 
versible two-electron (ECE) process afford- tricarbonyl intermediates as compared to 
ing cis-13*. In contrast, two one-electron their cp analogs [34]. 
steps were still observed under CO in Cleavage of Mo~X bonds. An example of 
a MeCN electrolyte. Although the first the reductive cleavage of Mo— S(R) bonds 
reduction remained reversible at moder- is shown in Schs. 4 and 12. Similarly, the 
ate scan rate (v = 0.2 V s -1 ) under these electrochemical two-electron reduction of 
conditions, the occurrence of an ECE- [Mo 2 (cp) 2 (/x-SMe) 2 (CO) 2 (X) 2 ] 21, (X = Cl, 
type mechanism, where the chemical step Br) and of [Mo 2 (cp , ) 2 (/r-SMe) 3 (CO) 2 ] + , 
consisted in the reversible decoordination 22 + (cp' = cp or cp*) afforded a reac- 
of MeCN from the radical cation, could tive site, assigned as the transient cis- 
be evidenced [34]. The product formed at [Mo 2 (cp) 2 (/x-SMe) 2 (CO) 2 ] 23, by cleavage 
the first reduction was cis-13*, whereas of two M— X bonds [56]. Complex 23 rear- 
trans- 13* was obtained after the second (ir- ranged to the stable trans isomer 20 on the 
reversible) reduction had been traversed, electrolysis timescale (Sch. 15). 
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Scheme 15 • = Mo— cp; the nature ofthe product in braces was not demonstrated. 


The cis dicarbonyl intermediate 23 could 
not be isolated, although it was longer 
lived when cp' = cp* [57] than when cp' = 
cp. The cis —*■ trans isomerization of 
the dicarbonyl complex is catalyzed by 
CO, presumably via an unstable CO- 
bridged intermediate, which would decay 
to the trans isomer and carbon monoxide 
(Sch. 15) [56], 

EHMO calculations performed on the 
reactants, products, and possible interme- 
diates of the reactions shown in Sch. 15 
supported the proposed mechanism [58], 
Thus, steric and electronic factors com- 
bine to make 23 a good substrate-binding 
site: it has an uncongested M 02 S 2 face 
and a low-lying LUMO available to hold 
an incoming nucleophile. The proposed 
mechanism remains valid if the CO sub- 
strate is replaced by other two-electron 
donor ligands such as isocyanide [56] or 
cyanide [59]. 

[Mo 2 (cp) 2 (/r-SMe) 3 (CO) 2 ] + derives from 
13 2+ by substitution of two carbonyl lig- 
ands by a methylthiolate anion. Similarly, 
[Mo 2 (/r-SPh) 3 (CO) 6 ]“ is derived from 15 
by replacement of two COs by a SPh bridge. 


It should be noted that the reduction of 
[Mo 2 (/r-SPh) 3 (CO) 6 ]“, as that of 15, oc- 
curred in a single, reversible two-electron 
step [46]. In contrast, the reduction of 
[Mo 2 (cp) 2 (/x-SMe) 3 (CO) 2 ] + was an essen- 
tially irreversible (ECE) process leading to 
the cleavage of two Mo— S bonds (Sch. 15). 
The difference might be partly due to the 
fact that, in [Mo 2 (/x-SPh) 3 (CO)g]~, the ex- 
cess charge resulting from the reduction 
can be dissipated by the six CO ligands. 

An analog of 22 + , [Mo 2 (cp) 2 (/r-S 2 CH 2 ) 
(/r-SMe)(CO) 2 ] + 22 ,+ has been synthe- 
sized by Rakowski DuBois [60]. 22 ,+ un- 
dergoes a reversible, “single step” two- 
electron reduction (E\/ 2 red = —1.41 V/Fc; 
AE p = 35 mV for v = 0.04 Vs -1 ) in 
MeCN, whereas two overlapping re- 
versible one-electron reductions were ob- 
served in thf (E 1/2 redl = -1.43 V/Fc, 
AE p redl s«80 mV; E 1/2 red2 = -1.52 V/Fc; 
A E p red2 « 100 mV for v = 0.2 V s” 1 ) 
[61]. Although the redox system(s) of 
22 ,+ (in MeCN and in thf) were not 
fully reversible (i p a /i p c < 1), the reduc- 
tion of 22 ,+ appears much more reversible 
than that of 22 + on the basis of the 
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measured anodic-to-cathodic peak cur- 
rent ratios. Therefore, the substitution of 
two methylthiolate bridges by one 1,1- 
dithiolate bridge, which has a limited 
influence on the redox potentials of these 
complexes (22 + : E\/ 2 red = —1.47 V/Fc in 
MeCN[56]),hasapronouncedeffectonthe 
reversibility of the electrode process. The 
nature of the chemical reaction coupled to 
the reduction of 22 ,+ was not determined. 
However, the fact that the reduction of 
22 ,+ is more reversible than that of 22 + 
could be due to the (initial) bidentate coor- 
dination of the S 2 CH 2 fragment in 22 ,+ . 
If the reduction of 22 ,+ (like that of 22 + ) 
resulted in the cleavage of the two Mo— S 
bonds trans to the carbonyl ligands, the de- 
coordinated S atom would remain in the 
metal’s coordination sphere, making the 
reverse reactions possible (Sch. 16). Such 
an example has been reported in the case 
of mononuclear complexes (see Sch. 4). 

Although trans-[Mo 2 (cp) 2 (/r-SMe )2 
(CO) 2 ] 20 shows an interesting reactiv- 
ity with substrates such as isocyanides 


and cyanide [59], it can be seen as arising 
from the deactivation of electrogenerated 
sites, namely {[Mo 2 (cp) 2 (/x-SMe) 2 (CO) 3 ]} 
(Sch. 14) andris-[Mo 2 (cp) 2 (/r-SMe) 2 (CO) 2 ] 
23 (Sch. 15). It is clear that such a reac- 
tion could prevent the formation of the 
desired (site-substrate) complex, and the 
subsequent metal-assisted reduction of the 
substrate, if the substrate-binding step is 
slow or reversible, as it could be when 
dinitrogen is involved. 

The problem raised by the deactiva- 
tion of vacant site could be solved by 
the design of a protective device such 
as a redox-switchable hemilabile ligand, 
RHL [62], Ideally, the protective device 
should (1) be activated by an electronic 
(redox) or chemical (pH) instruction, 
(2) open the binding site only in the 
presence of the substrate, (3) function re- 
versibly so that the site is protected back 
when the bound substrate is lost (due 
to reversibility of the binding step or 
due to decoordination during subsequent 
steps). An example of an electrochemically 
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20.3 

activated protecting group is provided in 
the following. 

20.3.4 

Electrochemical Deprotection of a 
Substrate-binding Site 

The chloride-bridged complex [Mo 2 (cp )2 
(/x-SMe) 3 (/x-Cl)] 24 [63] is unreactive to- 
ward Y=Z molecules such as CO, MeCN, 
or RNC; in contrast, 24 + was shown to 
react with these substrates [64]. 24 un- 
dergoes two successive quasi-reversible 
one-electron oxidations in a thf- (or 
dichloromethane) [NBu 4 ][PF 6 ] electrolyte. 
Controlled potential electrolysis at the 
potential of the first step in thf or 
CH 2 CI 2 afforded the paramagnetic cation 
after the passage of ca. IF mol -1 24. 
That the oxidized complex retained the 
quadruply bridged structure of its neu- 
tral precursor was indicated by the EPR 
spectrum of 24 + (—50 °C, CH 2 CI 2 ), show- 
ing hyperfine coupling consistent with 
delocalization of the unpaired electron 
over two equivalent molybdenum nu- 
clei (Class III complex [65]). In contrast, 
the first oxidation occurred according to 
an EC process in MeCN. In this sol- 
vent, the one-electron oxidation of 24 led 
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to the opening of the chloride bridge 
and to the binding of MeCN at the 
exposed metal site [64]. The EPR spec- 
trum of [Mo 2 (cp) 2 (/r-SMe) 3 (Cl)(NCMe)] + 

was consistent with the localization of 
the unpaired electron on one Mo cen- 
ter (Class I complex [65]). Similar spec- 
tra were obtained for analogous sub- 
stituted complexes where the bound 
substrate was CO or an isocyanide 
molecule [64]. These reactions are illus- 
trated in Sch. 17. 

Since 24 does not react with Y=Z 
(CO, MeCN, RNC), the one-electron ox- 
idation can be seen as “unlocking” the 
access to a coordination site. However, 
in the absence of Y=Z, the chloride lig- 
and remains in a bridging position, thus 
preventing the premature opening of the 
site. Furthermore, when the bound sub- 
strate is lost, which is the case for the 
MeCN ligand upon one-electron reduction 
of [Mo 2 (cp) 2 (/x-SMe) 3 (Cl)(NCMe)]+, the 
chloride ligand moves back in the bridging 
position, thus preventing decomposition 
of the complex (Sch. 17). Therefore, the 
/x-Cl atom in 24 appears as an effec- 
tive protective device, which possesses 
the desired properties (l)-(4) mentioned 
earlier. 


+1e 


-Y =Z (= MeCN) 



24 



Opening only 
in the presence 
of substrate 


+1e 




Y=Z (CO, RNC) 


Scheme 17 • = Mo— cp. 
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Modifications at the M 02 S 3 core af- 
fect the electron transfer-induced reac- 
tivity of the chloride bridge. A complex 
closely related to 24, namely [Mo 2 (cp) 2 (n- 
S 2 CH 2 )(/x-SMe)(/x-Cl)] 24', has been re- 
ported [60]. Comparison of the redox po- 
tentials of both species indicates that 
the {Mo 2 (/x-SMe) 3 } core is slightly more 
electron-rich than {Mo 2 (/i-S 2 CH 2 )(/x- 
SMe)} and that substitution of two SMe 
bridges by a bridging 1 , 1 -dithiolate has 
a more pronounced effect for 24/24' (24: 
E 1/2 ox1 = -0.40 V/Fc; E y2 ox2 = 0.34 V/ 
Fc, thf-[NBu 4 ][PF 6 ] [64]; 24': E 1/2 oxl = 
-0.29 V/Fc; E l/2 ox2 = 0.37 V/Fc, MeCN- 
[NBu 4 ][BF 4 ] [60]) than for (22+)/(22'+) (as 
seen earlier). In addition to producing this 
electronic effect, the substitution affects 
the reactivity of the complexes. Indeed, 
the first oxidation of 24' is reversible on 
the CV timescale in MeCN [60]. There- 
fore, 24' is missing the oxidatively induced 
reactivity of 24 (cf. Sch. 17). Examina- 
tion of the electrochemical behavior of an 
other analog of 24, [Mo 2 (cp) 2 (/r-SMe) 2 (/x- 
PPh 2 )(/r-Cl)] 24", confirms the influence 
of the M 02 E 3 core on the reactivity at 
the chloride bridge. Although the first 
oxidation of 24" looks quasi-reversible in 
MeCN-[NBu 4 ][BF 4 ], the reactivity of 24" 
can be described by a mechanism similar 
to that in Sch. 17, with the substrate- 
binding step being a dynamic equilibrium, 
however [ 66 ]. 

20 . 3.5 

Electrochemical Transformations of Bound 
Substrate 

A large part of the research involv- 
ing metal -sulfur complexes (metal = 
molybdenum or iron) is aimed at design- 
ing functional models of the active site of 
nitrogenase, the iron-molybdenum cofac- 
tor, FeMo— co [4-8, 12, 13]. Only a very 


limited number of dinitrogen complexes 
containing sulfur in the metal coordi- 
nation sphere have been obtained [ 21 ]. 
However, a not so limited number of 
mono- or binuclear metal -sulfur sites re- 
act with nitrogenous molecules or ions to 
afford complexes containing (N) or (N— N) 
fragments bound to the metal center(s). 
Studies of the latter may give new insights 
in the mechanism of the enzyme-driven 
reactions. 

In the family of compounds with 
the (Mo 2 (cp) 2 (Ai-SMe) 3 ) core, complexes 
with ammine (NH 3 ) [67, 68 ], amido 
(NH 2 “) [67-69], imido (NH 2 “) [ 68 , 70], 
substituted diazene (R— N=N— H) or 
isodiazene/hydrazido(2— ) [R(H)N=N/ 
R(H)N-N 2 “], and diazenido (R-N=N“) 
[ 68 , 71, 72] ligands have been iso- 
lated and characterized. Among them, 
the amido/imido complexes are re- 
lated by a reduction step. Also, cleav- 
age of the N=N bond of diazene or 
isodiazene/hydrazido( 2 — ) ligands, to pro- 
duce imido or amido derivatives, requires 
several (H + /e) transfer steps. 

The imido complex [Mo 2 (cp) 2 (q-SMe )3 
(/i-NH)] + 25 + undergoes an irreversible 
one-electron (EC) reduction [70]. Con- 
trolled potential electrolysis afforded the 
amido analog [Mo 2 (cp) 2 (/i-SMe) 3 (/r-NH 2 )] 
26 almost quantitatively after the trans- 
fer of IF mol -1 25 + . The amido complex 
was not the primary reduction product; 
the latter was assigned as a rearranged 
imide radical (Sch. 18), which is able to 
abstract a H-atom from the environment 
(supporting electrolyte, solvent, or adven- 
titious water) on the electrolysis timescale. 
In the presence of protons, the reduc- 
tion of 25 + became a two-electron (ECE) 
process. This is consistent with the pro- 
tonation at the nitrogen lone pair of the 
primary reduction product, followed by 
reduction of the resulting amido cation 
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Scheme 18 • = Mo - cp; X = TsO. 

(Sch. 18). It must be noted that 25 + 
can be protonated by HBF 4 /Et 20 (or by 
HTsO) in MeCN. The protonation step 
producing [Mo 2 (cp) 2 (/x-SMe) 3 (/x-NH 2 )] 2+ 
26 2+ allowed the formation of the /x- 
amido to take place (CE process) at 
a potential about 600 mV less negative 
than the reduction of the imide cation 
25+ [70], 

Controlled potential reduction of 25 + 
in the presence of 3 equiv acid and 
2-2.5 equiv [NEt 4 ][Cl] in a thf elec- 
trolyte produced [Mo 2 (cp) 2 (/x-SMe) 3 (/x- 
Cl)] 24 (>95%) and [NH 4 ][Cl] (ca. 70% 
mol [NH 4 ]+ per mol of 25 + ), after the 
transfer of 2 F mol -1 25 + . This demon- 
strated that an imide group bridging two 
molybdenum atoms in a sulfur environ- 
ment can be reduced to ammonia via 
amide (26) and ammine (27) intermedi- 
ates [70]. 



27 24 


The electrochemical reductions of com- 
plexes with an organodiazene ligand 
[Mo 2 (cp) 2 (/x-SMe) 3 (/u-/; 1 : ? , 1 -H-N=N- 
R)] + 28 + (R = Me, Ph) and with 

a methylhydrazido(2— ) (or isodiazene) 
ligand [Mo 2 (cp) 2 (/r-SMe )3 (l^-rj 1 — NN (H) 
Me)] + 29+ have been investigated [73]. 
Compounds 28+ and 29+ were ob- 
tained by protonation of the di- 
azenido precursors [Mo 2 (cp) 2 (/x-SMe) 3 (/x- 
li-rj 1 : r] 1 — N=N— R)] 30, or [Mo 2 (cp) 2 
(/x-SMe)3(q,y-NNR)]31 (R = MeorPh). 
Complex 28 + (R = Ph) undergoes a re- 
versible one-electron reduction, which is 
followed by a chemical step (EC process). 
In the presence of acid, the reduction 
became irreversible with a substantial in- 
crease of the corresponding peak current 
(almost doubled at v = 1 V s _1 ), indicative 
of the occurrence of a rapid ECE mecha- 
nism. At lower scan rates (v < 0.4 V s -1 ), 
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the plot of the current function (i p red /v 1 ? 2 ) 
versus scan rate deviates markedly from 
linearity thus showing that more electrons 
were transferred on a longer timescale. In 
agreement with this, controlled potential 
reduction of 28 + (R = Ph) in the presence 
of an excess acid HX (4-6 equiv HX = 
HTsO or CF 3 CO 2 H; thf-[NBu 4 ][PF 6 ] elec- 
trolyte) was completed after 4 to 6 F mol -1 
28 + (depending on the amount of acid) 
have been consumed. The electrolysis af- 
forded either [Mo 2 (cp) 2 (/r-SMe) 3 (/x-NH 2 )] 
26 or [Mo 2 (cp) 2 (/Lt-SMe) 3 (NH 3 )(X)] 27 (de- 
pending on the amount of acid) and 
aniline. The dependence of the charge 


passed on the amount of added acid sug- 
gested that PI 2 might also be produced [73]. 
The formation of 26 (or 27) and of PhNH 2 
demonstrated that the N=N bond of the 
Ph— N=N— FI ligand had been reductively 
cleaved. This allowed the construction of 
the cycle shown in Sch. 19 [ 68 ]. 

In contrast, no N=N bond rupture was 
observed in the case of the methyldiazene 
ligand (Sch. 20). Flowever, electrochemical 
reduction of the hydrazido( 2 — ) /isodiazene 
isomer [M 02 (cp) 2 (/r-SMe) 3 — NN (H) 
Me)] + 29 + in the presence of acid also 
afforded 26 and methylamine, showing 
that the N— N bond had been cleaved 



25 + 


Scheme 19 • = Mo— cp. 
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Scheme 20 • = Mo - cp; X = TsO or CF3CO2. 

(Sch. 20) [73]. In this case also, it is likely cation, or allow further reduction of the 
that dihydrogen was a coproduct of the latter and eventually N— N bond cleavage 
electrolysis. (Sch. 21). The fact that the metal product 

The behavior of 28 + in terms of arising from the N— N bond rupture, 
reductive cleavage of the N=N bond respectively a bent imide cation or radical, 
was thus different depending on whether was shown to reduce to 26 (or 27) in the 
R = Me or Ph. This was assigned to presence of acid, at a potential about 1 V 
the electronic effect of the R substituent less negative than the reduction of 28 + 
on the strength of the Mo— N(R) bond: (R = Ph), is consistent with the proposed 
whereas electron withdrawing R (R = Ph) mechanism [70, 73]. 
would allow the release of the N(R) end From the effect of the R substituent 
of the ligand from the metal and a /x- on the mechanism and products of the 
r) 1 : rj 1 -» /x-p 1 rearrangement, probably reduction of 28 + (R = Me or Ph), it 
atthehydrazido(l-) stage of the reduction was concluded that reductive cleavage 
process (Sch. 21), the electron-releasing of the N=N bond of a fi-ij 1 : ij 1 coor- 
Me substituent would not [73]. When dinated organodiazene might occur only 
R = Ph, protonation at the lone pair of in particular cases. Therefore, this type 
the distant N atom would either cause of coordination might be a dead-end 
the N— N bond cleavage in the resulting as far as the N=N bond cleavage is 
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28 + 

Scheme 21 • = Mo— cp. 


concerned, at least at the {Mo 2 (cp) 2 (/x- bimetallic-sulfur site. The different steps 
SMe) 3 ) core [73]. in Sch. 22 (M and M' could be similar or 

In the earlier examples, the binuclear different) were proposed on the bases of 
complexes with a {M 02 S 3 } core clearly the chemistry and electrochemistry involv- 
cannot be seen as modeling the metal ing the {Mo 2 (cp) 2 (/x-SMe) 3 } core, except 
sites in FeMo— co since it is known to for the key N 2 -binding step (boxed in 
contain a single molybdenum center [74]. Sch. 22), which has not been observed 
However, what is suggested by these stud- yet [73]. 

ies is that several steps (if not all) of The electrochemical study of the /x- 
the reduction of dinitrogen to ammonia oxo complex [Mo 2 (cp) 2 (/x-SMe) 3 (/ix- 0 )] + 
by Mo-nitrogenase could take place at a 32 + [75], which is isoelectronic with the 



Scheme 22 Proposed cycle for the reduction of N 2 at a bimetallic-sulfur site. 
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imido derivative 25 + , is another example of 
electrochemically induced transformation 
of a ligand (the oxo bridge) and of the 
electrochemical generation of substrate- 
binding sites. In this study, it was shown 
that the controlled potential reduction of 
32 + in the presence of acid resulted in the 
protonation of the oxo bridge, which was 
eventually released as a water molecule, 
after transfer of ca. 2F mol -1 32 + , when a 
coordinating anion or solvent was present 
(Sch. 23). 

The detailed investigation of the reduc- 
tion mechanism by CV in thf-[NBu 4 ][PFg] 
showed that the first steps of the reduction 
of 32+ in the presence of acid occurred ac- 
cording to an EC rev E mechanism in which 
the intervening chemical reaction is a 
protonation equilibrium (Sch. 24, Path A). 
Therefore, in the presence of 1 equiv 
acid, the diffusion-controlled, one-electron 


reduction of 32+ (E\/ 2 red = —0.89 V/Fc) 
is replaced by a pseudo reversible two- 
electron system observed at E\/ 2 red ~ 
— 0.7 V/Fc (A E p ~ 120 mV) that is at a 
potential intermediate between those of 
32 + and of the hydroxo-bridged com- 
plex 33+ (E\/ 2 red = —0.64 V/Fc). As its 
imido analog 25+ (as seen earlier), 32+ 
could also be protonated by FIBF 4 /H 2 O 
in thf-[NBu 4 ][PFg]. Therefore, reduction 
of 32 + can take place according to a CE 
process (Sch. 24, Path B), at a potential 
by ca. 0.4 V less negative than in the ab- 
sence of this protonation step {E\/ 2 red ~ 
—0.7 V/Fc), via the hydroxo dication 33 2+ . 
This kind of mechanism where protona- 
tion of a ligand substantially facilitates the 
reduction of a metal center might be rele- 
vant to biological processes involving redox 
enzymes, due to the restricted potential 
range accessible to natural reductants. 


HX = HC0 2 CF 3 





Scheme 23 • = Mo— cp. 





examinations of the consequences of pro- 
tonating an even weakly basic ligand on 
the reduction potential and mechanism of 
the metal center(s) of synthetic models are 
particularly needed. 
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21.1 

Introduction 

Iron-sulfur cluster synthesis in the labo- 
ratory and the subsequent study of their 
electrochemical properties has been driven 
and stimulated by the occurrence and char- 
acterization of such centers in many redox 
enzymes. The reason for the ubiquitous 
occurrence of these clusters in the biolog- 
ical world may rest on the abundance and 
wide availability of these two elements on 
earth. However, the chemical properties of 
iron and sulfur also seem well suited to 
meet the needs of some proteins in terms 
of electron transfer and catalysis. Indeed, 
iron electrochemical properties (discussed 
in Chapter 16) bring some latitude in spin 
and oxidation states for these centers. Here 
again, iron oxidation state two and three 
are overwhelmingly dominant, especially 
because of the moderate oxidizing and 
reducing potentials available in biology. 
Sulfur fills the coordination sphere of 
iron, yielding pseudotetrahedral centers. 
Two types of sulfur ligands are found: 
thiolate and sulfide. The thiolate itself is 
in fact cysteinate, from the natural cys- 
teine amino acid, and provides an anchor 
between the active inorganic center and 
the protein within? it is buried. Cysteinate 
may coordinate in a terminal fashion or 
in a bridging fashion between two iron 


centers. Sulfide ligands are found bridg- 
ing two or three centers usually, but in 
some instances also up to six iron atoms 
as in one of the characterized structures 
of a nitrogenase metal-sulfur site (the P 
cluster, vide infra). Sulfur being in the 
third row of the periodical classification 
of the elements, its diffuse orbitals and 
low-lying empty d orbitals are likely to par- 
ticipate in strong hydrogen bonds or even 
in a reaction leading to protonation of the 
ligand to hydrosulfide. This combination 
of individual atomic properties, together 
with the assembly of biological iron- sulfur 
clusters ranging from one to as many as 
seven iron centers, which may also accom- 
modate other metals, give these chemical 
assemblies a large modularity as elemen- 
tary pieces of the complex living world [1], 
Of course, in trying to mimic and under- 
stand these biological inorganic centers, 
chemists have produced an immense array 
of original, abiological clusters, interesting 
in their own right, and by nature electro- 
chemically active, which also contribute 
to the understanding of the properties of 
this family of compounds, whether they 
are biological or not [2], It is only fair 
and right to recall that iron-sulfur chem- 
istry perhaps started with the synthesis 
of [Fe 4 S 3 (NO) 7 p and related species by 
Roussin in 1858 [3]. This example shows 
that terminal coordination at iron is not 
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restricted to thiolate (NO here), especially with a focus on nitrogenases and hydro- 
in synthetic species, and many other termi- genases. 
nal ligands may be found. Even in biology, 
some unexpected ligands may occur as we 
shall discuss later for hydrogenase (see 21.2 

also Sect. 16.2.2.4). Abiological Iron-Sulfur Clusters’ 

This section is organized as follows: we Electrochemistry: The Black Roussinate as 
first start with a discussion of the electro- an Example 
chemical behavior of the Roussin-type syn- 
thetic iron -sulfur clusters for their historic A recent review on abiological iron- sulfur 
importance and as an interesting intro- clusters should be the primary entry refer- 
duction to poly iron-sulfur centers’ redox ence to anyone wishing to gain informa- 
chemistry. Then we review iron-sulfur tion on this wide field [2]. Indeed, Ogino 
centers in proteins and artificial models et al. provide a comprehensive source 
in the order of increasing iron content, of data, of synthetic, structural, spectro- 
Finally, biological iron- sulfur centers and scopic, and electrochemical nature, on 
artificial models directly linked to other many synthetic iron-sulfur clusters. The 
inorganic centers, the so-called bridged electrochemical properties of Roussin’s 
molecular assemblies, are considered, black anion [3] have been investigated 



Fig. 1 Structure of [(NO) Fe(^ 3 -S) 3 Fe 3 (NO) 6 ] (fromRef.4). 



[4], The [(NO)Fe(/Z3-S) 3 Fe 3 (NO) 6 r anion 

(cf Fig. 1) is best described as a trigonal 
pyramid of iron with each of its face 
being capped by a triply bridging sulfur 
atom. The apical iron atom capping the 
pyramid has one terminal nitrosyl ligand 
and shares metal -metal bonds with all 
three iron atoms of the pyramid base. 
These iron atoms do not themselves share 
metal -metal bonds and have two nitrosyl 
ligands each: one axial and one equato- 
rial. The idealized point group symmetry 
of the cluster is C 3u . NO is a strong tt- 
acceptor ligand, so that it is expected to 
stabilize electron-rich metal centers. The 
black Roussinate monoanion is indeed se- 
quentially and reversibly reducible in three 
consecutive monoelectronic steps to three 
more reduced states, at the rather negative 
potentials of —0.68, —1.26, and —1.75 V 
versus saturated calomel electrode (SCE) 
in acetonitrile. The paramagnetic dianion 
has been generated in tetrahydrofuran by 
sodium naphthalenide reduction, and then 
crystallized. The structure of the dianion 
confirmed that there is no major structural 
change upon reduction, as was suggested 
by the chemical and electrochemical re- 
versibility of the reduction. When the 
crystal structures of the mono- and dianion 
with the same countercation (Et 4 N + ) are 
compared, the very good it -acceptor na- 
ture of the nitrosyl ligand is noticeable in 
a significantly shorter average N— O bond 
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length in the reduced state (1.646 versus 
1.667 A) and longer Fe— N distance (1.176 
versus 1.161 A). Because all three redox 
processes are reversible, it is anticipated 
that the cluster does not experience ma- 
jor structural change upon reduction. The 
trianion could only be studied and gener- 
ated in solution by sodium reduction in 
hexamethylphosphortriamide. 


21.3 

Models of Iron-Sulfur Centers in Protein 

The synthesis, structures, and properties 
of analogs of iron-sulfur protein ac- 
tive sites has been recently reviewed by 
Venlcateswara Rao and Holm [5]. In the or- 
der of increasing iron content, these sites 
are of Fe(SR) 4 , Fe 2 S 2 (SR) 4 , Fe 3 S 4 (SR) 4 , or 
Fe 3 S 4 (SR) 3 , and Fe 4 S 4 (SR )4 stoichiometry 
(cf. Fig. 2) and are now briefly treated. 


Although not a metallic cluster, the sim- 
plest iron- sulfur center of proteins and 
its synthetic analogs are discussed here. 
[Fe(SR) 4 ]“ synthetic species are generally 
reversibly reduced to [Fe(SR) 4 ] 2_ inaprotic 
solvents at potentials controlled, or tuned, 
by the nature of R. For example, E \/ 2 = 
— 1.11 V versus SCE for [Fe(SPr 1 ) 4 ] 1- / 2- 


21.3.1 

Models of Fe(SR)4 Sites 
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Fig. 2 Structures of simple iron-sulfur centers in proteins (from Ref. 5.). 
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and — 0.52 V for [Fe(SPh)4] 1- / 2- . Func- 
tionalization of the phenyl ring allows for 
alteration of the Fe (III/II) redox potential 
via specific N— H- • S hydrogen bonds, an 
effect that is of relevance to biological sites. 
For example, a positive shift of 250 mV is 
obtained with respect to [Fe(SPh)4] 1- / 2- 
when R = 2-(MeCONFl)C6F[4 in ace- 
tonitrile. Water soluble derivatives 
like [Fe(SCH 2 CH 2 OH)4] 1 -/ 2 - (£i/ 2 = 
— 0.35 V) are more biologically relevant 
because of the solvent and associated 
hydrogen-bonding properties. However, 
specific interactions from the protein can- 
not be fully reproduced. Indeed, the redox 
potential of [Fe(SCH 2 CH 2 OH)4] 1- / 2- in 
water is close to thelower limit ofFeS4 sites 
in rubredoxin proteins (— 0.1 to + 0.1 V ver- 
sus standard hydrogen electrode (SHE)). 

21.3.2 

Models ofFe 2 S 2 (SR) 4 Sites 

The synthetic [Fe 2 S 2 (SPh)4] 2- complex 
has been shown to undergo two reduc- 
tions in acetonitrile or dimethylformamide 
(DMF) at E\/2 = — 1.13 and - 1 . 41 V 
versus SCE. Again, N— H---S hydrogen 
bonds with functionalized phenyl groups 
shift this redox potential toward posi- 
tive values. The first reduction product, 
[Fe 2 S 2 (SR)4] 3- , has some instability as 
it tends to dimerize to the more stable 
cubane-type cluster [Fe4S4(SR)4] 2- , with 
concomitant release of two equivalents of 
thiolate and one equivalent of disulfide. 
The biologically relevant cluster oxidation 
states involve the [Fe 2 S 2 (SR)4] 2_,/3- cou- 
ple. Heteroligated biological site exists in 
Rieske protein where one of the iron cen- 
ters is ligated to the polypeptide backbone 
via two histidine residues instead of cys- 
teine. Accurate models for this site are 
not available although it is possible to 
get N 2 S 2 terminal coordination by ligand 


substitution reaction of [Fe 2 S 2 Cl4] 2_ with 
bidentate chelating ligands. The very air- 
sensitive all-ferrous state ([Fe 2 S 2 ]° core) of 
a Rieske protein has been generated and 
characterized, with E° for the [Fe 2 S 2 ] 1+ /° 
couple being — 0.73 V versus SHE at 
pH 7 , that is, 1 V more negative than for 
[Fe 2 S 2 ] 2+//1+ [6]. The [Fe 2 S 2 ]° core is stabi- 
lized by protonation of one of the bridging 
sulfides at pH > 9 . 8 . The basic nature of 
the bridging sulfide in iron-sulfur clus- 
ters is an important property that has been 
studied extensively [ 7 ]. 

21.3.3 

Models of Linear Fe3S4(SR)4 or Cuboidal 
FejS4(SR)3 Sites 

Linear Fe3S4(SR)4 clusters have been 
found in partially unfolded proteins, but 
are not known to exist as functional 
centers to date. Synthetic analogs comprise 
the all-ferric [Fe3S4(SPh)4] 3_ species (a 
[Fe3S4] 1+ core) that may be reduced to 
the corresponding [Fe3 S4] 0 core at — 1.35 V 
versus SCE in acetonitrile (— 1.66 V for the 
ethylthiolate derivative). 

The cuboidal Fe3S4(SR)3 sites have the 
Fe4S4 cubane-type structure of which one 
iron corner is missing. This open struc- 
ture can accommodate a fourth metal ion, 
as in the aconitase enzyme that binds 
Fe 2+ after one-electron reduction of the 
[Fe3S4(SCys)3] 2_ center. The enzyme then 
becomes active, and catalyzes the isomer- 
ization of citrate to isocitrate at the fourth 
iron site. The first synthetic analog of 
the “open-cube” Fe3S4(SR)3 sites has only 
been obtained recently [8]. It involves the 
uses of a tridendate thiolate ligand (LS3) 
that acts as a cavitand for the Fe3 S4 open- 
cube core. A whole new chemistry is being 
developed from this structure with binding 
of a fourth site-differentiated iron cen- 
ter or other metal fragments. The model 



cluster exhibits two-electron-transfer pro- 
cesses involvingthe [Fe 3 S 4 (LS 3 )] 2 ~ /,3_ and 
[Fe 3 S 4 (LS 3 )] 3- / 4- of which only the first 
one is of biological relevance (redox poten- 
tials are —0.79 and —1.72 V respectively, 
versus SCE in acetonitrile). 

21.3.4 

Models ofFe 4 S 4 (SR) 4 Sites, The 
Iron-protein of Nitrogenase as an Example 

Fe 4 S 4 clusters with cysteinate ligation 
at iron, in their [Fe 4 S 4 ] 1+ / 2+ / 3+ redox 
states, are of pervasive occurrence in 
iron-sulfur proteins, functioning mostly 
as electron transfer relays as in ferredox- 
ins (1+/2+, —0.3 to —0.8 V range versus 
normal hydrogen electrode (NHE)) and 
high potential iron-proteins (2+/3+, +0.1 
to +0.5 V range versus NHE). Examples 
are also known where they are implied in 
catalysis [1, 5]. Mo-nitrogenase [9] is an 
enzyme responsible for the reduction of 
atmospheric nitrogen to ammonia. It com- 
prises two proteins: the iron-protein and 
the molybdenum-protein. The Fe-protein 
specifically reduces the MoFe-protein with 
its Fe 4 S 4 cluster cycling between the 
[Fe 4 S 4 ] 1+ and [Fe 4 S 4 ] 2+ redox states at 
a potential of —0.31 V versus NHE, that 
is lowered by about 0.1 V upon nucleotide 
binding. The Fe 4 S 4 cluster is symmetri- 
cally bridged between the a-subunits of 
the iron-protein and is accessible to sol- 
vent molecules (H 2 O). Vicinal amino-acid 
residues provide NH— S hydrogen bonds 
from amide groups to the iron- sulfur cen- 
ter. The [Fe 4 S 4 ]° state can be artificially 
generated as a stable center within the 
iron-protein of nitrogenase (—0.79 V ver- 
sus NHE); however, it is not known if this 
state is biologically relevant [10]. 

The iron- sulfur cluster of the iron- 
protein in its [Fe 4 S 4 ] 1+ redox state exists in 
a mixture of spin states of similar energy 
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in frozen solution (S = 3/2 and S = 

1/2). However, proton nuclear magnetic 
resonance (NMR) analysis suggests that 
in standard conditions, only one spin 
state is populated (S = 1/2). Proton NMR 
spectroscopy is useful for the analysis of 
paramagnetic iron -sulfur clusters (those 
with the [Fe 4 S 4 ] 1+ and [Fe 4 S 4 ] 3+ core). 
Indeed, significant low or high field 
hyperfine isotropic shifts for the resonance 
of the protons bound at the carbon ft 
to an iron center greatly simplify the 
analysis of the chemical environment of 
each iron center of the protein even 
if the signal is usually broad. 57 Fe 
Mossbauer spectroscopy is a method of 
choice to assign the overall core oxidation 
state of a native or synthetic iron-sulfur 
cluster. There exists an empirical linear 
relationship between the 57 Fe Mossbauer 
spectroscopy isomer shift (i.s.) and the 
oxidation state (or mean oxidation state) 
of an iron center (or a cluster of iron 
centers) in a pseudotetrahedral sulfur 
environment [5]. 

Synthetic structural models for the 
Fe 4 S 4 clusters have been known for 
three decades now [5]. They are readily 
prepared by self-assembly from ferric or 
ferrous chloride, a source of reduced 
sulfur and thiolates, acting as ligands to 
the iron sites (Fig. 2). Ligand substitution 
reactions at the iron centers allow the 
tuning over a large window of their 
redox potential that is linearly linked to 
the electron donor/acceptor properties of 
the ligands, usually an alkyl or phenyl 
thiolate, or a halide. Crystal structures 
of model Fe 4 S 4 clusters with thiolate 
ligands are available for all [Fe 4 S 4 ] 1+ / 2+ / 3+ 
redox states, the [Fe 4 S 4 ]° state being only 
transiently generated in solution. 

It has been shown that the Fe 4 S 4 cluster 
of the Fe-protein can be further reduced 
with nonbiological reductants from the 
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[Fe 4 S 4 ] 1+ to the [Fe 4 S 4 ]° (all-ferrous) redox 
state, which suggests that the Fe-protein 
could transfer two electrons per reduction 
cycle to the MoFe-protein [10]. Although 
there is no precedence for a functional 
[Fe 4 S 4 ]° state in biology, this is an attractive 
proposal considering (1) that substrates of 
nitrogenase can be reduced by multiple 
of two electrons, (2) that the dicubane 
structure of both the P cluster and the 
FeMo cofactor (vide infra) is perhaps 
tailored to accept two electrons at once, 
and (3) the homodimeric structure of 
the Fe-protein that may bind two donor 
molecules at a time [9, 10]. Moreover, the 
redox potential originally reported for the 
[Fe 4 S 4 ] 1+ /° redox couple (—0.46 V versus 
NHE) was well within physiological range 
and only 150 mV negative to that of the 
[Fe 4 S 4 ] 2+/1+ redox couple. The biological 
relevance of the [Fe 4 S 4 ]° oxidation state, 
however, is contentious. In synthetic 
models with thiolate ligands, the all- 
ferrous redox state ([Fe 4 S 4 ] 0 ) can be 
detected transiently in some instances at 
the cyclic voltammetry timescale, and has 
been first generated, but not isolated, as a 
persistent species in solution in the case 
of Fe 4 S 4 (PR 3)4 bearing less biologically 
relevant phosphine ligands known to 
stabilize reduced oxidation states of metal 
complexes. Recently [11], the first Fe 4 S 4 
cluster in the zero oxidation state has 
been synthesized and characterized. Each 
iron atom has terminal cyanide ligands 
that allow the stabilization of such a 
reduced core. Indeed, compared to other 
clusters with terminal thiolate ligands, 
the redox potential of [Fe 4 S 4 (CN) 4 ] 0/,1+ 
is shifted positive by about 0.3 V. In 
acetonitrile, the [Fe 4 S 4 (CN) 4 ]°/ 1+ couple 
is detected at —1.42 V versus SCE and the 
[Fe 4 S 4 (CN) 4 ] 1+/2+ at -0.44V. 

Such a narrow potential separation 
(AE = 0.15 V) between the 2+/1+ and 


1+/0 redox couples of the iron-protein 
Fe 4 S 4 cluster, was hard to reconcile with 
redox potentials of synthetic models. In- 
deed, a range of models with ligands 
differing by their charge, structure, and 
electron-withdrawing properties, has been 
studied electrochemically in dipolar apro- 
tic organic solvent electrolytes (MeCN, 
DMF, dimethylsulfoxide (DMSO)) in or- 
der to assess the effect of the direct 
environment of the cluster core on its 
redox potentials [12]. The measured A E 
between the 2+/1+ and 1+/0 redox po- 
tentials of model clusters with thiolate 
ligands remains consistently in the range 
ca 0.70 ± 0.05 V in organic solvent elec- 
trolytes, and ca 0.40 ± 0.02 V in water. 
The reported absolute potential for the 
one-electron reduction of [Fe 4 $ 4 ] 1+ in ni- 
trogenase was also too high compared to 
model system values generally reported to 
be in the range —1.50 to —1.85 V (SCE) in 
organic solvent electrolytes and ca — 1.2 V 
(SCE) in water. Recently, the redox po- 
tential for the [Fe 4 S 4 ] 1+,/0 couple of the 
iron-protein has been measured at —0.79 V 
(NHE; i.e. ca —1.03 V SCE), correspond- 
ing to a A £ of 0.48 V between the two 
redox couples, more in line with experi- 
mental and theoretical redox potential and 
associated AE in model clusters [12, 13]. 

The polypeptide environment of the 
iron-protein Fe 4 S 4 cluster appreciably sta- 
bilizes the [Fe 4 S 4 ]° state compared to 
corresponding model clusters. This can 
be assigned to the network of hydrogen 
bonds between the protein residues and 
the cluster sulfide groups, and, to some ex- 
tent, to the accessibility of water molecules 
to the cluster. However, the iron-protein 
iron-sulfur cluster in its [Fe 4 S 4 ] 1+ state 
does not appear to be reducible in vivo 
by known physiological electron donors, 
unless a currently unknown mechanism, 
such as a protein conformation change, 



stabilizes the [Fe 4 S 4 ]° state even more. Ac- 
curate synthetic models have helped to un- 
derstand the structural, spectroscopic, and 
electronic properties of the Fe 4 S 4 cluster, 
particularly that of the iron-protein of nitro- 
genase. Whether or not the [Fe 4 S 4 ]° state 
is implied in the physiological electron- 
transfer chain in nitrogenase remains to 
be proven. However, the sole fact that this 
latter state can be generated as a stable 
center within the protein encourages the 
quest for stable synthetic models in the all- 
ferrous state and bearing terminal thiolate 
ligands. These future models might bear 
a ligand scaffold mimicking the immedi- 
ate stabilizing protein environment of the 
native cluster. In particular, it would be 
interesting to study the effect in terms of 
structure and associated electronic proper- 
ties (electron transfer) of specific hydrogen 
bonds to the bridging sulfides as a func- 
tion of the oxidation state of the cluster 
core. The modeling of a dielectric medium 
similar to the polarity and Lewis acidity 
experienced by iron-sulfur centers within 
proteins might be imposed by ligands shar- 
ing both covalent and noncovalent bonds 
to the cluster core. 

More complex iron- sulfur centers in 
the MoFe-protein of Mo-nitrogenase are 
discussed next. 


21.4 

Bridged Iron-Sulfur Molecular Assemblies 

More complex assemblies of iron and sul- 
fur, sometimes extended to other metals 
like nickel, molybdenum, vanadium, or 
other iron centers are found in some en- 
zymes, that catalyze the transformation of 
small molecules [1, 14]. Among these cen- 
ters, we will focus next on the P cluster and 
the FeMo cofactor of nitrogenase and on 
the H cluster of the iron-only hydrogenase. 
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21.4.1 

Nitrogenases 

21.4.1.1 Introduction 

The most extensively studied nitrogenase 
enzyme contains two kinds of transition 
metals, namely, iron and molybdenum, 
and is called molybdenum nitrogenase [9]. 

In growth conditions where molybdenum 
concentration is low, a nitrogenase depen- 
dant on iron and vanadium is expressed 
[15]. When both molybdenum and vana- 
dium are unavailable, a third type of 
nitrogenase is expressed that contains 
iron as the only transition metal [16]. 

The vanadium-nitrogenase and iron-only 
nitrogenases, also known as alternative 
nitrogenases, are related to the molybde- 
num nitrogenase but are all genetically 
distinct. A fourth and completely different 
“nonconventional” type of nitrogenase is 
known; it also contains iron and molyb- 
denum, but couples dinitrogen reduction 
to the oxidation of superoxide and carbon 
monoxide [17]. 

Mo-nitrogenase is the only one for which 
both detailed structural and mechanistic 
data are available [9, 18]. The enzymatic 
complex comprises two proteins: the iron- 
protein and the molybdenum-iron-protein. 

The Fe-protein is an o^-homodimer with 
a Fe 4 S 4 cluster (vide supra) bridging the 
two a -subunits via four iron-cysteinate 
ligations. Each a-monomer of the iron- 
protein possesses a nucleotide-binding site 
(ATP or ADP). The Fe-protein is a specific 
reductant of the MoFe-protein, an event 
that depends on, and is coupled to, the 
hydrolysis of MgATP. The MoFe-protein 
is an 0 / 2^2 tetramer and contains two 
types of metal-sulfur centers: the so-called 
P cluster of FesSy stoichiometry that is 
located at the interface of each homologous 
a~p subunit, and the FeMo cofactor 
(MoFe 7 S 9 ) found in each a-subunit. 
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Two different structures are known for Fe4(/43-S)3 and MoFe 3 (/i 3 -S )3 subcubes, 
the P cluster (cf. Fig. 3) and are assigned linked together by three central /X 2 -S bridg- 
to different cluster core oxidation states, ing sulfide ligands (cf. Fig.4). The six 
In the reduced or P N (native) state, central iron atoms form an approximate 
the FesSy cluster can be described as trigonal prism centered on a light atom 
two Fe 4 S 4 cubes sharing one common “Y” that has only been structurally recog- 
hexacoordinate sulfur atom, the iron nized recently [18b]. The identity of the 
atoms being linked to the protein by light atom has been proposed to be either 
cysteinate ligands, two of them bridging nitrogen, carbon, or oxygen. Recently, the 
the subcubes. In the P ox state, oxidized possibility of “Y” being a nitrogen atom 
by two electrons relative to P N , the central seems to have been excluded [18d]. The 
sulfur atom looses two bonds with two pseudo-octahedral coordination of molyb- 
iron atoms in one of the subcubes, thus denum is completed by the exogenous 
becoming more open. The tetrahedral bidentate (R)-homocitrate ligand and by 
coordination of these two iron atoms is imidazole from a neighboring histidine 
then completed by extra ligations from residue. A cysteine residue, covalently 
neighboring cysteine and serine residues, bound to the tetrahedral apical iron atom. 

The FeMo-cofactor structure can be provides the cofactor with its other protein 
viewed as the assembly of two incomplete ligation. 



P Cluster (P N state) P Cluster (P ox state) 


Fig. 3 Known structures of the P cluster of nitrogenase in two oxidation states. 



Fig.4 Structures of the FeMo cofactor of nitrogenase (Y is C, N, or O) and 
limiting stoichiometry ofthe catalyzed reaction. 



The electrons transferred from the 
Fe4S4 cluster of the iron-protein to the 
molybdenum-iron-protein are believed to 
shuttle through the P cluster before even- 
tually reaching FeMo-co where N2 binding, 
reduction, and protonation occurs. 

The limiting stoichiometry for the reduc- 
tion of one equivalent of dinitrogen by Mo- 
nitrogenase to two equivalents of ammonia 
involves the hydrolysis of 16 MgATP and 
the production of one molecule of dihydro- 
gen, as outlined in Fig. 4. The three metal 
clusters found in Mo-nitrogenase belong to 
the diverse class of iron- sulfur prosthetic 
centers largely distributed in all living or- 
ganisms. However, while the Fe4S4 center 
is a common cluster found in many other 
iron -sulfur proteins (vide supra), the P 
cluster and the FeMo cofactor represent 
unique structures in biology to date. 

21 .4.1 .2 Electrochemistry of the FegS7 P 
Cluster and Models 

The FegSy inorganic core of the P cluster 
has been synthesized from tetramethylth- 
iourea, 2,4,6-triisopropylbenzenethiol, ele- 
mental sulfur, and iron(II)bis(ditrimethyl- 
silylamide) in toluene, in the respective 
3/12/7/8 ratio [19]. The differences be- 
tween the model and the native P cluster 
lie within the nature of the ligands to the 
iron-sulfur sites, the iron atoms’ oxida- 
tion states and the shorter bond distances 
in the model around the central hexacoor- 
dinated sulfur. While the iron atoms are 
terminated or bridged by cysteinate lig- 
ands in the P cluster, different ligations 
are involved in the model. Indeed, the 
two opposite apical iron sites of the syn- 
thetic cluster have a terminal bis-amide 
ligation; thiourea completes the tetrahe- 
dral coordination of two opposite central 
iron atoms, and the two remaining pairs 
of opposite iron centers are linked by 
a bis-amide bridge. The tighter amide 
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bridge of the model compared to the cys- 
teinate bridge found in the MoFe-protein 
explains the shorter Fe bonds and 
shorter distance between opposite central 
iron atoms in the model. 57 Fe Mossbauer 
spectroscopy of the model compound dis- 
tinguishes two iron sites in a 3/1 ratio: 
each quadrupole doublet’s isomer shift 
and quadrupole splitting are consistent re- 
spectively with six Fe(II) and two Fe(III), 
the former assigned to the six central iron 
atoms and the latter assigned to the two 
opposite apical iron centers. The oxidation 
state of the model (six ferrous /two ferric) 
is therefore directly related to that of the P 
cluster in the P ox state. Nevertheless, the 
structure of the FegSy core of the model re- 
sembles closely that of the P N state, which 
is likely because the bridging amide pre- 
vents a more open structure similar to that 
ofP ox . 

The model cluster has been reported to 
be very sensitive to oxygen and heat. This 
is consistent with the known instability of 
the P cluster toward extraction from the 
MoFe-protein. It is perhaps for this reason 
that no redox potentials were reported for 
the model. 

In the as-isolated state [9], the diamag- 
netic P cluster can be oxidized to the 
P 1+ and P 2+ (P ox ) states at a midpoint 
potential of -0.309 V (NHE at pH 8). 

The identical midpotential for both the 
P N /pi+ and p 1+ /p 2 + couples may be ac- 
counted for by a model in which both 
halves of the P cluster may be oxidized 
separately, and by the structural change 
observed between P N and P ox . The P 2+ 
state (P ox ) may be further oxidized to 
P 3+ (pSUPEROX) at Em = 0 .09 V. With 

E m = —0.309 V for P N /P ox , the P cluster 
seems well positioned for electron trans- 
fer from the MgATP bound iron-protein 
(E m = —0.600 V). In a complex between 
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the iron-protein and the molybdenum- 
iron-protein, the p N /p ox E m value is 
shifted negative to —0.390 V while that 
of the Fe 4 S 4 cluster in the Fe-protein is 
—0.620 V. This may be required for the P 
cluster to be a better reductant of the FeMo 
cofactor. The additional cysteine and ser- 
ine residues’ ligation to the P cluster in 
the P ox state have been proposed to serve 
as proton donor. Indeed, the E m value for 
the P 1+ /P 2+ couple varies linearly with 
pH in the range pH 6.0 to 8.4 (—53 mV 
per pH unit). Despite these electrochem- 
ical data on the P-cluster redox potential 
and oxidation state, it is not yet clear as 
to which ones are relevant to the biolog- 
ical process, how this center reduces the 
FeMo cofactor, and whether it is the only 
specific iron -sulfur structure capable of 
sustaining nitrogenase reactivity [9c]. 

21 .4.1 .3 Electrochemistry of the MoFe 7 S 9 
FeMo Cofactor and Models 

The FeMo cofactor (or M center) in the 
MoFe-protein is in the native paramagnetic 
M n state. Reduction of the MoFe-protein 
by the Fe-protein results in the reduction 
of FeMo-co from the M N state to the 
M r state at a potential estimated to be 
less than —0.465 V (NHE). The electron 
paramagnetic resonance (EPR) silent M R 
state is only transiently produced during 
catalysis, and relaxes to the M N state when 
catalysis stops. The intimate consequences 
of the M n state reduction are not precisely 
known. A more oxidized diamagnetic state 
may also be generated (M ox ) at —0.042 V 
but its biological relevance is unclear [9]. 

The electrochemistry of the extracted 
FeMo cofactor has also been studied in 
depth [20]. Extracted IV -methyl formamide 
(NMF) solutions of FeMo-co contain the 
intact cluster, probably with retention of 
the exogenous homocitrate ligand. Protein 
ligation are replaced with NMF ligands at 


Mo and apical Fe. The as-isolated FeMo- 
co in reducing conditions (dithionite) is in 
the EPR active (S = 3/2) so-called “semire- 
duced” state. FeMo-co semired may be oxi- 
dized to FeMo-co° x at -0.32 V (NHE), a 
process that is complicated by a redox- 
linlced isomerization of mono- to bidentate 
coordination mode of the MeNHCHO - 
anion at the apical iron atom. Addition 
of thiophenolate to the solution simplifies 
the redox process by ligand substitution 
at this iron site. A partially reversible one- 
electron reduction step, corresponding to 
FeMo-co semired / red is observed at about 
— IV, followed by an irreversible pro- 
cess at some 150 mV more negative. The 
ox/semireduced/reduced triad is proposed 
to be associated with the cluster core reduc- 
tion while the last process would be more 
localized at the molybdenum center. Inter- 
action of extracted FeMo-co with substrates 
or inhibitors like proton, carbon monoxide 
or cyanide is informative given that (1) no 
interaction between dinitrogen and FeMo- 
co has been shown, (2) nitrogenase is also 
a hydrogenase, (3) CO binds to FeMo-co 
in the MoFe-protein. Details of these inter- 
actions may be found in Ref. 20. In short, 
the semireduced state of extracted FeMo- 
co catalyzes H 2 evolution at high acidity 
(—0.28 V) in the presence of thiophenol 
(both an acid and ligand for the apical 
iron site). At low acidity, H 2 evolution oc- 
curs at the reduced FeMo-co state. CO 
binding to the iron-sulfur core involves a 
two-electron reduction of the semireduced 
FeMo-co. Upon CO release, the semire- 
duced state is recovered via oxidation by 
protons. The third-electron-transfer pro- 
cess (reduced/super reduced) is associated 
with a second CO binding site, probably at 
Mo. Accurate models of the FeMo cofac- 
tor are not available but are being actively 
pursued [21]. 
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Fig. 5 The double cubane [Mo 2 Fe 7 Sg(SEt)i 2 ] 3 cluster. 


The fragment of FeMo-co that has 
been most accurately modeled by syn- 
thetic clusters is its molybdenum cap. 
Indeed, cubane-like MoFe3S4 clusters re- 
produce very well the first and second 
coordination sphere of molybdenum in 
nitrogenase. MoFe3S4 clusters are usu- 
ally synthesized from the double cubane 
[Mo2Fe7Sg(SEt)i2] 3- (Fig. 5 ) whose cen- 
tral iron bridge can be cleaved to yield in- 
dependent MoFe3S4 monocubes [ 22 , 23 ]. 
The [Mo2Fe7S8(SEt)i2] 3_ double cubane 
has an interesting electrochemistry. The 
first reduction is associated with the central 
low-spin iron(III) center. The monoelec- 
tronic reduction to iron(II) is associated 
with a spin state change, confirmed by 
Mossbauer spectroscopy, and by an in- 
crease of the Fe— S bond length by an 
average of 0.2 A. Electrochemically, these 
structural and spin state changes trans- 
late into a quasi-reversible reduction (slow 
electron transfer) as shown by an increase 
of the A£ p at low temperature (A £ p in- 
crease from 80 to 270 mV between 293 
and 243 K). The two other redox-active 
sites in this cluster are the equivalent 
MoFe3S4 cubes that undergo a monoelec- 
tronic reduction at very close potentials 
(about 90 mV apart). Only under low tem- 
perature conditions are the two redox 
processes fully reversible. At room temper- 
ature, the cubane reductions are associated 
with a reversible opening of some of the 


thiolate bridges to the central iron cen- 
ter. The cubane reduction potentials are 
consistent with the [MoFe3S4] 2+ / 3+ core 
oxidation state. The inherent lability of the 
central iron bridge in [Mo2Fe7S8(SEt)i2] 3_ 
allows synthesis of independent MoFe3S4 
cubes that are good structural models 
of the molybdenum center of nitro- 
genase. In isolated monocubane, three 
redox processes may be observed electro- 
chemically, involving the [MoFe3S4] 1+,/2+ 
[MoFe3S4] 2+ / 3+ , and [MoFe3S4] 3+/,4+ cou- 
ples. Direct synthesis of MoFe3$4 or 
VFe3S4 clusters is also possible from 
TpMoS(S 4 ), FeCl 2 and NaSEt/PPh 3 (Tp 
is hydro (trispyrazolyl)borate(l-)) [ 23 c]. 

21.4.2 

Hydrogenases 

The iron-only hydrogenase is a nice 
example of an electron-transfer path paved 
with different iron-sulfur clusters within 
a protein. The [Fe]-hydrogenase from 
Clostridium pasterianum and Desulfovibrio 
desulfuricans consists of one Fe2S2 and 
three Fe4S4 centers, ending at the H 
cluster that comprises a Fe4S4 center 
bridged via a cystein residue to a dinuclear 
iron site [ 24 a] . The structure of the 
H cluster and hydrogen evolution by 
dinuclear models of its di-iron subsite have 
already been discussed in Sect. 16 . 2 . 2 . 4 . 
Recently, a synthetic model of the whole 
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Fig. 6 Reduction of the H-cluster analog and interconversion of redox processes (from Ref. 24b). 


structure of the H cluster has been 
published [24]. The key to the synthesis 
of the model cluster rests on the use 
of the tridendate thiolate cavitand ligand, 
already discussed in Sect. 21.3.3, that 
prevents expansion of the Fe 4 S 4 cluster. 
The electrochemical reduction of the H- 
cluster model at —0.87 V versus Ag/AgCl 
(process I, Fig. 6) is associated with the 
reversible decoordination from the di- 
iron site of the bridging thiolate. The 
decoordination corresponds to a formal 
intramolecular electron transfer from the 
reduced cubane to the di-iron site (process 
II, Fig. 6). The reoxidized cubane then 
undergoes a reduction at —0.96 V. The 
interconverting redox processes I and II 
have been satisfactorily simulated. The 
accurate structural analog of the H cluster 
is also a good functional model as it 
catalyzes H 2 evolution in the presence of 
acid (4,6-dimethyl pyridinium in MeCN). 
The catalytic current potential is shifted 
some 200 mV positive in the presence of 
the catalyst (£ p = — 1 . 1 3 V) but the current 


remains within some 5% of the current in 
the absence of the catalyst. 

21.5 

Conclusions 

The association of sulfur and iron into sim- 
ple to more complex molecular assemblies 
allows a great flexibility of electron transfer 
relays and catalysis in metalloproteins. In- 
deed, the array of different structures, the 
interactions with amino-acid residues and 
solvent and their effect on redox potential 
and spectroscopic signatures is both in- 
spiring for chemists and electrochemists, 
and of paramount importance for the study 
of these centers in native conditions. Most 
of the simpler natural clusters have been 
synthesized and studied in the labora- 
tory. Particularly, the multiple redox and 
spin states can be studied on pure syn- 
thetic samples with electrochemical and 
spectroscopic techniques such as EPR 
or 57 Fe Mossbauer spectroscopy. More 
complex assemblies still resist structural 



and functional modeling by artificially 
synthesized complexes, with the notable 
exception of the H cluster of hydroge- 
nase. The FeMo cofactor of nitrogenase 
combines both a difficult structure to be 
synthesized and an extremely difficult re- 
action to catalyze under ambient condition. 
This and other challenges are partly driv- 
ing the development of more rational 
iron -sulfur chemistry and electrochem- 
istry that extend well beyond the present 
restricted number of iron -sulfur sites of 
biological relevance. 
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22.1 

Introduction 

22 . 1.1 

Definitions 

Polyoxometalates (POMs for convenience) 
constitute a unique class of molecular 
metal-oxygen clusters, remarkable in sev- 
eral respects: the multitude of their prop- 
erties based on their sizes, shapes, charge 
densities, and reversible redox potentials, 
and their enormous diversity of structures. 
Even though there are metal oxide clusters 
that are neutral or cationic, the present 
text will adopt the simplified view that 
most POMs are anionic structures consti- 
tuted of early transition-metal elements 
in their highest oxidation state, hence 
their usual designation as early transition- 
metal-oxygen-anion clusters. These atoms 
in positive oxidation state constitute the 
so-called addenda atoms. Condensation of 
M0 6 octahedra, mostly with M z+ = W 6+ , 
Mo 6+ and V 5+ , gives isopolyanions or 
isopoly compounds. Heteropolanions are 
obtained when a large number of MC>6 
octahedra are condensed with a much 
smaller proportion of another atom in 
positive oxidation state (the so-called het- 
eroatom). In the following text, POM will 
be kept as the general term, but these 
other designations might also be used 


occasionally. The structures of the vast 
majority of POMs studied in electrochem- 
istry are primarily derived from the Keggin 
structure and the Dawson structure. These 
two basic precursor structures are sketched 
in Sch. 1. POMs of these groups are char- 
acterized by the M/X ratio, where M 
designates the addenda atom and X the 
heteroatom. The Keggin structure belongs 
to the 12/1 series and the Dawson structure 
to the 18/2 series. 

22 . 1.2 

General Properties, Literature, and Topics 
Covered 

The interest in the redox, catalytic, and 
electrocatalytic properties of unsubstituted 
and substituted polyoxometalates arouses 
much attention [2-15] because they are a 
versatile family of molecular metal-oxide 
clusters with applications in catalysis as 
well as in medicine and material sci- 
ence. Such versatility must be traced to 
at least two main characteristics. First, the 
size and mass of these unique molecular 
oxides place their solution chemistry in 
an intermediate position between small 
molecule solution chemistry and infi- 
nite lattice solid-state chemistry. Second, 
their redox behaviors may be very flexible 
and finely tuned on purpose, by chang- 
ing smoothly their composition, with a 
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Scheme la Polyhedral 
representations of prototypical 

(A) Keggin (o'-XWi 204 o” _ ) and 

(B) Wells-Dawson 
(o'-X 2 Wig 062 " _ ) anions (taken 
from Ref. 1). 


(a) (b) 


Aquated cations 

[M(H 2 0) x ] y+ 



Oxocations and hydroxocations 

[M0(H 2 0) x ] y+ or [M(OH) x ] y+ 



Oxides and hydroxides 

MO x or MO(OH) x 



Polyoxoanions and hydroxoanions 

| p -or[M m < 



Oxoanions 


[MO x ]"- 

Scheme 1b Formal sequence of hydrolysis reactions linking 
metal cations, oxyions, and polymeric oxides (adapted from 
Ref. 4) . 

tremendously diverse variety of struc- owing to their electron and proton transfer 
tures [6]. and/or storage abilities, may behave as 

Keeping first with unsubstituted POMs, donors or acceptors of several electrons 
their oxidized forms may only accept while maintaining their structure. In this 
electrons; in contrast, their reduced forms, series, most POMs may be considered 





as close mimics of mixed-metal oxides 
and therefore, be studied as their soluble 
analogs, at least as regards their catalytic 
properties in photochemistry and electro- 
chemistry. As a consequence, extensive 
attention was exercised to their acidity and 
redox capabilities as oxidation catalysts 
in heterogeneous vapor phase catalysis, 
and more recently, in homogeneous phase 
catalysis [7]. An enlightening example is 
the comparative study of POMs and semi- 
conductor metal oxides as catalysts in the 
photochemical oxidative degradation of 
thioethers that demonstrates that POMs 
remain active even under anaerobic condi- 
tions [16]. 

Turning now to the ability of unsubsti- 
tuted POMs to generate lacunary species 
and then metal cation-substituted deriva- 
tives, it appears that a virtually enormous 
family of compounds might result. The im- 
petus for their study was triggered by the 
seminal remark of Baker [17] that mono- 
substituted POMs can be considered as 
the analogs of metalated porphyrins and 
used in catalytic processes with the advan- 
tage, relative to their organic counterparts, 
of thermal stability, robustness, and inert- 
ness toward oxidizing environments. 

The foregoing remarks suggest strongly 
that electrochemistry should be an invalu- 
able technique to study several aspects of 
POMs properties. Following the pioneer- 
ing work of Souchay who demonstrated 
that polarography is suitable for the study 
of oxometalate solutions, electrochemical 
techniques are now extensively used in 
diverse directions: distinguish between 
isopoly and heteropoly anions and even 
between two isomers by establishing ap- 
propriate fingerprints; follow the kinet- 
ics of transformation of most of these 
compounds or establish potential-pH di- 
agrams; establish reaction mechanisms; 
study electron transfer processes, catalytic 
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and electrocatalytic pathways, and so on. 
Among remarkable results, electrochem- 
ical reduction avoids secondary reactions 
like the exchange of some elements of 
the oxometalate with those of the reduc- 
ing agent. For instance, in the reduction 
of molybdic species by SnCh, substitution 
of Mo by Sn was observed [18]. Electro- 
chemistry allows sequential additions of 
electrons and allows to demonstrate that 
the reduced species, most of which, but 
by no means all, are intensely blue (and 
henceforth named heteropolyblues, HBP), 
are stable in a larger pFI domain than the 
oxidized forms and that this domain ex- 
tends toward more alkaline pFI values as 
the number of added electrons increases 
[19-23], 

In short, most work on POMs address 
primarily their pH of formation, the stabil- 
ity of the various complexes with emphasis 
on their analytical properties, homoge- 
neous catalysis, radiochemical, and pho- 
tochemical behaviors. All these properties 
have been described in a series of excellent 
reviews, which usually include short devel- 
opments on their electrochemistry and re- 
dox catalysis properties [2-9, 24-28]. The 
reader is referred to these reviews for gen- 
eral descriptions of POMs synthesis, struc- 
tures, and reactivity. Among these reviews, 
particular attention is drawn to those few 
containing substantial developments on 
electron transfer behaviors and the electro- 
chemistry of POMs [2, 4, 5, 7-9, 24-28]. 

In the present chapter devoted to the 
electrochemistry of POMs, our purpose 
is not to provide an exhaustive review 
of all the papers in which some electro- 
chemical aspects of POMs intervene, but 
rather to emphasize the fundamental prin- 
ciples that govern the vast majority, if not 
all, of the electron transfer behaviors of 
these chemicals at electrodes and help to 
explain their electrocatalytic properties. As 
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a consequence, illustrative examples will 
be selected. Details not necessary to es- 
tablish the mechanisms will be omitted 
or not commented and can be found in 
the original papers. The reader is referred 
to exhaustive reviews and to the cur- 
rent literature for these particular details. 
Therefore, in addition of seminal papers, 
particular attention is exercised toward the 
literature covering the period from 1996 to 
2004 to provide a satisfactory overlap with 
the two following reviews: (1) a 1998 review 
[8] devoted to the properties of POMs as 
electrocatalysts; (2) a development in Vol- 
ume 10 of the present series that considers 
the electrocatalysis with POMs attached to 
electrode surfaces [9]. Therefore, the ex- 
amples selected in the following text will 
highlight the molecular aspects of the elec- 
trochemistry of POMs in solution. 


22.2 

A simplified Overview of the Formation of 
POMs 

Although POMs have been known for 
about 200 years [6d,e,f] a large number 
of novel polyoxoanions with unexpected 
shapes and sizes are still being discov- 
ered. However, despite this diversity that 
precludes from complete rational and sys- 
tematic design of synthesis for all POMs, 
a few guidelines can be retained. For 
specific details, the reader is referred to 
books, reviews, and original papers [3-7, 
27]. Primarily, the evolution of aquated 
metal cations in aqueous solution depends 
on the pH of the medium, going from 
the hydrated cation [M(H20) x ] n+ , viable 
in very acidic medium, to the oxoanion 
[MO x f- obtained in very basic solution 
(see Sch. lb). The route between these two 
extremes is populated by a series of more or 
less stable oxocations and hydroxocations, 


oxides and hydroxides, and finally poly- 
oxoanions and hydroxoanions, which are 
the focus of our study. 

More specifically, acidification of 
[MO x ] n - oxoanion-containing solutions in 
appropriate experimental conditions (pH, 
concentration, temperature. . .) results in 
polycondensation of these oxoanions to 
build up large and eventually giant anionic 
species, the so-called Polyoxoanions or 
Polyanions (POMs). Such assemblies are 
known with transition metals in high 
oxidation states, among which the d° 
states of vanadium, molybdenum, and 
tungsten are the most common ones. 
Polycondensation of the same oxoanion 
gives an Isopolyoxoanion [M m O y ] p_ . The 
structures can be viewed as the association 
of tetrahedral [MO4] (mainly vanadium) 
and/or octahedral [MO6] groups sharing 
corners, edges, and/or faces. As an 
example, paratungstate [W7O24] 6- is 
synthesized by acidification of tungstate 
solutions according to the stoichiometry: 

7[W0 4 ] 2 “ + 8H+ 

> [W 7 0 24 ] 6 “ + 4H 2 0 

When polycondensation of these “ad- 
denda atoms” is carried out in the pres- 
ence of another oxoanion containing an 
“heteroatom” X, an Heteropolyanion is 
obtained, formulated as [X x M m O y ] q_ . X 
belongs usually to the main group ele- 
ments (B, Si, Ge, P, As, . . .) but can also 
be a metal. 

[W0 4 ] 2- , H 3 P0 4 (excess), H+ * 

[P2Wi80 6 2] 6- (isomers) 

+ other tungstophosphates 

The two foregoing examples illustrate 
the variability of experimental conditions 
and suggest the necessity of further 
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specific conditions for isolation of a pure 
sample of the desired POM. 

Usually, addition of an appropriate coun- 
terion, commonly an alkali metal, ammo- 
nium, or tetraalkylammonium permits the 
isolation of the polyanion. Lithium and 
sodium salts are generally more water- 
soluble than those of the larger cations. In 
contrast, salts of alkylammonium and sim- 
ilar cations are insoluble in water but can 
be recrystallized from several nonaqueous 
solvents. 

POMs can be viewed as assemblies of 
discrete fragments of oxides with definite 
sizes and shapes. These assemblies repre- 
sent usually thermodynamically stable ar- 
rangements, even though their formation, 
especially in the case of polytungstates, is 
rather under kinetic control [3]. Most of 
them keep their identity in aqueous and 
nonaqueous solutions. 

In short, the mechanism of formation 
of POMs is far from well understood 
and commonly proposed descriptions as 
self-assembly are rather elusive. Only syn- 
theses in aqueous solutions are briefly 
outlined. Actually, successful POM forma- 
tions in nonaqueous media were also de- 
scribed, without any deeper insight into the 
reaction pathways. Therefore, attempts at 
rationalization of the hitherto mysterious 
equilibria that generate polyoxometalates 
are necessary so that, eventually, straight- 
forward syntheses of novel species might 
be designed. In contrast, a better knowl- 
edge exists as regards the transformation 
mechanisms of a POM into another one or 
the partial degradation pathways of a POM. 
As a matter of fact, rational stereospecific 
methods of synthesis of substituted POMs 
were developed starting from appropriate 
lacunary species [3, 4, 6a,b]. 

Finally, a survey of the literature con- 
firms the evolution of such systems to 
be controlled by numerous, apparently 


insignificant, parameters. For instance, 
the sequence of adding reagents might 
be important [4], It was also shown that 
the concentration of a counterion like Na + 
plays an important role in the evolution 
of a system apparently as “simple” as 
the hydrolysis of molybdate in aqueous 
medium [5]. 

The above considerations show that the 
rational synthesis and structural character- 
ization of new POMs remain a challenge. 
Nevertheless, the potentially attractive cat- 
alytic properties of such species are a 
strong motivation to undergo this kind 
of research. 


22.3 

Fundamental Redox Mechanisms of POMs 
at Electrodes 

The possibilities of POMs compositions 
and structures are virtually enormous, 
and the number of these molecules actu- 
ally prepared and characterized continues 
to grow unabated. However, examina- 
tion of their short electrochemical studies, 
which are becoming a usual part of 
their characterization, shows that a lim- 
ited selection of representative groups of 
POMs is sufficient for a description of 
the main electrochemical behaviors of 
this class of chemicals. Therefore, a- 
Keggin- and Dawson-type heteropolyan- 
ions of phosphotungstate, silicotungstate, 
phosphomolybdate, and silicomolybdate; 
mixed addenda heteropolyanions, and 
transition-metal substituted heteropolyan- 
ions including sandwich-type derivatives 
were selected for the present article. 

Unless otherwise stated, most studies 
were performed by cyclic voltammetry with 
freshly polished glassy carbon working 
electrode (GC) and a saturated calomel 
reference electrode (SCE). 
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22.3.1 

Electrochemical Reductions of Selected 
Plenary POMs: a-[SiW 12 O 40 ] 4- , 
a-[PW 12 0 4 o] 3 -, a-[P 2 W 18 0 62 ] 6 -, and 
«-[H 2 W 12 O 40 ] 6 - 

When no confusion is possible, these 
POMs will be abbreviated as SiWi 2 , PWi 2 , 
P 2 W 18 , and H 2 Wi 2 respectively 

22.3.1.1 Aqueous Media 

A first point of concern is the knowledge 
of the pH domain where the molecule un- 
der scrutiny is stable. For these classical 
POMs, such domains were determined 
and found to be shifted to more alka- 
line pH values as the number of added 
electrons increases [19-23]. H 4 SiWi 2 0 4 o, 
H3 PWi 2 0 4 o, and H6P 2 Wi 8 06 2 are known 
as strong adds in aqueous solutions, pre- 
sumably with a uniform acidity [29]. 
In addition, each reduction step in- 
creases the negative charge density on the 


POMs and hence, their basicity. There- 
fore, the electrochemical observations are 
anticipated to depend on the acidity func- 
tions of the various classical mineral acids, 
HC10 4 , H 2 S0 4 , and HC1, used as support- 
ing electrolytes. 

In their usual pH domains of stability, 
starting from low to high pH values, the 
electrochemistry of the three heteropolyan- 
ions, SiWi 2 , PWi 2 , P 2 Wi8, shows at least 
two successive one-electron waves fol- 
lowed eventually by multielectron waves 
[4, 30]. This observation is consistent with 
the very strong acidity of these POMs 
[29], even in the solid state as demon- 
strated for H 4 SiWi 2 0 4 o and H3 PWi 2 0 4 o 
[ 31]. Even though a two-electron reduction 
on the first wave of H 4 SiWi 2 0 in solu- 
tions more concentrated than 5 M HC1 
was occasionally mentioned [32], only re- 
cently was this possibility of apparently 
direct two-electron reductions on the first 
waves of these POMs generalized and 


Tab. 1 Reduction peak potentials (E pc ) vs. SCE and anodic-to-cathodic peak separations (AE p ) for 
10~ 3 M o'- Kg P2W]g062 with various hydrochloric acid concentrations in water 3 (taken from Ref. 33c) 


Medium 

„ b 
"app- 


AE Pl 

—EpC 2 AE P2 

— fpCj 

AE Pj 

— EpCf 

A E P4 

—Epc, 


(icon.) 

[mV] 

[mV] 

[mV] [mV] 

[mV] 

[mV] 

[mV] 

[mV] 

[mV] 

1 M HCI 

1 (1.0) 

-5 

55 

135 

50 

380 

30 

610 

25 

805 

2 M HCI 

1.06 (1.08) 

-5 

55 

125 

50 

365 

30 

595 

25 

-800 

3 M HCI 


5 


115 


345 

30 

565 

20 

-780 

4 M HCI 


5 


90 


330 

30 

550 

20 


Medium 

„ b 
" a PP- 

— EpC, 

C 

AE P1 


~EpC 2 

A E P2 

— fpCj 

AEp, 

—Epc t 


(neon.) 

[mV] 


[mV] 


[mV] 

[mV] 

[mV] 

[mV] 

[mV] 

6 M HCI 

1.40 (1.54) 

65 


100 


290 

25 

515 

20 

-750 

8 M HCI 

1.50 (1.73) 

35 


60 


275 

25 

495 

20 

-725 

12.4 M HCI 

1.54 (1.96) 

-5 


30 


240 

25 

460 

20 

650 

3 Missing val 

ues correspond to very il 

l-defined patterns 

. The | 

potential 

sweep 

rate is 100 mV s 

1 


b n app . is the apparent electron number for the first voltammetric wave, n cor r. is the same value 
corrected for viscosity effects. 

c When the two first waves are merged, the new numbering of waves is obvious. 
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Fig. 1 Cyclic voltammetry 
pattern at a glassy carbon 
electrode (CC Tokai, Japan) with 
1(T 3 M q'-K 6 P2Wi 8 062 in 1 M 
HCI supporting electrolyte. 
Sweep rate: 1 00 mV s _1 ; 
electrode surface area: 

0.07 cm 2 ; (a) voltammetric 
pattern restricted to the four 
first waves of [P 2 W 18 O 62 ] 6 ”; 

(b) the whole voltammetric 
pattern showing ill-defined 
reoxidation peaks on potential 
reversal (taken from Ref. 33c). 


studied systematically [33b,c]. The results 
for P 2 W 18 are the most complete because, 
among the three POMs, this molecule 
turned out to be the most soluble up to 
the highest acid concentrations. Table 1 
summarizes the quantitative parameters 
associated with the cyclic voltammograms 
of 10 -3 M P 2 Wi8 dissolved in various HCI 
concentrations in water. Figures 1 through 
3 illustrate the main evolutions of these 
CVs. Figure 1(a) shows the CV obtained 
in 1 M HCI. Four waves appear, with 
electrons numbers being 1 ; 1 : 2: 2. It was 
demonstrated previously that six electrons 
could be added to P 2 W 18 and reversibly 
removed [33, 34]. 


Fig. 2 Evolution of the cyclic 
voltammetry pattern with hydrochloric 
acid concentration in water with 10~ 3 M 
a-K 6 P2W lg 0 6 2. The figure is restricted 
to the merging process of the first two 
waves. Curve 1: 1 M HCI; Curve 2:3 M 
HCI; Curve 3: 12.4 M HCI. Sweep rate: 

1 00 mV s _1 ; electrode surface area: 

0.07 cm 2 (taken from Ref. 33c). 



Figure 1(b) shows that scanning the 
potential up to the fifth wave complicates 
the voltammetric pattern. In the following, 
the pattern is restricted to a potential 
domain in which no undesirable deriva- 
tization of the electrode surface was ob- 
served [28]. For this acid concentration and 


Glassy carbon 
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j E/V vs. SCE t 

1 1 — i — i — i — i — i — i — i 1 

-0.6 -0.3 0.0 +0.3 

with a potential scan rate of 100 mV s _1 , 
the anodic-to-cathodic peak separations 
quoted in Table 1 fit the 1 : 1 : 2: 2 elec- 
tron numbers. The corresponding waves 
may feature diffusion-controlled pro- 
cesses. This conclusion was checked to 
be true for the first reduction process. 
The evolution of the voltammetric pattern 
when the hydrochloric acid concentra- 
tion increases is described by Table 1 and 
sketched in Fig. 2. Already at 2 M HC1, all 
the waves move in the positive potential 
direction, except for the first one that re- 
mains at its initial potential location. This 
evolution continues with increasing con- 
centrations of HC 1 until the first and the 
second waves are practically merged into 
a broad composite wave at 6 M HCl for 
potential scan rates between 20 mV s -1 
and 500 mV s -1 . For the sake of simplic- 
ity and continuity, this combined wave is 
renumbered 1 as it is clear from Table 1. In 
more and more acidic solutions, the peak 
current intensity of this composite wave 
grows larger and larger, while its reduc- 
tion peak potential becomes less negative 
and the anodic-to-cathodic peak potential 


Fig. 3 Fi nal voltammetric pattern 
obtained with 10~ 3 M 0 '-l< 6 P 2 WisO 62 in 
1 2.4 M HCl (Curve 2) from the set of 
four waves (Curve 1) observed in 1 M 
HCL. Sweep rate: 100 mV s _1 ; electrode 
surface area: 0.07 cm 2 (taken from 
Ref. 33c). 

difference decreases down to 30 mV in 
12.4 M HCl. The final voltammetric pat- 
tern appears also on Fig. 2. At such high 
concentration of hydrochloric acid, the 
change in viscosity of the solution [33a] 
must be taken into account to demon- 
strate consistently that the wave has now 
the characteristics of an overall, appar- 
ently direct, two-electron transfer process. 
Figure 3 shows the final pattern of three 
waves in 12.4 M HCl, from the set of four 
initial waves in 1 M HCl of Fig. 1. The 
chemical reversibility of these two-electron 
waves is reminiscent of the electrochem- 
ical behaviors of quinone/hydroquinone 
systems in molecular electrochemistry and 
suggests the use of this unifying analogy, 
which is developed in the following. 

The same kind of experiments was 
carried out with HCIO 4 . The observations 
in the two media parallel each other. At 
the same concentration of 4 M, HCIO 4 
is much stronger an acid than HCl, as 
the first two waves of P 2 W 18 are already 
merged in the former medium while they 
are not in the latter. Concentrations of 
HCIO 4 higher than 7 M could not be used, 
due to the very poor solubility of P 2 W 18 in 
these media. 

SiWi 2 behaves in much the same way as 
P 2 W 18 in perchloric acid. The final unique 
two-electron wave obtained in strongly 
acid solution from the initial set of two 
one-electron waves in 1 M HCIO 4 is built- 
up by the same mechanism as observed 
for P 2 W 18 , which is the gradual positive 
potential shift of the second wave. It is 
also noted that the merging of the first 
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two waves of P 2 W 18 is complete at 4 M 
HCIO 4 while it only begins for S 1 W 12 . 
This observation supports the idea that the 
two-electron reduction product of P 2 W 18 
is more basic than that of S 1 W 12 . Results 
for other acids can be found in the original 
papers [33b, c,d]. 

PW 12 turns out to be sparingly soluble in 
concentrated acid solutions. The first three 
waves feature 1 : 1:2 electron processes. 
On varying the perchloric acid concentra- 
tion from 1 M to 4 M, the first two waves 
move to more negative potentials while the 
third one moves in the positive direction. 
The first wave goes from a value corre- 
sponding to one electron to 0.95 electron. 
This last value was corrected to 1.0 elec- 
tron when taking into account the change 
in viscosity of the various media. The 
anodic-to-cathodic peak potential separa- 
tion remains constant throughout. Higher 
concentrations of HCIO 4 are precluded by 
the poor solubility of PW 12 in these me- 
dia. A concentration as high as 6 M has 
been possible for HC1. Much the same 
phenomena are observed as in HCIO 4 . In 
particular, the height of the first wave, cor- 
rected for viscosity effects, corresponds to 
one electron whatever the medium. 

It thus appeared that coalescence of the 
first waves of P 2 W 18 or S 1 W 12 could be 
achieved only in very high acidity media. A 
complete simulation of all these processes 
over the entire acidity range would require 
the input of a large number of parameters 
[35]. The merging of the third and fourth 
waves of P 2 Wis upon increasing the acidity 
of the supporting electrolyte could only be 
simulated [35]. 

In contrast with the examples of P 2 W 18 
and SiW 12 , much more ordinary pH media 
were sufficient to obtain the coalescence of 
the first two one-electron waves of H 2 W 12 
[35]. As a matter of fact, at pH above 4.0, 
the initial reduction processes of H 2 W 12 


involve two successive one-electron waves 
with their potentials independent of pH. 
Figure 4 shows the voltammetric behavior 
of 10 “ 3 M H 2 W 12 solutions in the pH 
range 2-7 in aqueous NaCl (0.5 M). When 
the pH decreases below 4.0, the second 
wave diminishes in intensity while the 
first one increases. The evolution of the 
voltammetric pattern appears in Fig. 4. 

Typically, a single wave is observed at 
pH = 3.4. This gradually sharpens and 
below pH 3.2 begins to move to more pos- 
itive potentials as the pH is decreased. 
At pH 1.1, the anodic-to-cathodic peak po- 
tential separation is 55 mV, consistent 
with a chemically reversible two-electron 
process comprising two unresolved one- 
electron events. The whole evolution could 
be simulated, on the basis of the following 
scheme and on an established program 
(DIGISIM V 2.0 and partly 2.1, Bioanalyt- 
ical Systems, West Lafayette, IN) in which 
unknown parameters are adjusted. The rel- 
evant parameters are gathered in Table 2 
and the corresponding voltammograms 
are represented by dots in Fig. 4. The 
hypotheses and adjustments necessary to 
achieve a satisfactory simulation of the case 
of H 2 W 12 indicate the difficulty of the task 
in more sophisticated media. Nonetheless, 
the achievement is important as a quanti- 
tative support of the more general classical 
nine-member box scheme that summa- 
rizes the possible intermediates for all two- 
electron two-proton reactions such as the 
quinone/hydroquinone systems. This gen- 
eral scheme that applies in a wide variety of 
experimental conditions will be discussed 
after examination of electron transfer be- 
haviors of the same plenary POMs in other 
solvents and mixed solvents. 

23.3.1.2 Nonaqueous and Mixed Solvents 

Nonaqueous solvents and their mix- 
tures with various amounts of water are 
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Potential 
[V vs. Ag/AgCI] 


Potential 
[V vs. Ag/AgCI] 


Fig. 4 Cyclic voltammograms of solutions of (NH 4 )e[H 2 Wi 204 o] (1 mM) in aqueous NaCI (0.5 M); 
v = 100 mV s -1 ; full I ine: experiment; dotted line: simulation (taken from Ref. 35). 


interesting because they may promote the reduction pathways observed for these 
ion-pairing of oxidized and/or reduced molecules. These behaviors must be traced 
forms of POMs with small cations such both to the basicity of these solvents and 
as H + , Li + , and Na + , and thus orient also to their permittivity [33, 36-39]. 
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Tab. 2 Parameters for simulation of cyclic voltammetry of 1 mM solution of [H 2 Wi 20 4 o] 6 ~ in 
aqueous NaCI (0.5M) 


[HiWuOwf- 


Couple 

0 '/T 

I'/ 2 ' 


l'h/ 2 'h 

E[/ 2 , mV 

-555 

-755 


-585 

AE p , mV 

72 

101 



Protonic equil. 

Kvh 

K? h 


f< 2 'h 2 


2.8 x 10 3 

2.4 x 10 6 


3.0 X 10 : 

Dispropn equil. 

2 T 7 > 0 ' + 2 ' 

l' + l'h 7=1 

=± O' + 2'h 

21 'h 7 ZZ 

Equil. const 

4 x 10 ~ 4 

0.35 



Diffusion coeff. 

Danion 

D h + 



10 6 cm 2 s “ 1 

2.0 

19 




The action of H + from perchloric acid 
on the reduction of SiWi 2 , P 2 W 18 , and 
PW 12 in DMF in the presence of 0.1 M 
lithium perchlorate is studied as a rep- 
resentative example [33b, 33c]. Perchloric 
acid is known to be strong in DMF [36]. 
The evolution of the voltammetric pattern 
of 10“ 3 M K 4 SiWi 2 0 4 o (abbreviated as 
K 4 .S 1 W 12 ) is shown in Fig. 5. For clarity, 
the pattern in this figure is restricted to 
the evolution of the first one-electron wave 
of this salt in DMF + 0.1 M LiCl0 4 , upon 
stepwise addition of HC10 4 . With the acid, 
a new wave appears, more positive than 
the previous one and grows at its expense 
when the acid concentration is raised. The 
evolution ends up in the formation of a 
two-electron wave. 

Table 3 gives in more detail the evolution 
of the whole voltammetric pattern. The 

Fig. 5 Voltammetric pattern obtained 
with 10 ~ 3 M ff-K 4 SiWi 2 0 4 o in 
DMF + 0.1 M LiCI0 4 solution - Curve 
1 : in the absence of acid; Curve 2: with 
2 10 ~ 3 M perchloric acid; curve 3: with 
5 10 _1 M HCI0 4 . The pattern is 
restricted to the evolution of the first 
wave observed in the absence of acid. 
Sweep rate: 100 mV s _1 ; GC electrode 
surface area: 0.07 cm 2 (taken from 
Ref. 33c). 


first waves in the absence of acid are 
in electron ratios 1:1:2. Their smooth 
evolution upon perchloric acid addition 
ends up in a set of three new waves in 
electron ratios 2:2:4, the last value varying 
with the acid concentrations. Completely 
similar trends are obtained with 10 -3 M 
K 6 P 2 W 18 O 62 in DMF. Here again, a new 
wave appears on addition of acid, albeit at 
a smaller acid to POM ratio, underscoring 
the higher basicity and/or ion-pairing 
ability of P 2 W 18 compared with SiWi 2 - 
Again, PW 12 behaves differently and the 
experiments could be started directly with 


Glassy carbon 



-0.9 -0.6 -0.3 


0.0 
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Tab. 3 Reduction peak potentials (£ pc ) versus SCE and anodic-to-cathodic peak separations (A E p ) 
for 10 ~ 3 M a-^SiW^C^o in dimethylformamide with various perchloric acid concentrations 3 (taken 
from Ref. 33c) 


[HC/O 4 ] mM 

n b 
"app. 



-EpCl c 

[mV] 

AE P1 

[mV] 

f P c 2 

[mV] 

ae P2 

[mV] 

E p c, 
[mV 7 

0 

1 



840 

75 

1060 

115 

1320 

[HC/O 4 ] mM 

n b 

"app. 

~Epcf 

AE Pl 

— £pc z 

A E Pl 

— EpCj 

AE p , 

—E p c, 



[mV] 

[mV] 

[mV] 

[mV] 

[mV] 

[mV] 

[mV] 

2 

-0.90 

720 

60 

845 

70 

-1030 


1315 

4 

1.34 

715 

75 

-850 


-1030 


-1250 

5 

1.56 

705 

75 

-850 


-1030 


-1200 

6 

1.63 

700 

75 

-855 

-75 

-1040 


-1175 

8 

1.69 

680 

65 

-855 

-90 

-1070 



10 

1.74 

670 

60 

-835 

-80 

-1070 



20 

1.81 

645 

50 

775 

60 

-1040 


-1170 

40 

1.85 

615 

45 

735 

50 

-1000 


-1170 

100 

1.85 

595 

45 

705 

45 

-1000 



500 

1.79 

545 

35 

655 

40 

-920 



1000 

1.72 

525 

30 

650 

30 

900 

30 

-1050 


3 The solvent contains 0.1 M UCLO 4 for all the solutions. The potential sweep rate is 100 mV s _1 
missing values correspond to very ill-defined patterns. 

^n a pp. is the apparent electron number for the first voltammetric wave. 
c When a new wave appears, the renumbering of waves is obvious. 


its acidic form. Up to 4 M HCIO4, the first 
two one-electron waves of PW12 remain 
monoelectronic throughout. 

Such effect of small cations on 
the voltammetric behaviors of a- 
[SiMoi2C>4o] 4_ and a-fPMonCNo] 3- in 
acetone and acetonitrile was investigated 
recently [ 37 ]. For the a-[SiMoi204o] 4_ 
complex, the presence of Li + or Na + 
caused the one-electron wave to be 
converted into a two-electron wave at 
ca. 0.3 V more positive than the first 
one-electron wave. In the presence of 
Li + or Na + , the a-[PMoi204o] 3_ complex 
underwent a two-electron reduction at 
the same potential as the original 
first one-electron wave in CH3COCH3, 
whereas it exhibited only successive 


one-electron waves in CH3CN. The 
addition of a trace amount of H + 
produced new two-electron waves at more 
positive potentials. These observations 
were rationalized by considering both the 
greater basicity of CH3COCH3 compared 
to that of CH3CN (Donor Number 
DN: CH3CN, 14 . 1 ; CH3COCH3, 17 . 1 ) 
[ 38 ] on the one hand and the greater 
relative permittivity of CH3CN (e r = 35 . 9 ) 
than CH3COCH3 (e r = 20 . 7 ) [ 39 ], An 
even more striking solvent and small 
cations effect could be demonstrated 
for the 18 -molybdodiphosphate complex 
[(P2C>7)Moi8054] 4 ~ that contains [P20/] 4- 
as heteroion [ 40 ]. Unlike the usual 
Dawson complexes that consist of two 
A-type XM09 units (X = S, P, As), 
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the [(P2C>7)M0i8O54] 4- complex has a stepwise addition of Li+ is analogous to 
structure based on two B-type PM09 that observed upon addition of HCIO4 
fragments. For this molecule, the presence [41b], except that Li+ appears to act 
of small cations such as H + , Li + , and Na + as a weaker acid than H+. Following 
caused one-electron wave to be converted experimental observations, it is assumed 
into four- and two-electron waves in a that [S2 Mois 062] 4 ~ and its one-electron 
complex manner. With the addition of reduced species do not interact with Li+ . 
a trace amount of H + , a four-electron Then, the various possibilities sketched 
reduction wave was obtained in solvents of in Sch. 2 involving an extensive series 
weaker basicity like acetone, acetonitrile, of reversible potentials and equilibrium 
or propylene carbonate; the relative constants could be simulated. Parameters 
permittivity does not affect the appearance used to simulate cyclic voltammograms 
of the four-electron wave. Two-electron are gathered in Table 4. 
waves were obtained in solvents of stronger Phenomenologically, the reactions be- 

basicity like N, IV-dimethylformamide tween reduced forms of [S2M018O62] 4- 
(DMF), N, fV-dimethylacetamide (DMA), and Li + are analogous to those with H + , 
and A-methylpyrrolidinone (NMP). With with acidity strength being in the order 
the addition of Li + or Na + , the one-electron HCIO4 > LiCl0 4 > H2O. ITowever, as this 
waves were converted into two-electron simulation involves a significant number 
waves only in acetone, indicating that the of unknown parameters, the coherent set 
conversion can occur in solvents of both of data obtained cannot be assumed to be 
weak basicity and low relative permittivity, unique. 

The interaction of Li + toward the reduced 
forms of the Dawson [S2 Mois062] 4_ 22.3.2 

polyoxometalate anion was interpreted Quinone/hydroquinone-like Behaviors in 
in the same framework by considering the First Several Reduction Waves of POMs 

this cation as a moderately strong Lewis 

acid [41]. In the 95:5 CH3CN + P^O Whatever the solvent and the salt used 
solvent mixture ( 0.1 M NBU4CIO4), the as supporting electrolyte, it appears that 
voltammetric behavior obtained upon the first several waves of POMs could be 


[S 2 Mo 18 Og 2 ] 6 

. +e 

[S 2 Mo 18 Og 2 ] 7 

. +e 

[S 2 Mo 18 Og 2 ]* 


-e - ' 


-e ' 


-Li + 


-U + 


-Li + 

+Li+ J ^ 

e 5 

+ Li+ J k 2 

e 6 

+Li+ J k 3 


[LiS 2 Mo 18 Og2 ] 5 



[LiS 2 Mo 18 Og 2 ] 6 




[LiS 2 Mo 18 Og 2 ] 7 



[LiS 2 Mo 18 Og 2 ] 5 J [Li 2 S 2 Mo 18 Og 2 ] 6 
-e 


Scheme 2 General scheme for the interaction of lithium cation with the 
reduced forms of [S 2 MoigOg 2 ] 6 ^ (Ref. 41a). 
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Tab. 4 (a) See Ref. 41 a. (b) Diffusion coefficient used in the 

simulation was 1 .4 x 10~ 5 cm 2 s -1 for Li + and 6.4 x 10~ 6 cm 2 s _1 
for all polyoxo anions, (c) Reversible charge transfer process 
simulated by use of value of 1 0~ 4 cm s _1 for the heterogeneous 
charge transfer rate constant (k s ) and 0.5 for the charge transfer (o'), 
(d) Reversible conditions achieved by making the rate constant for 
both forward (kf) and reverse (kb) reaction of homogeneous 
chemical reactions extremely fast 


Charge transfer reactions c 

[S 2 Moig062] 4 ~ + e~ ' 

[S 2 MoigO^]^ - + ' - - , 

[S 2 Moi 8 C> 62 ] 6 ~ + 

[S 2 Mo]gOg2] 7— + 
[LiS2Mo 18 062] 5 " + e“ ' 
[LiS 2 Mo 18 0 6 2 ] 6 - + e~ ' 
[Li2S2Moi 8 062] 5 ^ + e~ - == 
Chemical reactions d 
[S 2 Mo 18 0 62 ] 6 - + Li+ 4=^ 
[S 2 Mo 18 0 6 2] 7 “ + Li+ 
[S 2 Mo 18 0 62 ] 8 “ + Li+ 
[LiS 2 Mo 18 0 62 ] 6 - + Li+ 
[LiS 2 Mo 18 0 62 ] 7 - + Li+ — 


E V2 M 


[S2Moi 8 C>62] 5 ~ 

-0.12 

[S 2 Mo 18 0 6 2] 6 ~ 

-0.11 

[S2MoisC>62] 7 ~ 

-0.73 

[S 2 Mo 18 0 6 2] 8 ~ 

-0.91 

=f [LiS 2 Mo 18 0 6 2] 6 ~ 

-0.56 

[LiS 2 Mo 18 0 62 ] 7 - 

-0.67 

=F [Li2S2Moi 8 062] 6_ 

-0.60 


K/M -1 

; [LiS 2 Mo 18 0 6 2] 5_ 

10 1 (/q) 

: [LiS 2 Mo 18 0 6 2] 6_ 

5 x 10 2 (K 2 ) 

; [LiS2Moi 8 Oe2] 7_ 

10 6 (ff 3 ) 

[Li2S2Moi 8 062] 5_ 

10 3 (K 4 ) 

=f- [Li2S2 M 018 O 62] 6 

8 x 10 3 (K 5 ) 



considered to follow the same mechanistic 
scheme as quinones. As a representative 
example, H + will be selected as the ac- 
tive cation in the supporting electrolyte 
(Sch. 3). 

E\, E 2 , E\ , E' 2 , E’[, E 2 are the normal 
potentials of the various redox couples 


Scheme 3 Nine-member box 
scheme summarizing the 
possible intermediates for all 
two-electron, two-proton 
reactions (taken from Ref. 2). 


and K\, K 2 , K[, K' v K " . K 2 are the acid 
dissociation constants. 

It is assumed that E\ > £ 2 - Then the 
actual reaction mechanism depends on 
the relative rates of proton and electron 
transfers [42-44]. The whole set of exper- 
imental results suggests clearly two main 
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reaction pathways, depending on the sol- 
vent. Taking S 1 W 12 in water as an example, 
its second wave was found to shift to 
less negative potentials, the peak poten- 
tial of its first wave remaining unchanged 
when the perchloric acid concentration 
was varied in the range 1-4 M. From 
5-7 M perchloric acid concentration, this 
phenomenon continues, while the first 
wave now grows at the expense of the 
second one, conceivably due to the very 
close proximity of the redox potentials of 
the two couples [45-47]. Obviously, the be- 
havior in water is consistent with a reaction 
mechanism in which the second electron 
transfer is followed by a protonation shift- 
ing in the positive potential direction of 
this step. This mechanism leads to the 
formation of an overall, apparently di- 
rect two-electron process. In the present 
case, an Electrochemical-Electrochemical- 
Chemical (EEC) pathway is followed. 
Nuances of this mechanism and/or ther- 
modynamically equivalent pathways can 
be found and were described previously 
[42, 48], 

In DMF, the appearance, upon addition 
of acid, of a new wave located at a more pos- 
itive potential than the former first wave in 
the absence of acid suggests strongly that 
the preferred reaction pathway should fea- 
ture a Chemical-Electrochemical-Electro- 
chemical-Chemical pathway (CEEC) or 
Chemical-Electrochemical-Chemical-Elec- 
trochemical pathway (CECE). The forego- 
ing considerations indicate, however, that 
determination of the kinetic parameters of 
the reaction, in water as well as in DMF, is 
a formidable task that, up to now, could be 
carried out only in selected experimental 
conditions. 

All these considerations apply also to 
heteropolymolybdates, with the general 
remark that they are more easily reduced 
than heteropolytungstates and that the 


media where they are stable must be 
carefully selected. 


22.4 

Selected Achievements that Illustrate the 
Basic Behaviors of Plenary POMs at 
Electrodes 

22 . 4.1 

Heterogeneous One-electron Exchange of 
a-[SiWi 204 o] 4- in Dimethylformamide 

The one electron exchange of a- 
[SiWi 204 o] 4- in dimethylformamide was 
studied with the aim to obtain a deeper 
insight into the formal analogy between 
quinones and POMs as regards their 
respective electron transfer kinetics [49]. 
In particular, it was of interest to 
check whether the simpler treatments 
of Marcus [50], commonly applied to 
quinoidic compounds [51], can be also 
applied to POMs to evaluate quantitative 
parameters of electron transfer kinetics. 
Cyclic voltammetry was used for this 
purpose. Important experimental details 
can be found in the original paper. 
Great care was exercised to collect 
experimental data without ohmic drop 
and without adsorption effects. Table 5 
gathers the values of diffusion coefficients, 
heterogeneous rate constants k s , collision 
number Z h e t, free enthalpy of activation 
AG’i -ft and standard free enthalpy of 
activation AG 298 ^ for the reduction of 
10 ” 3 M K 4 SiWi 2 C >40 in DMF containing 
0.1 M UCIO 4 . Several approximations 
were discussed in detail and have 
permitted to evaluate a theoretical value 
of AGth ’ 4 between 0.22 and 0.43 eV, 
in fairly acceptable agreement with the 
experimental value, considering the very 
crude approximations used in the 
estimation of AGy^ . It appears that the 



626 22 Electrochemistry of Isopoly and Heteropoly Oxometalates 


Tab. 5 Diffusion coefficient, heterogeneous rate constant k s , collision number Z^ et , free enthalpy of 
activation DC^j and standard free enthalpy of activation DG ^298 for the reduction oflO~ 3 M 
Q , -K 4 SiWi 2 O 40 in DMF containing 0.1 M UCIO 4 (taken from Ref. 49) 


T/°C 

10 6 D cm- 1 s- 1 

7 0 3 k s cm 2 s 1 

Z he t cm h 1 

DG T */eV 

DG 29i */eV 

25 

3.12 

9.19 

1171 

0.302 

0.302 

10 

2.39 

5.16 

1141 

0.300 

0.302 

0 

2.24 

3.57 

1120 

0.298 

0.301 

-10 

1.88 

2.26 

1100 

0.297 

0.301 

-30 

1.19 

0.895 

1057 

0.293 

0.299 


bulkiness and structure of this POM, 
resulting on a very small surface charge, 
are the main parameters favoring its 
straightforward comparison with organic 
compounds like quinones. 

22.4.2 

The Reduction Potential of the One-electron 
Wave and the Role of the Central 
Heteroatom 

Detailed studies of this problem were 
performed for Keggin-type heteropoly- 
tungstates and heteropolymolybdates. It 
came out that the reducibility increases 
in the sequence a-, ft- and y -isomers 
according to the number of M3O13 
rotated groups [4, 52, 53]. A related 
question of interest concerns the influ- 
ence or fate of the central heteroatom 
during the reduction of heteropolyan- 
ions. It was shown that the reductions 
of a-[PWi 2 0 4 o] 3 -, a-[SiWi 2 0 4 o] 4 “, a- 
[Fe m Wi 2 O 40 ] 5 -, «-[Co n Wi 2 O 40 ] 6 ", and 
a-[H 2 Wi 2 0 4 o] 6_ in 1 M H 2 S0 4 , electrons 
can be added without protonation un- 
til the charge of the reduced species is 
—6 [30a], Further reduction is always ac- 
companied by protonation keeping the 
overall ionic charge at —6. In the case of 
a-[Fe m Wi 2 0 4 o] 5_ and a-[Co n Wi 2 O 40 ] 6 “ 
where the central heteroatom might be 
reduced, the reduction takes place only 


on the tungsten atoms and no Fe(II) 
and Co(I) species were observed. In the 
absence of protonation in aqueous so- 
lutions, the reduction of a-[XWi 2 0 4 o]" _ 
(X=P(V), Si(IV), Ge(IV) Fe(III), B(III), 
Co(II), H 2 , Cu(I)) is featured by two one- 
electron processes. Their potentials are 
linearly dependent on the ionic charge 
by —0.18 V per unit charge [Chapter 6 in 
Ref. 4, 54a, b,c as sketched in Fig. 6]. The 
same trend is also reported in organic 
solvents [54d]. 

In short, the central heteroatom was 
admitted to intervene in the reduction 
of these POMs essentially by the overall 
ionic charge it imposes to the molecule. 
Recently, however, the Si center was 
shown, by XPS, FTIR, and ESR, to be partly 
reduced in the one-electron reduction 
species of a-[SiMoi 2 0 4 o] 4 ~ [55]. 

22.4.3 

Isomerization upon Reduction 

Possibilities of isomerization of POMs, 
during their reduction processes, were 
reported [56]. For example, the one- 
electron reduction of the y*-isomer of 
[S 2 Wi806 2 ] 4 ~ leads to isolation of the 
cr -isomer and this transformation is associ- 
ated with the [S 2 W 18 0 62 ] 4 -/[S 2 Wi 8 0 62 ] 5 - 
[56]. However, the transformation could 
not be detected on the timescale of 
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-3 -4 -5 -6 -7 


Anion charge 

Fig. 6 Dependence of the first one-electron reduction potentials (in V vs. SCE) on 
the negative charge: (1) XW 12 O 40 " - , X = P, Si, Ce, Fe, B, Co, H 2 , Cu; and 
(2) XWn VO 40 " - , X = P, Si, Ge, B, H 2 , Zn (taken from Ref. 8 ). 

cyclic voltammetry up to a scan rate of hexacyanoferrate(III)/hexacyanoferrate(II) 
10 Vs -1 and was solved by X-ray crys- and hexacyanomangante(III)/hexacyano- 
tallography. The available data suggest manganate(II) redox couples that contain 
that either (1) the y*-a equilibrium fa- cyano groups. Therefore, the high nomi- 
vors one of the isomers in solution for nal negative charge of SiWi 2 and P 2 W 18 
both redox states or (2) the isomeriza- as well as the lack of cyano groups were 
tion is slow on the cyclic voltammetry anticipated to be of interest, 
timescale but the difference in E 1/2 for The following discussion is based on 
the a-[S 2 Wi 8 0 6 2 ] 4 “/a-[S 2 Wi 8 0 62 ] 5 “ and the study of the first voltammetric waves 
K-[S2 Wi 8 0 6 2] 4 -/k-[S 2 Wi 8 0 6 2] 5 - couples of SiWi 2 and P 2 Wi 8 respectively, in 
cannot be resolved by cyclic voltammetry. the various media, with 0.1 M LiClC >4 

as supporting electrolyte except in water 
22.4.4 where HCIO 4 was used [34]. The reference 

POM-solvent Interactions as Probed by the system was ferrocene-ferricinium. These 
Redox Potentials of Two POMs waves were checked to be one-electron 

chemically reversible processes in all the 
a-K 4 SiWi 2 O 40 (S 1 W 12 ) anda-KgP2Wi 8 062 solvents used in the following. The main 
(P 2 Wi 8 ) were selected as representative ex- results are gathered in Table 6. 
amples to enlarge the current knowledge They show that the electron transfer is 
of ion-solvent interactions [34]. In related reversible or quasi-reversible, the devia- 
studies, cations have received consider- tion from reversibility remaining quite 
able attention [57], but anions suitable for modest for scan rates from 10 mV s -1 
work in nonaqueous media are scarce [57a, to lOOmVs -1 . Although the reversibil- 
58]. The best representative examples are ity of the ferrocene-ferricinium in all the 
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Tab. 6 Cyclic voltammetry data for the reduction of 10 ~ 3 M solution of 
a-K 4 SiWi 2 C> 4 o or a-K6P 2 Wi806 2 in various solvents. T = 25 °C; working 
electrode: glassy carbon disk. Sweep rate: 100 mV s ~ 3 (taken from Ref. 34) 


Solvent 

S1W12O40K4 

p 2 w 18 o 62 k 6 


-Epc 

A E p 

-Epc 

A E p 


[mV] 

[mV] 

[mV] 

[mV] 

N, N-dimethylformamide 

1297 

75 

1087 

75 

(DMF) 

Dimethylsulfoxide (DMSO) 

1130 

60-65 

910 

63 

N-methylformamide (NMF) 

756 

57 

485 

63 

Formamide (FA) 

574 

60 

295 

55 

Water (H 2 0) + 1 M HCIO 4 

340 

55 

95 

55 


£ pc : reduction peak potential measured versus the reduction peak potential of 
ferricinium in the same medium. 

A£ p : anodic-to-cathodic peak potential difference. The supporting electrolyte is 
O.IMUCIO 4 . 


solvents was verified, only the reduction 
peak potentials are quoted in Table 6, in- 
stead of standard potentials, taking the 
reduction peak potential of ferricinium 
in the relevant medium as a reference. 
This procedure was shown to be useful 
in an attempt to extend the correlation 
to water in the series of solvents [34]. 
The reduction peak potentials of S 1 W 12 
and P 2 W 18 depend strongly on the nature 


of the solvent. On the assumption that 
preferential solvation of the molecules 
by residual water was not prevalent, the 
following conclusions emerge from the 
discussion based on the bulk properties of 
the solvents, gathered in Table 7; (1) the 
dielectric continuum model of Born is 
not successful in correlating solvent ef- 
fects with redox potentials of POMs [34, 
57b, 57c, 58], a conclusion also reached for 


Tab. 7 Solvent parameters [dielectric constant (e), dipole moment (/x), acceptor 
number (AN) and free enthalpy of transfer (DC°t r ) of the chloride ion from 
N, N-dimethylformamide as reference solvent (taken from Ref. 34) 


Solvent 

e 

li 3 Debye 

AN 

— A G tr (C/-) 
kj mo / -1 

N, N-dimethylformamide 

36.7 

3.82 

16.0 

0 

(DMF) 

Dimethylsulfoxide (DMSO) 

46.7 

3.96 

19.3 

+6 

N-methylformamide 

182.4 

3.83 

32.1 

+25 

(NMF) 

Formamide (FA) 

109.5 

3.73 

39.8 

+33 

Water (H 2 0) 

78.5 

1.87 

54.8 

+46 


1 Debye = 3.3356 x lCT 30 


c.m. 
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Fig. 7 Relationship between the 
reduction peak potential, E pc , of 
o'- Kg P 2 W 1 g 062 or ff-K 4 SiWi2O40 versus 
the reduction peak potential, E pC F C +, of 
ferricinium and the acceptor number of 
studied solvents. Abbreviations are the 
same as in Tables 6 and 7. The solid line 
is the best linear regression fit to all the 
experimental points, including water as 
a solvent, (a) 0 '-K 6 P 2 Wi 8 Og 2 : 
correlation coefficient for the solid line: 
0.974. The correlation coefficient for the 
best fit to “nonaqueous solvents” only 
is 0.994. (b) a-K 4 SiWi 204 o: correlation 
coefficient for the solid line: 0.983. The 
correlation coefficient for the best fit to 
“nonaqueous solvents” only is 0.995 
(taken from Ref. 34). 


cyano complexes of iron and manganese; 
(2) in contrast, the Lewis-type concept that 
proved satisfactory for ion-solvent interac- 
tions [57, 58] was successful here also. 

The Gutmann acceptor number is one 
quantitative expression of this solvent pa- 
rameter. Figure 7 shows that the reduction 
peak potentials of S 1 W 12 and P 2 W 18 re- 
spectively correlate satisfactorily with the 
acceptor numbers of the corresponding 
solvents. The correlation coefficient is 
above 0.99 for the line including only 
“nonaqueous” solvents, and is still larger 
than 0.97 when the H2O/HCIO4 was in- 
cluded as a solvent. Alternatively, the free 
enthalpies (AGtr 0 ) of transfer of the chlo- 
ride ion express also quantitatively the 
electron-pair acceptor properties of sol- 
vents. Figure 8 shows good correlations for 
SiWi 2 and P 2 W 18 reduction peak poten- 
tials with this parameter, with correlation 
coefficients as high as 0.999. As such 


Glassy carbon 



strikingly good correlation coefficients 
were obtained also for hexacyano com- 
plexes [58], it can be concluded that any 
specific interaction between the solvents 
and anions in this work are small, absent 
or smoothly parallel each other. Further- 
more, a plot of the reduction peak poten- 
tials data for SiWi 2 versus those for P 2 W 18 
gives a straight line with a slope close to 
unity, thus indicating that solvent effects 
must be very similar for both systems. 

22.4.5 

Structure of Electrolyte Solutions As Probed 
by the Electrochemical Behaviors of POMs 

Sizes, shapes, diffusion coefficients, redox 
behaviors, and spectroscopic properties of 
oxidized and reduced forms of POMs make 
these species eminently suitable for a va- 
riety of physicochemical studies [4, 18, 19, 
22, 23, 30a-d]. Owing to the minimal 
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Glassy carbon Fig. 8 Relationship between the 

reduction peak potential, E pc , of 
0 '-K 6 P 2 Wi 8 O 62 or a-l<4SiWi2O40 versus 
the reduction peak potential, E pC F C -|-, of 
ferricinium and the free enthalpy of 
transfer of the chloride ion, AGt r (CI~), 
taking DMF as the reference solvent. 
Abbreviations are the same as in 
Tables 6 and 7. The solid line is the best 
linear regression fit to all the 
experimental points, including water as 
a solvent, (a) a'-l< 6 P 2 Wi 8062 : 
correlation coefficient for the solid line: 
0.996. The correlation coefficient for the 
best fit to “nonaqueous solvents” only 
is 0.999. (b) o , -K 4 SiWi 204 o: correlation 
coefficient for the solid line: 0.999. The 
correlation coefficient for the best fit to 
"nonaqueous solvents” only is also 
0.999 (taken from Ref. 34). 


0 15 30 45 



solvation and ion-pairing of SiWi2 and 
PW12 in concentrated aqueous solutions 
of alkali-metal salts, these species were 
used to probe the structure of electrolyte 
solutions [ 33 a,b]. Ion-water interactions in 
highly concentrated solutions are currently 
a matter of interest that has benefited 
from the modern developments of vari- 
ous spectroscopies, including NMR, X-ray 
scattering, and IR studies. A classifica- 
tion of commonly used ions has resulted, 
among which Li + , Na + , HjO + . . . are net- 
structure making ions, while K + , Cl - , 
CIO 4 - are net-structure breaking ions [59]. 
In contrast, other IR results would suggest 
that Li + , Na + , and K + are net-structure 
breaking species at high concentrations. 
It was anticipated that the electrochemical 
behaviors of SiWi2 might allow a cross- 
check of this classification. Electrochem- 
ical measurements were supplemented 


by UV-visible spectroscopy and viscosity 
measurements. In the absence of any salt 
added to acid, it was easy to obtain the 
following order of structure breaking abil- 
ity for anions: CIO 4 - > Cl - > SO 4 2- , 
HSO 4 - [33a]. For cations, the structure- 
making abilities were in the order Li + > 
Na + >> K + . With special attention paid to 
the case of K + , electrochemical data sug- 
gest unambiguously a small net-structure 
making ability for K 2 SO 4 . 

22.4.6 

Cation and Pressure Effects on the 
Electrochemistry of 12-Tungstocobaltate 
and 12-Tungstophosphate Ions in Acidic 
Aqueous Solution 

Also, cation and pressure effects were 
studied on two selected POMs, C0W12 
O 40 5-/6- (C0W12) and PWi 2 O 40 3-/4- 
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(PW 12 3- / 4- ) and PWi 2 O 40 4- / 5- 
(PW 12 4- / 5- ), with the aim to extend inves- 
tigations on electron transfer chemistry of 
anions at electrodes to couples other than 
cyanometalates that could arguably repre- 
sent special cases because of the “softness” 
conferred by the n -acceptor action of the 
cyano ligands [60]. Indeed, marked cation 
effects have been reported on the reduc- 
tion potentials of heteropolyoxometalates 
in aqueous [33a,d, 61a], organic [37, 40], 
and aqueous organic media [61b, c,d] and 
also on the rates of self-exchange [62] and of 
net redox reactions [25], [61a, 63] although 
it has not always been clear whether the 
effects observed are cation specific or arise 
in a general way from ionic strength. The 
study as a function of pressure has per- 
mitted to clarify the role of various cations 
in the reduction process. The half-wave 
potentials for the CoWi 2 couple become 
moderately more positive with increas- 
ing electrolyte concentration and cationic 
charge and also in the sequences Li + sa 
Na+ < NH 4 + < H+ < K+ < Rb+ < Cs+ 
and Na + < Mg 2+ < Ca 2+ < Eu 3+ . The 
mean diffusion coefficients for CoWi 2 


Fig. 9 Pressure and supporting 
electrolyte concentration dependences 
of rate constants k e | for the 
CoWi 2 0 4 o W6 ~ electrode reaction in 
aqueous KCI at 25.0 C, [KCI] = 0.10 (•), 
0.20 (■), 0.50 (A), and 1.00 (T ) 
mol L -1 ; hollow symbols represent 
return to low pressure after the pressure 
cycle. [K 6 C 0 W 12 O 40 ] = 1.0 mmol L -1 
(taken from Ref. 60). 


with the 1 : 1 electrolytes are independent 
of electrolyte concentration and rise only 
slightly from Li + to Cs + , averaging 
(2.4 ± 0.3) x 10 -6 cm 2 s -1 . It was found 
[60] that Ei / 2 , InD and In k e \ are lin- 
ear functions of the pressure, the slopes 
of which therefore gave, respectively, 
mean values of the reaction volume rel- 
ative to Ag/AgCl/NaCl(satd) A VA g / Ag ci (= 

—F(8E\/2/8 P)t), the volume of activation 

for diffusion A Vdiflf 4 (= — RT(8lnD/8P )t) 

and the volume of activation A V e |+ (= 
— RT(8lnk e \/8P)j) of the electrode reac- 
tion for the aqueous CoWi 2 0 4 o 5- / 6- cou- 
ple, over the pressure range 0-204 MPa. 

Figure 9 illustrates the results for k e \. 
Neither the volume of activation for dif- 
fusion AVdifif? (average —0.9 ±1.1 cm 3 
mol -1 ) nor the electrochemical cell re- 
action volumes AV A g/ AgC i average (—22 ± 
2 cm 3 mol -1 ) for the CoWi 2 couple show 
significant dependence on electrolyte iden- 
tity or concentration. For the PWi 2 3- ^ 4- 
and PWi 2 4- / 5- couples AP A g/ A g C i = — 14 
and —26 cm 3 mol -1 , respectively, sug- 
gesting a dependence on A(z 2 ) (z = ionic 
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charge number), which would fit the Born- 
Drude-Nernst theory of electrostriction of 
solvent in the form A VAg/AgCl = A V re f + 
BA(z 2 /r) in the one-electron reduction of 
an electroactive species with an effective 
radius r, and B being a positive constant at 
a given pressure. Actually, comparison of 
these A VAg/AgCl with those for C 0 W 12 and 
other anion-anion couples shows that the 
Born-Drude-Nernst approach fails in this 
context. For aqueous electrode reactions 
of C 0 W 12 as for other anionic couples 
such as cyanometalates, the standard rate 
constants k e \ show specific cation cataly- 
sis (Na + < K + < Rb + < Cs + ), and A V e ] $ 
is invariably positive, in the presence of 
supporting electrolytes. For the heavier 
group 1 cations, AV e [- !: is particularly large 
(10-15 cm 3 mol" 1 ), consistent with a par- 
tial dehydration of the cation to facilitate 
catalysis if the electron transfer process. 
The positive values of A for the C 0 W 12 

couple cannot be attributed to rate control 
by solvent dynamics, which would lead 
to A Vgj-l < A V^iff , that is, to negative 
or zero A values. These results stand 
in sharp contrast to those for aqueous 
cationic couples, for which k e \ shows rel- 
atively little influence of the nature of the 
counterion and A V e [ : i : is always negative. 


22.5 

Mixed Addenda and Other Substituted 
POMs 

22.5.1 

Comparison of Valence Trapping in 
Uniform and Mixed Addenda Plenary POMs 

As far as the first electron fixation site on 
plenary POMs is concerned, a distinction 
must be made between those containing 
a single addenda ion like W(VI), Mo(VI), 
or V(V) and those in which at least two 


different addenda ions are present. As 
a consequence of such substitution, the 
electrochemical character of these POMs 
can be widely modulated [54c]. 

Symmetries in the structures of the 
POMs result in the equivalence of sev- 
eral metal centers detectable, for example, 
by NMR on fully oxidized species, and by 
EPR and/or NMR on their reduced analogs 
[30fi 64-69]. In agreement with the com- 
plete structural equivalence of the twelve 
tungsten atoms of the cr-Keggin anions, 
EPR experiments show that the “blue” 
electron is delocalized over all the tung- 
sten centers in the one-electron reduced 
species, for instance in a-[PWi 204 o] 4- 
[30f]. Ample confirmation by EPR and 
also NMR of this pioneering work exists 
in the literature for this compound and 
several others and even on two-electron 
reduced Keggin derivatives [65]. In con- 
trast, the electron is localized on the more 
reducible atom at room temperature in 
the one-electron-reduced mixed addenda 
POMs. In short, substitution of one or sev- 
eral W atom(s) by Mo or V atom(s), reveals 
that the added electrons can be trapped 
according to various timescales, over cer- 
tain atoms in the case of monosubstitution 
and/or regions for multisubstituted deriva- 
tives [30fi 66, 67, 69-71]. The following 
order of decreasing oxidizing ability is 
found: V(V) > Mo(VI) > W(VI). 

Such equivalence raises the following 
question in the molecular electrochem- 
istry of these compounds: in the absence of 
other possible mechanistic complications, 
related usually to pH or ion-pairing of 
the countercations, can it be expected that 
symmetry equivalent metal centers will 
be reduced simultaneously or will the in- 
teractions between adjacent metal centers 
induce a stepwise reduction. (The prob- 
lem of pure electron transfer reactions to 
and from molecules containing at least 
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two identical redox centers has received between the metal centers. (The delocal- 
appropriate attention in several studies, ized electron undergoes localization at low 
Two main classes are described: The temperatures, otherwise the mixed valence 
first class of compounds gathers those compound is classified as type III under 
cases in which noninteracting redox cen- the scheme of Robin and Day.) In general, 
ters are present and for which successive complete delocalization of the added elec- 
electron transfers are expected to follow trons over all 12 metal centers appears to be 
simple statistics, in the absence of coupled the rule for all unsubstituted, highly sym- 
chemical steps. For example, see [71a-c]. metrical a-Keggin anions. Introduction of 
The second group includes molecules in lower symmetry results in a variation in 
which various phenomena (including con- the degree of valence trapping [66, 67, 69], 
jugation, ion-pairing, solvation changes. Unlike the spherical a-Keggin anion, the 
and structural variations) induce or reveal Wells- Dawson structure is shaped like 
interactions between the sites, and cor- a prolate ellipsoid [73], consisting of six 
relatively, differences between their half “cap” tungsten centers and twelve “belt” 
reaction potentials. These constitute the tungsten centers. The nonequivalence of 
majority of published examples. For exam- the “cap” and “belt” tungsten sites raises 
pie, see [71d-h]) [72]. the issue of the initial site of the electron 

Despite the structural equivalence of the transfer. Various lines of experimental 
twelve metal centers in the a-PWi 2 C> 4 o 3- evidence all converge to support that the 
Keggin anion, a stepwise reduction of the added electrons are first introduced into 
tungsten centers is observed [30f|. EPR the “belt” tungsten sites [54a, 65-70, 
experiments on this species show that 74-77]. As will be elaborated in the 
the added electron is delocalized (type II following, extended Hiiclcel calculations 
in the scheme proposed by Robin and provide a qualitative understanding of 
Day) [4]. Over all 12 tungsten centers the initial electron transfer site in these 
suggesting that there is communication compounds [78]. Tables 8 through 11 

Tab. 8 Half-wave potential for the various complexes at pH = 4.7. The 
values in this table are essentially those from Ref. 79, but the same 
measurements were also carried out in Refs. 14,83, with small numerical 
variations that have no consequence on the interpretations. The numbering 
of the substituent(s) follows the IUPAC recommendations 


Compound 

Ey 2 (V vs. SCE) 
(number of electrons) 

References 

P 2 W 18 

+0.04 (1) 

14, 79, 83 

(4)-P 2 MoW 17 (oq) 

+0.39 (1) 

14, 79, 83 

(l)-P 2 MoWi7 M 

+0.23 (1) 

14, 79, 83 

(1,2,3)-P 2 Mo 3 W 15 

+0.26 (1) 

14, 79, 83 

(4, 9, 10, 15)-P 2 Mo 4 Wh 

+0.48 (2) 

79 

(1,4, 9, 10, 16)-P 2 W 13 Mo 5 

+0.46 (1) 

79 

(1,4, 9, 10, 15)-P 2 Wi 3 Mo 5 

+0.47 (2) 

79 

(1,4, 9, 10, 15, 16)-P 2 W 12 Mo 6 

+0.45 (2) 

79 

P 2 Moi8 

+0.32 (2) 

79, 83 
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Tab. 9 Half-wave potential for the various complexes. The 
values in this table are taken from Ref. 80. The numbering 
of the substituent(s) follows the IUPAC recommendations 


Compound 

pH 

Ey 2 (Vvs.SCE) 
(number of electrons) 

a- As 2 Wig 

1 

+0.08 (1) 

(4)-As 2 Wi 7 (on) 

4,6 

-0.47 (2) 

(1)-As 2 Wi 7 (a 2 ) 

4,6 

-0.44 (2) 

(1, 2)-As 2 Wi 5 Mo 2 

4,6 

-0.42 (2) 

(1)-As 2 Wi 7 Mo (q- 2 ) 

1 

+0.28 (1) 

(4)-As 2 Wi 7 Mo (on) 

1 

+0.45 (1) 

(1,2) - As 2 W 16 Mo 2 

1 

+0.29 (1) 

(1,2,3)-As 2 Wi 5 Mo 3 

1 

+0.31 (1) 

(1)-As 2 W 17 V (a 2 ) 

1 

+0.46 (1) 

(1,2)-As 2 W 16 V 2 

1 

+0.42 (2) 

(1,2,3)-As 2 Wi 5 V 3 

1 

+0.32 (3) 


Tab. 10 Half-wave potential for various V-substituted complexes. The 
numbering ofthe substituent(s) follows the IUPAC recommendations 


Compound 

pH 

E V2 ( Vvs.SCE ) 
(number of electrons) 

References 

(4)-p 2 w 17 v (or,) 

5.5 (Li+) 

+0.48 

(1) 

81 

(1)-P 2 W 17 V (a 2 ) 

5.5 (Li+) 

+0.39 

0) 

81 

(1,2)-P 2 W 16 V 2 

5.5 (Li+) 

+0.27 

(1) 

81 

(1,2,3)-P 2 W 15 V 3 

5.5 (Li+) 

+0.23 

(1) 

81 

(1,2,3)-P 2 W 15 V 3 

7.0 (Li+) 

+0.11 

0) 

81 

(4)-P 2 W 17 V («!) 

4.7(Na+) 

+0.51 

0) 

74, 81 

(1)-P 2 W 17 V (a 2 ) 

4.7(Na+) 

+0.41 

0) 

74, 81 

(4)-P 2 W 17 V (a 3 ) 

7 

+0.48 

0) 

82 

(1)-P 2 W 17 V (a 2 ) 

7 

+0.39 

(1) 

82 

(1,2)-P 2 W 16 V 2 

7 

+0.28 

(2) 

82 


gather the reduction half-wave potentials 
or peak potentials of selected Dawson-type 
POMs [ 14 , 15 , 74 - 82 ], 

In the formulae of these anions, oxygen 
atoms and charges were omitted. Experi- 
mental evidence proved that the first waves 
observed for Mo(VI)- and V(V) -substituted 
derivatives are restricted to the reduction 
of these cations. The interpretations are 
based on the comparisons of the reduc- 
tion potentials of the same element within 


ol\ and a2-substituted Dawson anions 
and also with those of the corresponding 
unsubstituted derivatives. Specifically, it 
appears that ai-P2MoWi7, which contains 
the Mo atom in an equatorial position, is 
more easily reduced than P2M018 [ 79 ]. In 
contrast, c^^MoW^ in which the Mo 
atom is in one cap is less reducible than 
P2M018. This observation is in agreement 
with the proposal that P2W18 is initially 
reduced at one of the twelve equatorial 
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Tab. 11 Half-wave potential for variously substituted 
complexes at pH = 1 . The values are culled from 
Ref. 83. The numbering of the substituent(s) follows 
the IUPAC recommendations 


Compound E -\/ 2 (V vs. SCE) 

(number of electrons) 


P 2 W 18 

(1.2) -P 2 W 16 Mo 2 

(1.2.3) -P 2 Wi 5 Mo 2 V 

(1 .2.3) -P 2 Wn 5 M oV 2 

(1.2.3) -P 2 Wi 5 V3 

(1.2) -P 2 W 16 V 2 
(4)-P 2 W 17 V (cn) 
(1)-P 2 W 17 V (ct 2 ) 


+0.04 (1) 

+0.27 (1) 

+0.46(1) (V v /V lv ) 
+0.37 (2) (V v /V lv ) 
+0.42(1) (V v /V lv ) 
+0.36 (2) 

+0.49 (1) 

+0.41 (1) 


tungsten atoms. This conclusion can be 
extended to P2M018 itself, as suggested by 
the results in Tables 8-11. In short and in 
complete analogy with the Keggin model, a 
stepwise reduction of the equivalent metal 
centers is also seen in the Wells -Dawson 
POMs, with various degrees of valence 
trapping observed upon the introduction 
of other addenda atom substituents. 

22.5.2 

Lacunary and Transition Metal-substituted 
POMs 

This section is separated from the former 
one, even though mixed addenda POMs 
are mostly, if not exclusively, synthesized 
from the appropriate lacunary precursors 
and can be viewed normally as substituted 
POMs. At least two reasons can be 
invoked to justify such dichotomy: first, a 
substitutionally labile position is available 
on the transition metal substituted into 
the POMs framework, which is not the 
case with mixed addenda compounds; 
second, these transition metal centers 
are usually the active sites for catalytic 
and electrocatalytic reactions and might 
deserve special attention. 


The so-called mono “lacunary” POMs 
are derived from plenary Keggin, 
(XM12O40), or Dawson, (P2W18O62), 
anions by the removal of one MO 
unit to yield (XM11O39) or (P2W17O61) 
respectively. (Note that charges are 
omitted for convenience.) Trivacant 
species, XW9O34 and X2W15O56 and even 
hexavacant species like X2W12O48 are the 
precursors of new families of POMs, some 
of which will also be studied briefly in 
the following text. In most, but not all 
cases, the free lacunary polyanions are 
independently stable. Metal ion binding 
occurs at the octahedral vacant site(s). In 
addition of being interesting in its own 
right, the electrochemistry of lacunary 
POMs is useful for comparison with 
the redox processes of the framework 
in the corresponding plenary compounds 
and in the transition metal -substituted 
derivatives. 

22.5.2.1 Lacunary POMs 

Various lines of experimental evidence 
confirm the very low surface charge den- 
sity, at least for symmetrical plenary 
Keggin- and Dawson-type POMs [33a, d, 
84]. For example, a simple linear variation 
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of the first reduction potentials of a- 
[XW12O40]" - with the anion charge is ob- 
served under conditions without protona- 
tion [ 4 , 54 ]. Extension of these remarks to 
the corresponding lacunary species and to 
their first transition metal ion-substituted 
derivatives do not seem straightforward, 
possibly owing to the change of sym- 
metry in the charge distribution in the 
molecules, in conjunction with the in- 
crease of the overall negative charge. As 
a matter of fact, the lacunary POMs are 
known to exhibit “a donor set of hard ox- 
ide ions while the adjacent d° (Mo vl , W vl ) 
atoms provide acceptor orbitals” [ 85 ]. As 
a consequence, the first framework reduc- 
tion wave in the cyclic voltammogram of 
these lacunary derivatives appears usually 


as a reversible two-electron process, in 
pH media where the corresponding ple- 
nary complexes still undergo a reversible 
one-electron reduction. In this context, 
the cyclic voltammetric behavior of se- 
lected Keggin- and Dawson-type POMs 
was studied as a function of electrolyte 
composition [ 86 a], The buffer capacity of 
the electrolyte appeared as an important 
parameter that can be used to reveal the 
symmetry or dissymmetry in charge dis- 
tribution within each oxometalate. A fully 
symmetrical POM like [P2W18O62] 6- ex- 
hibits a uniform protonability, while its ol\ 
and <22 lacunary derivatives present step- 
wise acid-base equilibria, owing to their 
charge dissymmetry. The behavior of these 
sites is revealed readily in unbuffered or 



Scheme 4 Structure ofthe anion [PgW 4 gOi 84 ] 40 . The four building blocks are 
easily identified (taken from Ref. 86b). 


poorly buffered media at pH = 3 . In short, 
it is shown [ 86 a] that cations other than 
the proton, even in very high excess, fail to 
give rise to the classical voltammograms 
oflacunary POMs. The same behavior was 
observed also for a2[P2Mo2Wi5O6i] 10_ , 
a[PWnC>3C)] 7- , a[SiWii039] 8_ , but to a 
lesser extent in a2[Ni(OH2)P2Wi7C>6i] 8- 
and a 2 [Zn( 0 H 2 )P 2 Wi 7 0 61 ] 8 - [ 86 a], The 
phenomenon was very severe with [H2P2 
Wi2C>48] 12 “ [ 86 a] and was also studied in 
some detail on its remarkably stable and 
inert cyclic tetramer K 28 Li 5 HyP 8 W 480 i 84 . 
92H2O (P8W48 for convenience) [ 86 b]. The 
structure of this crown POM is sketched 
in Sch. 4 . 

A constant pH = 3 value, was selected 
to start the experiments. It was made up 
with H2SO4 without or with potassium 
hydrogenophthalate (PHP) and the appro- 
priate concentration of U2SO4 or LiCl to 
maintain the total concentration of Li+ 
constant. First pH measurements illus- 
trated by Fig. 10 give some insight into 
the acid-base equilibria of the oxidized 
form of the crown complex. Proton con- 
sumption occurs even with the smallest 
concentration of POM used in that work. 
The results are easily explained by taking 
into account the buffer capacity of the var- 
ious media. A fast increase of the pH is 
observed in chloride medium as a conse- 
quence of the absence of any buffer ca- 
pacity. In pure sulfate solution, the hydro- 
gen sulfate anion [HS04] - confers some 

Fig. 10 Evolution ofthe pH of an 
initially pH 3 solution as a function of 
the concentration ofthe relevant 
heteropolyanion. The compositions of 
the four starting pH 3 electrolytes were 
respectively: (H 2 SO 4 + 1M LiCl); 

(H 2 S0 4 + 0.5M U 2 SO 4 ); (H 2 S0 4 + 1 M 
LiCl + 0.069M PHP); (H 2 SO 4 + 0.5M 
U 2 SO 4 + 0.069M PHP). (a) P g W 48 ; 

(b) P2W12. For further details, see text 
(taken from Ref. 86b). 
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buffer capacity to the medium. Finally, 
the mixture LL2SO4 + PHP is slightly 
more efficient than LiCl + PHP, as the 
former contains two-proton donors. The 
cyclic voltammograms in Fig. 11 shows 
the behaviors observed during the redox 
processes of P8W48. The voltammetric pat- 
terns speak by themselves. In particular, 
the increase in Li + concentration does not 
compensate for the lack of buffer capacity 
of the supporting electrolyte, an observa- 
tion that underscores again the essential 
role of proton sources in the electrochem- 
istry oflacunary POMs. 

22.5.2.2 Transition 
Metal-monosubstituted POMs 

In addition to structural studies, one of the 
main incentives to synthesize and charac- 
terize these transition metal-substituted 
complexes is the remark that they might 










(c) E/Vvs. SCE (d) E/Vvs. SCE 


Fig. 11 Evolution of the cyclic voltammograms 
of PgW 4 g as a function of the composition of the 
supporting electrolyte. Scan rate: 1 0 mV s _1 . 

(a) 5 10 ~ 4 M PgV /48 in several pH 3 solutions: 
(H 2 S0 4 + 0.4M LiCI); (H 2 SO 4 + 0.2M U 2 SO 4 ); 
(H 2 SO 4 + 0.2IVI Li 2 S0 4 + 0.069M PHP). 

(b) 5 10 ~ 4 M PgW 4 g in several pH 3 solutions: 
(H 2 SO 4 + 0.4M LiCI); (H 2 SO 4 + 1 M LiCI); 
(H 2 SO 4 + 2M LiCI). (c) 5 10 “ 4 M P 8 W 48 in 
various pH solutions: pH = 4.7: (0.1 M 
CH 3 COOU/CH 3 COOH + 1M LiCI); pH = 3: 


(H 2 SO 4 + 0.069M PHP + 0.5M Li 2 S0 4 ); 
pH = 1.2: (H 2 SO 4 + 0.5M Li 2 S0 4 ); pH =0.3: 
(0.5 M H 2 SO 4 ). (d) 10 “ 4 M P 8 W 4 g in various pH 
solutions; the study is restricted to the first wave 
obtained at pH 5 and to its evolution for lower 
pH values; pH = 4 and pH = 5: (0.1 M 
CH 3 COOU/CH 3 COOH + 1M LiCI); pH = 3: 
(H 2 SO 4 + 0.069M PHP + 0.5M Li 2 S0 4 ); 
pH = 1.2: (H 2 SO 4 + 0.5M Li 2 S0 4 ); pH = 0.3: 
(0.5M H 2 SO 4 ). For further details, see text 
(taken from Ref. 86 b). 


serve as catalysts and electrocatalysts [17]. 
With the lacunary POM functioning as 
a ligand, two global stoichiometries were 
observed: 1 ; 1 metal-ligand and 1 : 2 metal- 
ligand complexes. In the 1 ; 1 complexes 
formed predominantly with “octahedral” 
metal ions, the POM is a pentadentate 
ligand, whereas the metal can be viewed 


as 8-coordinate in 1:2 complexes. The 
number of such complexes is virtually 
enormous and very numerous examples 
were reported. The sixth coordination site 
on the substituent metal in the 1 ; 1 com- 
plexes may be occupied by a variety of 
ligands, usually a water molecule as most 
syntheses are carried out in that medium. 
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Scheme 5 General electrochemical 
behavior oftransition metal-substituted 
POMs (taken from Ref. 8). 

The formal potentials of substituent met- 
als are modulated by numerous influences 
among which those of the central het- 
eroion and the addenda ions must be 
highlighted, in addition of the effects of 
pH, counterions, additives, solvents, and 
so on. For example, the redox potential 
of the Mn(III/II) couple was found to 
increase with X = B < Zn < Si < Ge < P 
[88]. In aqueous solutions, the pH of the 
supporting electrolyte might induce depro- 
tonation of the aquametal or hydroxymetal, 
thus changing its redox potential. The la- 
bile water molecule on the sixth site of 
the substituent metal can be substituted 


The POM ligands in these complexes 
undergo, at least one, but generally two re- 
versible two-electron reductions, with the 
addition of between two and three pro- 
tons in acidic solutions. Eventually, the 
two-electron reductions split into two-one- 
electron reductions when the pH of the 
electrolyte is raised. These behaviors are 
the same as observed with the plain precur- 
sor lacunary complexes, albeit at a different 
potential location as will be shown in the 
following. We consider the metal centers 
in their role of active oxidation sites. A 
behavior that can be viewed as general is 
sketched in Sch. 5 [8]. 

Usually, the aquametal(III) is re- 
ducible to aquametal(II) and oxidizable to 
the corresponding oxometal(IV), hydrox- 
ometal(IV) and oxometal(V) derivatives 
depending on the character of the in- 
corporated metals. Further oxidations to 
oxometal(VI) and - (VII) are possible in 
the cases of metals like rhenium [87]. 
The interest of hydroxometal and ox- 
ometal species as oxidation catalysts in 
synthetic applications must be stressed. 


by a large variety of other ligands, in- 
cluding other solvents, with an expected 
consequence on the redox potential. In 
addition to these general trends, more 
specific insights can be obtained by de- 
tailed descriptions of selected experiments. 
Among complementary issues of inter- 
est in electrochemical studies, particular 
attention should be drawn to questions 
including, but not exhaustively: the re- 
dox activity of the transition metal centers 
within the POMs, when that is visible; the 
influence on their location on the frame- 
work of the molecule and eventually, the 
number and mutual influences of these 
centers in the molecules; the redox activity 
of the POM framework and the appropri- 
ate comparison with a precursor, and so 
on. These points are studied in the litera- 
ture [13, 15, 3 Of, 74, 79, 81, 85, 88, 89], The 
electrochemistry of metal ion complexes 
derived from ai- and a 2 -[P 2 Wi 7 O 6 i] 10 “ il- 
lustrates most of the features of interest 
[15]. The complexes substituted by Ca(II), 
V(V), Mn(II), Fe(III), Co(II), Ni(II), Cu(II), 
and Zn(II) were synthesized in the a\ 
and in the q ?2 series. Complexes with V(V) 
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and Mo(VI) were also added for the sake the more appropriate precursor to which 
of comparison. As a matter of fact, an to compare the cyclic voltammograms of 
interesting issue concerns the choice of metal ion-substituted POMs. For this 




Fig. 12 Comparison of the cyclic 
voltammograms of on -P 2 DWi 7 with those of its 
substituted complexes in 0.2 M 
Na 2 S 04 + H 2 SO 4 (pH 3) medium. Scan rate: 
10 mV s -1 . Concentration cq = 2.5 10 ~ 4 M for 
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each complex. The substituent cation is 
indicated on each curve. The full line 
corresponds to the lacunary species. For further 
details, see text (taken from Ref. 15). 
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purpose, the substituted compounds are 
symbolized by (P 2 W 17 XZL), where Z is 
the substituent metal cation and L the 
terminal ligand [4, 14, 89]. This formula 
permits to take also into account mixed 
addenda complexes, and two groups of 
POMs can be distinguished: the first group 
is constituted by those complexes in which 
Z = W 6+ , Mo 6 +, V 5 + or V 4 + and L = O (i) 2- 
and the second group gathers complexes 
with Z = M' ,+ and L = H 2 O where M" + 
is the metal cation. The complexes of the 
first group, which encompasses plenary 
and mixed addenda POMs, can be con- 
sidered as really “saturated” compounds 
while the others are not. As a matter of 
fact, these two groups behave differently 
in electrochemistry [14, 15, 89], and the 


voltammetry of the second group is better 
considered as deriving from that of the 
precursor lacunary species. 

For convenience, two groups are dis- 
tinguished among these substituted com- 
pounds, depending on whether the poten- 
tial location of the redox activity of the 
substituent heterometal cation, in cases 
when it is visible on cyclic voltammograms 
is far or close to that of the tungsten 
framework. A pH = 3 medium (0.2 M 
Na 2 SC >4 + H 2 SO 4 ) was selected for this 
study. 

In the a\ series, Fig. 12(a-f ) gather the 
cyclic voltammograms of those complexes 
in which the redox activity of the transi- 
tion metal cation, when visible, occurs far 
from the potential locations of the waves 
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associated with the tungsten framework. 
In each case, the cyclic voltammogram 
of the a\ lacunary complex was super- 
imposed for direct comparison. Among 
these figures, the voltammogram of the 
Ca(II)-substituted complex is remarkable 
because it is close to that of the lacu- 
nary species. In the pH = 3 medium, 
«P2Wi8 was observed to grow during the 
decomposition of the calcium-substituted 
derivative. Also traces of [H2P2W12O48] 12- 
were detected on the voltammograms. 
This compound is known to be formed 
concurrently with ai-[P2Wi7O6i] 10 “ upon 
degradation of o^Wis. Here its presence 
can be attributed to the formation of ot\- 
[P2Wi7C>6i] 10 ~ as an intermediate in the 
Ca(II)-substituted complex transformation 
at pH 3 . Further details on this transfor- 
mation can be found in the original paper 
[ 15 ]. For the whole series of complexes, 
it could have been expected, on a purely 
electrostatic basis, that the addition of a 
substituent metal cation should just lower 
the negative charge on the precursor lacu- 
nary species and thus facilitate the electron 
transfer. Such a reasoning would not take 
into account any specific modification like 
acid-base properties brought about by 
each substituent cation. Parameters like 
the size of each ion, its electronic configu- 
ration, its favorite geometry in complexes, 
the possibility and extent of Jahn-Teller ef- 
fect, should contribute to the specificity. 
Throughout the series of compounds, the 
interplay of these characteristics results 
in the fact that the first tungsten wave 
in the substituted complexes appears at 
a more negative potential location than 
in the precursor species. Furthermore, in 
the cases of V(V) and Mn(II), Fig. 12 (b) 
and (c), respectively, this wave tends to 
split up, which can be attributed to a 
lowering in basicity of the intermediate 
reduction species. Another general trend 


is the tendency to the appearance of a 
small second wave associated with the first 
reduction step, in-line with the composite 
nature of this first reduction step. 

Redox behaviors of the incorporated 
metal cations are diverse. In the potential 
domains explored, no electrochemical 
activity was detected for Ni(II) or Zn(II). 
The Co(II) center can be oxidized to 
Co(III). A well-behaved, reversible one- 
electron wave is observed for the oxidation 
of VIV to W and the subsequent reduction 
of V(V) to V(IV). The case of Mn(II) is more 
striking, as at least two fairly stable states 
are obtained, featuring the Mn(II)/Mn(III) 
and Mn(III)/Mn(IV) steps. 

Figure 12 (g-j) illustrates the cases in 
which the substituent metal cations are 
reduced in the potential vicinity of the 
tungsten framework. This situation is 
encountered with Mo(VI), Fe(III), and 
Cu(II) cations. The cyclic voltammogram 
of aiP2MoWi7 begins with two well- 
behaved, largely separated one-electron 
waves, followed by a two-electron wave. 
The first one features the reduction of 
the molybdenum center, the other two 
are associated with the redox activity of 
the tungsten framework. The observation 
of two successive one-electron waves is 
unique in the series under examination 
and is rationalized as already explained 
previously. The molybdenum-substituted 
compound must be considered as a really 
“saturated or plenary” species. There- 
fore, the appropriate comparison must 
be made with another “plenary” POM 
like aP2Wi8 or [P 2 Moi 8062 ] 6_ - The bet- 
ter reducibility of the molybdenum over 
the tungsten atom must also be taken 
into account. The observed order of po- 
tentials in cyclic voltammetry ensues. A 
relatively detailed account of the study 
of the Fe(III)-substituted POM will be 
given in the following as an interesting 



example of mixing up of iron and tungsten 
waves in appropriate pH conditions. It 
is just worth stressing here the obvious 




Fig. 13 Comparison of the cyclic 
voltammograms of cri and ce 2 -P 2 nWi 7 and 
comparison of their metal cation-substituted 
derivatives in 0.2 M Na 2 SC >4 + H 2 SO 4 (pH 3) 
medium. Scan rate: 10 mV s _1 . Concentration 
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difference between the cyclic voltammo- 
gram of the Fe(III)-complex and the pre- 
cursor lacunary species in Fig. 12(h-j) 




co = 2.5 10 ~ 4 M for each complex. The 
substituent cation is indicated on each curve. 
The full line corresponds to the <*2 species. For 
further details, see text (taken from Ref. 15). 
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Fig. 13 ( Continued ). 


illustrates the voltammetric behavior of 
the Cu(II)-substituted POM. The current 
intensity of the first slightly composite 
wave is obviously larger than that of the 
precursor lacunary species at the same con- 
centration, thus signaling at least a partial 
merging of the copper and tungsten waves 
in this pH medium. Coulometry on this 
wave gives four electrons per molecule 
[90]. The two less negative oxidation waves 
are attributed to the oxidation of copper 
(Fig. 12j). One of them is clearly a des- 
orptive oxidation process and its shape 
indicates that the deposition of copper 
has occurred during the negative potential 
directed scan. The large current inten- 
sity and chemically irreversible wave in 
the cyclic voltammogram of the copper 


complex reflects the interference of the 
hydrogen evolution reaction. 

Coming to the comparison of the 
a\ and a 2 series, the possibilities of 
isomerization and/or decomposition of 
the precursor lacunary complexes and, 
presumably, of their metal ion-substituted 
derivatives, make it necessary to insure 
first that no fast conversion occurs, 
in particular from the a\ structure to 
the o ?2 one. Figure 13(a) compares the 
cyclic voltammograms of the two lacunary 
complexes in the pH 3 medium. The main 
difference appears on the “third” redox 
system: a single two-electron, reversible 
wave is obtained for the a\ complex; in 
contrast, the corresponding system for the 
012 isomer is clearly constituted by two. 







closely spaced, presumably one-electron 
waves. This observation is taken as a 
good distinctive fingerprint of the ai 
complex. In Fig. 13(b-j), the distinction 
between most compounds of the two 
groups is obtained readily, owing to the 
particular fingerprint of the at series. 
In addition to the special fingerprint in 
Fig. 13(a-g), at least two other general 
trends appear: they concern the first 
redox system associated with the tungsten 
framework. First, it is split into two 
unequal steps, the preponderance of one 
step over the next being a function of 
the particular substituent metal cation. 
Second, on average, the cathodic peak 
potential is more negative in the ot\ than 
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in the <*2 series. These observations are 
quantified in Table 12. 

This behavior can be understood on 
the following basis. It was inferred from 
the comparison of the stability constants 
of the complexes that they reflect steric 
effects and that the vacancy in the 012 
position is more prone to deformation 
than that in the a\ position [91, 92]. Then 
the abilities of these two kinds of sites 
to accommodate various metal cations 
being different and in favor of the 012 
position, it is obvious that the reduction 
potentials should become less negative as 
the negative charge on the anion decreases. 
Furthermore, it has been proposed [30fi 
74] and experimental evidence [79] and 


Tab. 12 Reduction peak potentials versus SCE for the first tungsten wave in the various complexes 
and comparison with the first peak potential of the appropriate lacunary species; electrolyte: 0.2 M 
Na 2 SC >4 + H 2 SO 4 (pH = 3) medium (taken from Ref. 15) 


Substituent in the 
complex 

ai series 


a .2 series 


—Ep[mV]for the J st 

AE p 

—E p [mV]for the 1 st 

AEp 



W-wave 

[mV] 

W-wave 

[mV] 

□ 

306 

0 

320 

0 

Ca 

318 

12 

334 

14 

V 

446 

140 

(280) 





372 

52 

Mn 

(330) 


(358) 



468 

162 

394 

74 

Fe 

500 

194 

(340) 





402 

82 

Co 

462 

156 

(330) 





392 

72 

Ni 

460 

154 

(325) 





406 

86 

Cu 

(254) 


306 

-14 


350 

44 



Zn 

450 

144 

(300) 





386 

66 

Mo 

88 

-218 

236 

-84 


a Scan rate: 10 mV s 1 . The numbers in brackets correspond to the first part of composite waves and 
are not considered for the calculation of AE p values. For further details, see text. 

AEp — (Ep, lacunary — £p, substituted)! st W-wave. 
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theoretical approach support [78] that 
UP2W18 is initially reduced at one of the 
twelve equivalent tungsten atoms. Then 
introduction of electrons in any a\ position 
should markedly influence the reduction 
processes of the tungsten atoms, and, in 
particular, drive their potentials in the 
negative direction in comparison of the 
«2 derivatives. This situation is indeed 
observed throughout. 

22.5.2.3 An Interesting Case of Mixing up 
of Substituent and Tungsten Waves: a-\- 
and a2-[Fe m (0H2)P2W 17 0 61 ] 7 - 

It is usual that the first reduction wave 
of commonly studied POMs be monoelec- 
tronic or, at the utmost, bielectronic [89]. 
As a consequence, energetically favorable 
catalytic processes that require larger num- 
bers of electrons can only be accomplished 
at fairly negative potentials where the nec- 
essary number of charges is accumulated 
and delivered by the POM framework; 
hence the search for strategic parameters 
that could favor apparently multiple elec- 
tron uptake on the first wave of POMs. 
The present case deserves emphasis as a 
simple illustrative example that proved to 
be very beneficial in the electrocatalytic 
reduction of nitrite. 

In the preceding section, the electro- 
chemistry of copper-substituted deriva- 
tives shows an example of mixing up of 
the substituent metal cation and tungsten 
waves, but this process was accompanied 
by the deposition of Cu°. Analogous merg- 
ing was studied in detail in the case 
of on- and a2-[Fe nl (0H2)P2W 17 0 6 i] 7 -, 
where this complicating feature was ab- 
sent [89]. 

In a pH = 2 medium, the main differ- 
ences in the cyclic voltammograms of ot\- 
and a2-[Fe m (OH2)P2Wi 7 C>6i] 7 ^ appear in 
Fig. 14 and can be summarized as follows: 
(1) a Fe 3+ cation filling the vacancy in the 


q? 2 position introduces nearly no influence 
in the cyclic voltammogram in which, ex- 
cept for the one-electron “Fe” wave, all 
the others correspond strictly to those 
of a2-[P2W 17 0 6 i] 10 -; (2) the presence of 
the iron substituent in the a 1 position 
modifies substantially the electron transfer 
pattern associated with the first two waves 
of ai-[P2Wi 7 C>6i] 10- . The “Fe” wave peak 
intensity is larger and its potential location 
more negative than the corresponding pa- 
rameters of a2-[Fe m (OH2)P2Wi 7 C>6i] 7- . 
A rationale for this observation was pro- 
posed by considering the symmetry of the 
PO4 tetrahedron in each of the compounds 
of the series [89, 93]: its symmetry is C3 V 
in 0/P2 Wi8; it turns to Tj, very close to C3 V , 
in the PO4 tetrahedron belonging to the 
half lacunary moiety of ff2-[P2Wi 7 C>6i] 10- . 
In this case, little perturbation is to be ex- 
pected from the addition of a heteroatom 
in the «2 position, which is actually ob- 
served. In contrast, the corresponding 
PO4 tetrahedron in ffi-[P2Wi 7 06i] 10- as- 
sumes a C s symmetry, which would favor a 
stronger coupling of the heterometal with 
the tungsten atoms in the “belt” of the 
Dawson POM. 

Gradual lowering of the solution pH 
down to pH = 0.16 shows the steady in- 
crease of the “iron” wave intensity, which 
reaches finally a current corresponding 
to the consumption of 3.0 electrons per 
molecule, a value confirmed by coulome- 
try. Following literature result that what- 
ever the pH dependence of the “iron” 
wave in classical POMs [94] it involves 
only one electron, the reasonable assump- 
tion is that the observed three-electron 
wave should feature the merging of the 
one-electron process of Fe 3+ with a two- 
electron process of tungsten. Noteworthy 
is the reversibility of the pH effect. Upon 
gradual addition of NaOH in the pH = 
0.16 solution up to the pH = 2, the cyclic 
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Fig. 14 Comparison of the cyclic voltammograms observed in a pH = 2 medium (0.2 M 
[\la 2 SO 4 + H 2 SO 4 ) for 5 10 ~ 4 M solution of the substituted POM cri FeP 2 W ]7 (Curve 1) and 
0 ' 2 FeP 2 W'i 7 (Curve 2). Inset: comparison of the first wave of <*1 FeP 2 Wi 7 (Curve 1) with that of 
0 ' 2 FeP 2 Wi 7 (Curve 2). Scan rate: 100 mV s -1 (taken from Ref. 89). 


voltammogram goes back exactly through 
the same situations obtained when the 
pH was made to decrease by addition 
of H 2 SO 4 . Coulometry and spectroelec- 
trochemistry experiments were carried out 
with the aim to confirm the preceding 
observations. Figure 15 gathers spectro- 
electrochemistry results obtained, essen- 
tially at pH = 2. For clarity and simplicity, 


shown here are the spectra correspond- 
ing to exhaustive reduction of the relevant 
POM. For each POM, the electrolysis po- 
tential was fixed at the reversal potential of 
the first wave on the cyclic voltammogram. 
Fig. 15(a) pertains to the reduced form of 
a i-[P 2 Wi 7 0 6 i] 10 - which was checked pre- 
viously to be stable in the pH = 2 medium. 
The spectra ofai-[Fe In (OH 2 )P 2 Wi 706 i] 7 “ 









at pH = 2 and pH = 3 are shown in 
Fig. 15(b). Exactly the same concentration 
of the POM was used. Following analo- 
gous assignments [22, 85, 95-97], the d-d 
band for Fe(II) appears around 525 nm 
and the broad band extending into the 
near-infrared region is assigned to “metal” 
to “ligand” charge transfers, specifically 
Fe(II) —*■ W(VI) charge transfer up to the 
coexistence of Fe(II) and W(V) [96]. In 
this case, the chromophore W(V) can be 
expected to contribute the most to the ab- 
sorption, owing to the more delocalized 
character of a “tungstic” electron in this 
environment. The intensities of absorp- 
tion bands in Fig. 15(b) are in agreement 
with this line of reasoning and also with the 
number of electrons consumed in coulom- 
etry at each pH (1.08 at pH = 3 and 1.80 
at pH = 2). Finally, it was observed that 
the blue color observed for reduced ot\- 
[Fe m (0H2)P2Wi706i] 7 ~ became deeper 
and deeper as the pH of the medium 
was made more and more acidic. It was 
checked that the increase in optical density 
observed in Fig. 15(b) cannot be attributed 
mainly to a variation in extinction coeffi- 
cient of the reduced species as described 
for other POMs [22, 97]. The observations 
for at- and a2-[Fe m (OH2)P2 Welf- 
are contrasted in Fig. 15(c). They un- 
derscore and confirm the differences 
obtained in cyclic voltammetry and 
coulometry. Fig. 15(d) shows the spec- 
trum of a2-[Fe m (OH2)P2 Wi706i] 7 ^ (solid 
line) and that of its reduced form 
on a magnified scale. The d-d band 
of Fe(II) appears now around 440 nm 
and the Fe(II) — »■ W(VI) charge trans- 
fer band is small, in agreement with 
electrochemistry conclusions. The smaller 
extinction coefficient of reduced o , 2- 
[Fe m (0H2)P2Wi706i] 7 ~ compared to that 
of reduced ai-[Fe nl (0H2)P2Wi706i] 7_ 
may be attributed to a stronger trapping 
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of the electron on the Fe center when it 
occupies an «2 position. 

Thus, in this example, combination of 
pH effects and spectroelectrochemistry 
proves very beneficial in the detailed study 
of merging of POM waves. 


Transition metal -substituted POMs (TM- 
SPs) can be considered as the largest 
subclass of polyanions [6]. Within the 
class of TMSPs, the sandwich-type com- 
pounds represent the largest family. In 
short, sandwich-type POMs are formed by 
the fusion of two trivacant a , -XWc)034” _ 
(X = P(V), As (V), Si(IV), Fe(III), Co(II), 
Cu(II), or Zn(II)), fl-XW 9 03 3 ' l “ (X = 
As(III), Sb(III), Bi(III), Se(IV), or Te(IV)), 
or a-X2Wi 5 05 6 ”- (X = P(V) or As(V)) 
units via two or more d-electron centers 
and now constitute one of the largest 
classes of transition metal-substituted 
heteropolytungstates. To date, the Herve- 
[98], Weakley- [99], Krebs-[100], and Knoth- 
[101] type sandwich polyanions can be 
distinguished. The synthesis of fundamen- 
tally novel, discrete polyanions is among 
the most interesting, but also the most 
difficult challenges in POM chemistry. 
Transition metal -substituted, sandwich- 
type polyanions are of particular interest, 
because of their highly tunable nature, 
coupled with their chemical robustness. 
This unique combination of properties 
is of interest for applications in several 
areas, including catalysis, electrocatalysis, 
medicine, and material science [102]. 

22 . 5 . 3.1 Electron Transfer Behaviors of 
Multi-iron Sandwich-type POMs 

In parallel with the explosion of sandwich- 
type POMs synthesis and characterization, 
their electrochemistry is studied, both on 
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their own interest and also to find out 
the effects of accumulation of transition 
metal centers on catalytic and electrocat- 
alytic properties. The same general trends 
encountered in the preceding section with 
POMs monosubstituted with a transi- 
tion metal cation are also observed with 
sandwich-type species. Electrochemical 
studies [1, 103-121] indicate the existence 
of two groups of substituents: (1) the metal 
cations showing a redox activity within 
these complexes, with an expected pH de- 
pendence of the electrochemistry of the 
centers bearing a water molecule; (2) the 
metal cations electrochemically silent in 
the sandwich complexes; in that case, 
only a slight modification of the peak 
potential locations of the ligand waves 
is observed in comparison with those 
of the precursor lacunary species. Ni(II)- 
and Zn(II)-substituted derivatives belong 
to this group [103, 104, 113, 114]. 

Some specific behaviors are encoun- 
tered. As expected, Cu(II)-containing com- 
plexes [103, 115, 121] show a deposition 
of copper upon reduction, and the re- 
dox behaviors of Mn(II) within Mn(II)- 
sandwich complexes were also studied 
[109, 110, 112, 119]. Electron transfer 
behaviors of multi-iron sandwich-type 
oxometalates reveal several illustrative 
features and these POMs are selected 
for a detailed electrochemical descrip- 
tion [1]. Eight several recently reported 
multi-iron Wells-Dawson sandwich-type 
POMs (including Fe4As4, Fe4P4, aac/a- 
Na 16 (NaOH 2 ) 2 (Fe nl ) 2 (X 2 Wi 5 056)2 (X = 
As(V) (Fe2As4) or P(V) (Fe2P4)), aot^a- 
Na 1 4(NaOH 2 )(Fe III OH 2 )(Fe III ) 2 (X 2 W 15 
0 56 ) 2 (X = As(V) (Fe3As4) or P(V) 
(Fe3P4)) and the mixed-metal complexes, 
ff^a-Na 1 4(Mn II OH 2 ) 2 (Fe III ) 2 (X 2 Wi5 
0 56 ) 2 (X = As(V) (Fe2Mn2As4) or As(V) 
(Fe2Mn2P4)), (see Sch. 6 for structures) 


are used to identify and quantify the in- 
teractions between adjacent Fe(III) (or 
Mn(II)) centers, and electrochemical mea- 
surements illustrate how ion-pairing, pH, 
and electrolyte compositions affect the re- 
dox properties of the complexes. 

In addition, these results show also how 
the redox properties of the sandwich-type 
POMs are affected by the metal population 
of the central unit. All of these compounds 
are stable, at least in the timescale of 
these voltammetric studies, in the pH = 5 
buffer (1 M CH 3 COOLi and CH3COOH) 
medium selected for their studies. The 
electrochemistry of the lacunary species 
(ff-P 2 W 15 0 56 12 - and a-As 2 W 15 0 56 12 -) 
were previously described [80, 103, 117]. 
In contrast with the voltammograms of a- 
As 2 Wi5056 12_ anda-P 2 Wi5056 12 ~, those 
of Fe4As4 and Fe4P4 show four new waves 
in the potential domain +0.2 through 
—0.5 V. Figure 16(a) compares the CVs of 
a-P 2 Wi 5 0 5 6 12 “ and Fe4P4. The four new 
waves are attributed to the reduction of the 
four Fe(III) centers within the sandwich 
complex. At pH 3 (2 M NaCl + HCl), the 
formal potentials for the Fe(III) /Fe(II) re- 
dox couples are: 0.227, 0.124, —0.016, and 
—0.093 V (vs. SCE), respectively. These lo- 
cations are distinctly positive of the first 
W-wave of a-P 2 Wi5C>56 12- and Fe4P4 
(Fig. 16a). This is consistent with the fact 
that Fe(III) is known to be more easily 
reduced than W(VI) centers within sub- 
stituted heteropolytungstates [89]. Corre- 
sponding data for the other complexes can 
be found in the original paper [1]. The re- 
duction ofW(VI) centers is also influenced 
by the presence of the Fe(III) centers in the 
sandwich molecule. The first wave of a- 
P 2 W15O56 12- , which is slightly composite, 
is now split into two waves in Fe4P4. This 
behavior is related to differences in the 
acid-base properties of the two POMs. In 
analogy with the CVs of o , -As 2 Wi5056 12 ' 
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Scheme 6 Combination 
wireframe/ball-and-stick 
representations of the eight 
multi-iron Wells-Dawson 
sandwich-type complexes 
studied in this section (taken 
from Ref. 1). 





and a-P 2 Wi 5 0 56 12 “, those of Fe4As4 and 
Fe4P4 are also very similar to each other. 
The presence of the arsenic heteroatom 
facilitates the reduction of both the Fe(III) 
and W(VI) centers (Fig. 16b). The num- 
ber of W(VI)-waves observed for Fe4As4 
or Fe4P4, and hence, the electron number 
for each wave, depends on the pH of the 
electrolyte. Rather classical electrochemi- 
cal behaviors were observed for the W(VI) 
centers in these complexes. Therefore, 


the focus of these studies remains exclu- 
sively with the Fe(III) centers. Fig. 16(c) 
shows the stepwise reduction of the Fe(III) 
centers in Fe4P4, with the domain re- 
stricted to the Fe(III) redox processes. 
The X-ray crystal structures of Fe4As4 and 
Fe4P4 suggest that there are two types of 
symmetry-equivalent Fe(III) centers [99d, 
111a]. There are two “external” Fe(III) 
sites which share two oxygen atoms with 
one a-X 2 Wi 5 0 56 12 “ unit and three oxygen 
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(c) E/V vs. SCE 


Fig. 16 Cyclic voltammograms of Fe4As4 and CH 3 COOH (pH = 5) buffer solution except in 

Fe4P4 (2 1CT 4 M). The scan rate was 10 mV s -1 , (c), where the dotted line represents a 

the working electrode was glassy carbon, and the measurement taken in a 0.5 M Na 2 SC >4 + NaOH 
reference electrode was SCE. All measurements (pH = 5) buffer solution (taken from Ref. 1). 
were performed in a 1 M CH 3 COOU + 1 M 

atoms with the other a-X2Wi50 56 12- unit, careful consideration because it might 

The sixth vertex of the octahedra is com- compete with others (Although coupling 

posed of a water molecule. The sixth between the Fe-centers is invoked as an 

vertex of the two “internal” Fe(III) sites explanation for the separation (or lack 

is composed of an additional oxygen atom thereof) of the various reduction waves, 

from one of the two ff-X2Wis056 12_ units the behavior for reduction of these centers 

(rather than a water ligand). The struc- (whether clearly sequential or not) may 

tural data alone would suggest that there also depend simply on the effect of the 

would be two groups of redox processes extra negative charge the POM takes on 

rather than four. The complete splitting each time a Fe(III) center is reduced to 

into four distinct one-electron reduction Fe(II). Literature has solved the case of 

processes suggests that there is some type the first reduction potentials of several 

of electronic communication involving the Keggin species under conditions of no 

Fe(III) centers. This possibility deserves protonation. The correlation line has a 






slope of —0.18 V/unit charge (see Refs. 4 
and 54a). The same correlation was also 
suggested for select examples of second 
reduction potentials (see Ref. 30a). In the 
latter case, only highly symmetrical POMs 
with little or no ion-pairing were addressed 
and the reduced centers were all W-based. 
In the multi-iron compounds we address 
here, electrons are localized essentially in 
the Fe 4 central unit where ion-pairing is 
extensively operative and in competition 
with protonation. In addition, we have 
to consider the Wells -Dawson trivacant 
species as the precursors in the synthe- 
sis of the present sandwich complexes. 
Therefore, only a semiquantitative evalua- 
tion of this phenomenon can be made at 
best. However, the observation of a broad, 
single large cathodic current featuring the 
combined series of one-electron reduction 
processes of the four Fe-centers made on 
[Fe 4 (OH 2 ) 10 (d-XW 9 O 3 3 ) 2 f- (n = 6 , X = 
As 111 , Sb m ; n = 4, X = Se IV , Te IV ) in 
which Fe centers are not directly connected 
(Ref. 107a) supports the idea of electronic 
communication between Fe centers. It can 
therefore be concluded that the stepwise 
addition of electrons required in molecular 
electrochemistry and the subsequent step- 
wise increase in the overall negative charge 
of the POM are not sufficient to split the 
waves measurably in a case where direct 
influence between structurally equivalent 
centers does not exist.). This interaction 
must generate and/or reinforce inequiv- 
alence among the sites, especially in the 
reduced state, and it is also consistent with 
the magnetic measurements. Finally, it is 
worth noting that all of the voltammetric 
patterns of Fe4As4 and Fe4P4 are per- 
fectly well defined and well behaved at 
pH = 5. This observation is in contrast 
with the report that Fe4P4 shows ill- 
defined waves with very small intensity in 
media of pH > 4 [118]. These differences 
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may be due to differences in the media 
used to collect these measurements. This 
point was checked by running the CV in 
the same electrolyte (0.5 M Na 2 SC >4 and 
NaOH, pH = 5) as that used in Ref. 118. 

The results in Fig. 4(c) show that the waves 
remain perfectly well-defined (dotted line 
curve) with no current decrease observed 
compared to the curve recorded in acetate 
medium (solid line curve) . The lesson from 
these comparisons is that the most severe 
attention must be paid to the challenging 
problem of the synthesis and characteriza- 
tion of sandwich-type POMs. 

Ion-pairing: Although ion-pairing, pH ef- 
fects, and ionic strength effects all exist 
simultaneously and act in competition, 
the data presented in Fig. 16(c) allows the 
opportunity to discuss the first of these 
phenomena. In this system, an overall 
positive shift is observed for the Fe(III) 
centers when a Na 2 S 04 -based medium 
is used instead of CH 3 COOLL Since the 
two systems have the same ionic strength 
and pH (even though the buffer capacity 
is greater for CH 3 COOLi), this positive 
shift must be due in part to the nature of 
the cation. It was previously shown that 
Na + engages in more intimate ion-pairing 
with POMs than Li + since the hydrody- 
namic radius of Li + is greater than Na + 
[61c,d] (Ref. 94a) have also shown that re- 
duced forms of Fe(III)-monosubstituted 
Keggin anions engage in ion-pairing with 
alkali-metal cations.). The positive shift 
of the Fe(III) centers increases with in- 
creased ion-pairing (i.e. K + > Na + > Li+). 

For example, with both the pH and ionic 
strength kept constant, the formal poten- 
tial measured for the Fe(III) /Fe(II) couple 
in Ge(Fe 0 H 2 )Wn 039 5- is more posi- 
tive with a Na + countercation than Li + . 
Complexes Fe4As4 and Fe4P4, however, 
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contain four Fe(III) centers and could dis- 
play more complex ion-pairing behavior. 
In addition, the two Fe(III) sites with ion- 
izable terminal water ligands add further 
complexity since ion-pairing and proto- 
nation can compete [94]. Figure 16(c) il- 
lustrates this complexity by showing that 
cation influences differ from one wave to 
the next. For example, the second and 
fourth redox couples (which are better be- 
haved) experience a 35 mV shift and a 
negligibly small shift, respectively, with 
the change of Na + to Li + medium. The 
shift due to cation effects is larger for the 
first two redox couples. To further illustrate 
the competition between ion-pairing and 
protonation of the terminal water ligands, 
the pH of the system was lowered from 
five to three, prepared with 0.5 M Li 2 S 04 
and H 2 SO 4 or 0.5 M Na 2 SC >4 and H 2 SO 4 . 
The results suggest that protonation su- 
persedes ion-pairing with decreasing pH. 
These general trends are in good agree- 
ment with the apparent pA" a values mea- 
sured previously. Complex Fe4As4 gave 
results similar to Fe4P4 under the same 
experimental conditions. The nature of the 
cation of the supporting electrolyte has a 
similar effect on W(VI) waves as described 
previously for monosubstituted Keggin 
derivatives [94]. For the remaining electro- 
chemical studies, Na + is the countercation 
used since most of the POMs studied here 
were originally synthesized as Na + salts. 

pH Effects: The behaviors of the W(VI) 
waves within POMs as a function of 
pH were the subject of several previous 
investigations [3, 4, 28, 89, 94, 103, 107, 
122]. The same types of variations were 
roughly observed within the present multi- 
iron sandwich-type derivatives, but these 
were not the focus of this particular study. 
For the present purpose, pH effects (from 
pH = 2 to pH = 7) were studied by adding 


an appropriate amount of concentrated 
mineral acid or base to a 2 M solution 
of NaCl. The high concentration of NaCl is 
intended to minimize any effect induced 
by small ionic strength variations. The 
observation of interest is to determine how 
changes in pH affect the formal potentials 
of the Fe(III) waves. Provisionally, it is 
worth noting that changes in pH might 
induce the merging of two or more of 
these waves, although that phenomenon 
was not observed in these studies. 

Figure 17 represents the formal poten- 
tial variations between pH 2 and pH 7 for 
each of the Fe(III) centers in Fe4As4 and 
Fe4P4. The four Fe(III) centers are num- 
bered according to their formal potentials 
from the least negative (Fei) to the most 
negative (Fe 4 ). The formal potentials of 
the Fe(III) /Fe(II) redox couples do notvary 
smoothly with pH. Analogous intricate pH 
dependence was previously described in 
the case of a single Fe(III) center within 
monosubstituted Keggin derivatives [94]. 
Electronic communication between Fe(III) 
centers in the sandwich-type derivatives 
might render their formal potential vari- 
ations pH interdependent, and possibly, 
might also render them more complex. 
Nevertheless, some new trends do ap- 
pear in Fig. 17. Focusing first on Fe4As4, 
Fel and Fe2 centers show almost parallel 
formal potential variations, with a small 
domain of quasi-independence from pH 2 
to 3 and then again from pH 4 to 5. The 
variation is roughly linear above pH 5, with 
a slope of 55 mV/pH. In contrast, the for- 
mal potential for Fe3 is nearly independent 
for pH values up to 6 , and then it begins 
to vary slightly above this value. For Fe4, 
a linear variation is obtained from pH 3 
to 5 with a slope of 26mV/pH. Then it 
is fairly pH independent for higher pH 
values. Even though the present observa- 
tions specifically concern the Fe(III) /Fe(II) 
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Fig. 17 Plot of the formal potentials of 
Fe4As4 (a) and Fe4P4 (b) as function of 
pH for the four one-electron 
Fe(lll)-centered redox processes. The 
Fe(lll) centers are labeled FeX (with 
X = 1 , 2, 3, or 4) from the most positive 
to the least positive reduction potential. 
The pH 2-3 solutions are composed of 
2 M NaCI + HCI, the pH 4-5 solutions 
are composed of 2 M NaCI + 0.1 M 
CH 3 COONa + 0.1 M CH 3 COOH, and 
the pH 6-7 solutions are composed of 
2 M NaCI + 0.05 M NaH 2 P0 4 + 0.05 M 
NaOH (taken from Ref. 1). 


redox couples and not solely the Fe(III) re- 
dox states, the formal potential variations 
follow the trends expected from the knowl- 
edge of apparent p/C a values. In particular, 
the zones of pH independence are con- 
sistent with the possibility that ion-pairing 
supersedes protonation. Furthermore, the 
formal potentials of the two internal Fe(III) 
centers are not expected to depend directly 
on pH. The observed dependence must 
therefore be traced back to the electronic 
communication between all of the Fe(III) 
centers. The same trends were observed for 
Fe4P4 as well, albeit with only small dif- 
ferences, presumably linked to differences 
induced by the different heteroatoms (As 
vs. P) within these complexes. Finally, ion- 
pairing and pH effects converge during 
the reduction processes to suggest that 
external Fe(III) centers are reduced first. 




This is consistent with Pope’s report on 
(MnOH2)2(Mn)2(PW 9 C>34)2 10 “, in which 
it was discovered that oxidation first occurs 
at the aquated Mn centers [112]. However, 
due to the low intensity of the observed 
effects and to the fact that oxidation and 
reduction might involve different molec- 
ular orbitals, support or invalidation for 
the present hypothesis should be sought 
through complementary theoretical calcu- 
lations. 

Diferric and Triferric Sandwich-type Comp- 
lexes: Figure 18 shows, in superposition, 
the voltammograms of Fe4As4, Fe3As4, 
and Fe2As4, restricted to the waves at- 
tributed to the reductions of the Fe(III) 
centers only. Several conclusions emerge 
from these patterns. For each CV, the 
number of waves corresponds to the 
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Fig. 18 Cyclic voltammograms 
of Fe4As4, Fe3As4, and Fe2As4 
in 2 1CT 4 M, pH = 3 (2M 
NaCI + HCI) buffer solution. 

The scan rate was 1 0 mV s -1 , 
the working electrode was 
glassy carbon, and the reference 
electrode was SCE (taken from 
Ref. 1). 


-0.4 -0.2 0.0 0.2 0.4 0.6 0.8 
E/V vs. SCE 



number of Fe(III) atoms in each complex. 
These observations suggest there are suf- 
ficiently strong interactions between the 
Fe(III) centers in each of the complexes 
to induce complete splitting of their redox 
processes into separate steps. Magnetiza- 
tion measurements were used to identify 
and quantify the antiferromagnetic inter- 
actions between the edge-sharing Fe m 
units, in complete agreement with elec- 
trochemical conclusions [1]. Qualitatively, 
the overall current intensities are also con- 
sistent with the number of Fe(III) atoms 
in each complex. The number of Fe(III) 
centers was also checked by controlled po- 
tential coulometry measurements, which 
give three electrons per molecule for 
Fe3As4 and Fe3P4 and two electrons per 
molecule for Fe2As4 and Fe2P4 for the 
exhaustive reduction of these centers. At 
pH 3, the following values were deter- 
mined: 3.95 ± 0.05 electrons per molecule 
for Fe4As4 and Fe4P4 at —0.250 V (vs. 
SCE); 2.95 ± 0.06 electrons per molecule 
for Fe3As4 and Fe3P4 with the potential 
set at -0.300 V (vs. SCE); 1.95 ± 0.07 elec- 
trons per molecule for Fe2As4 and Fe2P4 
at —0.360 V (vs. SCE). The CV patterns 
shift in the negative potential direction 
with a decrease in the number of Fe(III) 
atoms. This is most likely related to the 
overall increase in the negative charge 
of the POM due to the decrease in the 


number of Fe(III) atoms. It is probably also 
related to pA'a differences in the reduced 
forms. The formal potentials measured 
from the CVs of the Fe(III)-only complexes 
can be found in the original paper. 

The relative potential shifts of the waves 
also seem to support the distinction be- 
tween the external Fe m 05(0H2) centers 
and the internal Fe m 06 centers within 
the present complexes. Previously, we 
concluded that the external Fe m 05(0H2) 
centers are likely reduced before the in- 
ternal Fe m 06 ones. Indeed, the CVs of 
Fe3As4 and Fe3P4 show the disappear- 
ance of a wave attributable to an external 
Fe IU C>5(C>H2) center in Fe4As4 and Fe4P4. 
The CVs of Fe2As4 and Fe2P4, which 
have no external Fe m C>5(C>H2) centers, 
also agree with this hypothesis since 
only two waves attributable to internal 
Fe m C>6 centers are observed. These con- 
clusions are also supported by the apparent 
pA'a values. 

Mixed-Metal Sandwich-type Complexes: 
Characterization of the mixed-metal multi- 
iron sandwich complexes indicated that 
they are stable from pH 0 to 7. This 
thoroughly-checked observation is in 
contrast with the instability of several 
mixed-metal sandwich-type complexes 
claimed in Ref. 120. In Fe2Mn2P4, 
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the presence of Mn(II) modifies the first wave of Fe2P4 is larger than that 
characteristics of the Fe(III) and W(VI) of Fe2Mn2P4 and it has a tendency 
waves that are observed at slightly more to merge with the second wave. Thus, 
positive potentials than in compound an ECE- or EEC-type process seems 
Fe2P4. Figure 19 compares the Fe(III)- to be favored in the former complex, 
based redox processes of complexes Fe2P4 This observation leads to the conclusion 
and Fe2Mn2P4. Controlled potential that the reduced form of Fe2Mn2P4 is 
coulometry confirms that exhaustive less basic than the corresponding form 
reduction of these centers consumes of Fe2P4. Support for the important 
2.00 ± 0.05 electrons per molecule, influence of basicity is illustrated in 
Examination of Fig. 19(a) shows that the Fig. 19(b). At pH 5, the two Fe(III)-based 




Fig. 19 Cyclic voltammograms of Fe2P4 and Na 2 SC >4 + H 2 SO 4 ); (b) Comparison of Fe2P4 

Fe2Mn2P4 in different buffer solutions. The and Fe2Mn2P4 in a pH = 5 medium (1 M 

concentration of the POM was 2 10 ~ 4 M in all CH 3 COOU + 1 M CH 3 COOH); (c) Study ofthe 
the solutions. The scan rate was 10 mV s _1 , the Mn(ll) centers in Fe2Mn2P4 in a pH = 1 
working electrode was glassy carbon, and the medium (0.5 M Na 2 S 04 + H 2 SO 4 ). E; = initial 

reference electrode was SCE. (a) Comparison of potential. See the text for more details (taken 

Fe2P4 and Fe2Mn2P4 in a pH = 3 buffer (0.5 M from Ref. 1). 
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waves merge in both complexes with 
coalescence being somewhat incomplete 
for Fe2Mn2P4, which shows a slightly 
composite wave. Such differences in the 
p7^ a values of the two complexes might be 
explained by considering that Fe2Mn2P4 
should behave much like a saturated 
complex while Fe2P4 is more lacunary 
in nature. The differences in behavior of 
the arsenic analogs (complexes Fe2As4 
and Fe2Mn2As4) are less clear than those 
of the corresponding phosphorus analogs. 
The results suggest a clear influence of 
the central heteroatom, P or As, that 
consists (at pH 3) of an overall positive 
shift of the Fe(III) waves without a 
current increase when P is replaced by 
As. A tentative explanation for this lack 
of current variation is that the relevant 
pi? a values in the reduced forms of the As 
derivatives are very close from one complex 
to another. 

A detailed study of the Mn(II) wave in 
complex Fe2Mn2P4 reveals, as expected, 
that the oxidation process becomes 
more difficult (i.e. moves toward more 
positive potentials) when the pH of 
the supporting electrolyte decreases. This 
point is illustrated for pH = 1 in Fig. 19(c) 
where this process is kinetically sluggish. 
However, pretreating the electrode surface 
by pausing its potential at +1.4 V for 
a short time (120 s) prior to scanning 
the potential in the negative direction 
clearly reveals the presence of Mn(II). 
Under these conditions, two reduction 
waves were observed, accompanied on 
potential reversal by a fairly well-behaved 
oxidation wave for the Mn(II) centers. 
This result is also shown in Fig. 19(c). 
Separation of the reduction into two steps 
is less pronounced in a pH 3 medium, 
where only a shoulder is observed. 
Examination of all these results together 
suggests that, for the two pH values 


we have explored (pH 3 and 5), the 
oxidation of Mn(II) to Mn(IV) is followed 
on potential reversal by the stepwise 
reduction of Mn(IV). In addition, holding 
the potential at a selected positive value 
activates the electrode surface faster than 
continuous potential cycling. Continuous 
potential cycling of the electrode through 
the domain in which the oxidation of 
interest is expected constitutes another 
nuance of the activation of the glassy 
carbon surface electrode in the study 
of POM-based Mn(II) centers. Steckhan 
and Sadakane found that this procedure 
gradually revealed the presence of the 
two waves of a-Si(MnOH 2 )WiiC> 39 6_ 
in a pH 6 phosphate buffer [123]. In 
contrast, it was shown previously that 
the merging of the two redox systems 
ofMn(II) in a2-P2(MnOH2)Mo2Wis06i 8 ~ 
results in a composite broad wave 
while cycling in a pH 6 phosphate 
medium (with concomitant deposition of 
an electroactive film on the electrode 
surface) [14]. 

22 . 5 . 3.2 Electrochemical Probing of 
Siderophoric Behavior in Sandwich-type 
Multi-iron Wells-Dawson 
Heteropolytungstates 

The formation of sandwich-type POMs 
from solutions of metal cations and triva- 
cant heteropolytungstate species may alter- 
natively be viewed as means to sequester 
cations from solution [116]. The question 
then arises if reversible dissociation of the 
metal cations from the multidentate lig- 
ands is possible as well. The sequestration 
and subsequent release of metal cations 
under appropriate conditions is of consid- 
erable interest in waste decontamination 
technology as well as in medicine [124]. 
Following these ideas, the demetallation 
process of ten multi-iron Wells-Dawson 
polyoxometalates is studied by cyclic 



voltammetry and controlled potential 
coulometry. Eight sandwich-type com- 
plexes (aaaa-Nai6(NaOH2)2(Fe nl )2 
(X 2 Wi50 5 6)2, ffad«-Nai4(NaOH 2 )-(Fe ln 
0H2)(Fe nl ) 2 (X2Wi5056)2, add«-Nai2 
(Fe nl 0H2)2(Fe ln )2(X2Wi50 56 )2, and add 
a-Na 14 (Mn II OH 2 )2(Fe ln )2 (X2W 15 0 56 )2 
(where X = P(V) or As(V))) and two 
monomeric complexes (a-Nan(P2(Fe m 
Cl)2(Fe in 0H 2 )Wi5 059) and a-Nan(As 2 - 
(Fe III Cl)2Fe I11 0Fl2)Wi5059)) were selec- 
ted for this study. 

Specifically, Fig. 20 shows representa- 
tive slow potential scan rate cyclic voltam- 
mograms of Fe4P4 and Fe4As4 in a 
pH = 3 solution and also as a function 
of ionic strength for this last complex. 
A demetallation process of the reduced 
POMs was detected as appears on this 
figure. Detailed study of the whole process 


22.5 Mixed Addenda and Other Substituted POMs 

was performed as a function of several 
parameters including the pH, the ionic 
strength, and the composition of the 
electrolyte. The observations lead to the 
conclusion that the following reaction pat- 
tern applies, in which Eq. (4) may be only 
partially operable on the timescale of cyclic 
voltammetry: 

Fe m 4X4 + le“ < > Fe n Fe m 3X4 (1) 

Fe n Fe m 3X4 < > Fe n + Fe m 3X4 

(slow step) (2) 

Fe n - le“ < > Fe m (3) 

Fe m + Fe m 3X4 < > Fe m 4X4 (4) 

In short, all ten complexes considered 
here show Fe(III) waves that are well 
separated from the redox activity of the 


Fig. 20 Cyclic voltammograms of 
complexes Fe4P4 and Fe4As4 (2 10~ 4 
M). The scan rate was 2 mV s^ 1 and the 
reference electrode was SCE. All 
measurements were performed in a 2 M 
NaCI + HCI (pH 3) buffer solution. 

(a) The working electrode was glassy 
carbon (3 mm diameter). The arrow 
indicates the oxidation of free Fe(ll); 

(b) The working electrode was a glassy 
carbon plate (4 cm 2 ) that was used for 
the exhaustive controlled potential 
reduction ofthe Fe(lll) centers within 
Fe4As4, followed by an attempt at their 
regeneration. The cyclic voltammogram 
before electrolysis is marked "1” while 
the cyclic voltammogram after the 
forward and backward electrolyses is 
indicated by a “2.” See the text for more 
details (taken from Ref. 116). 



(a) E/V vs. SCE 



(b) E/V vs. SCE 
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W(VI) centers. At room temperature and 
under mild conditions, iron release from 
the complexes is observed upon reduc- 
tion of the Fe(III) centers. This release 
is controlled by the ionic strength of the 
medium, the nature and concentration of 
the anions present in the supporting elec- 
trolyte, and by the pH of the solution. This 
behavior parallels those described for most 
siderophores that depend on the same pa- 
rameters. 

It is noteworthy that the analogous 
ejection of Fe(II) was observed previously 
upon reduction of the single Fe(III) center 
within « 2 -[Fe(OH 2 ) P 2 W 17 O 61 ] 7- [89] and 
a-[Fe(OH2) ZnW n 0 39 ] 7 - [122], 

22.6 

Recent Developments 

22 . 6.1 

Electrochemistry of a New Family of 
Wells- Dawson Anions: Semivacant 
Tungstophosphates and Arsenates 
[H 4 XW 18 0 6 2] 7 - (X= P or As) 

Following the pioneering synthesis of 
[H4PWi8C>62] 7_ (PW 18 for convenience) 


[187], the general possibility of establishing 
a novel Dawson-type family structures 
with two different central heteroatoms 
was demonstrated with the syntheses 
of [H 4 XWi 8 0 6 2] 7 “ (X = P or As), their 
monolacunary species and their first tran- 
sition metal ion derivatives [103, 125, 126]. 
The new structure is sketched in Sch. 7 and 
was confirmed very recently by direct X-ray 
crystallography determination [127, 128]. 

22.6.1.1 Evidence for an Influence of the 
Dissymmetry on the Voltammetric Behavior 
of PWig: Comparison with P 2 W 18 

The comparison of the voltammetric 
characteristics of PWis and P 2 W 18 is 
useful to highlight the peculiarities of the 
former complex. Figure 21 shows in su- 
perimposition the cyclic voltammograms 
(CVs) of the two complexes in a pH 0.3 
sulfate medium. The potential domain 
was selected to avoid any deleterious 
derivatization of the electrode surface [28]. 
Furthermore, such domain is the most 
useful for elucidation of electrocatalytic 
processes. Here, the voltammetric pat- 
tern is restricted to the first three waves 
observed for PWi 8 in this medium. In 



Scheme 7 Schematic representations of the Dawson-type 
tungstodiphosphate and tungstomonophosphate (taken from Ref. 125). 
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Fig. 21 Cyclic voltammograms (CVs) 
run on 5 10 -4 M solutions of the 
relevant polyoxometalates; scan rate: 

1 0 mV s^ 1 ; working electrode: glassy 
carbon; reference electrode: SCE. 

(a) comparison of the CVs observed in a 
pH 3 medium (0.2 M 
Na 2 SC >4 + H 2 SO 4 ) for the two 
unsubstituted tungstophosphates: 

PW 18 and P 2 W 1 S; (b) pH effect on the 
CV of PWig. For further details, see text 
(taken from Ref. 125). 


the same conditions, the voltammetry 
of P 2 W 18 is known [29] and is consti- 
tuted by two one-electron waves followed 
by two two-electron waves. These waves 
feature reversible diffusion-controlled pro- 
cesses. The comparison of the CVs of the 
two POMs is shown in Fig. 21(a) and is 
enlightening. The first wave of PWis repre- 
sents unambiguously a two-electron chem- 
ically reversible process. This point was 
checked by controlled potential coulom- 
etry. The two subsequent waves also 
feature two-electron processes. In short, 
the pattern for PWis is constituted by a 
set of three reversible diffusion-controlled 
waves. This observation was expanded by 
a brief study of the pattern as a func- 
tion of pH. Figure 21(b) illustrates this 
point and shows, in superimposition, the 
CVs of PWis at pH 0.3 and 4. With 
the increase in pH, the formerly two- 
electron wave splits into two supposedly 
one-electron processes. No attempt was 
made to ascertain quantitatively that the 



(a) E/V vs. SCE 



splitting was complete at pH 4. Turning 
more specifically to the comparison of the 
voltammetric behaviors of the two POMs, 
all the observations point to the higher 
basicity of the reduced forms of PWis com- 
pared to those of P 2 W 18 . The results fit in 
the following scheme that could have been 
forecast from the structures. Formally, 
PWis is constituted by two A-type half- 
anions that can be formulated H 4 W 9 and 
PW 9 respectively. A loose analogy might 
induce one to point out the similarity be- 
tween the hydrogenated fragment of PWis 
and [H 2 Wi 20 4 o] 6 “ (H 2 Wi 2 ). This analogy 
should be expressed in terms of compared 
basicity between PWis and P 2 W 18 , with 
reference to the known basicity influence 
in the reduction of H 2 W 12 compared to 
those of the corresponding species of clas- 
sical Keggin-type POMs [33c, 129, 130]. As 
a matter of fact, polarograms (and voltam- 
mograms) of H 2 W 12 at pH < 3.5, show 
three waves of 2, 2, and ca. 10 electrons 
each [35, 129, 130], in conditions in which 
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the first two reductions of its analogs 
[PW12O40] 3- and [SiWi2C>4o] 4 ~ and even 
the Dawson-type P2W18, are one-electron 
pH-independent processes. Therefore, the 
pH-dependent voltammetric behavior ob- 
served for PW18 in comparison with that 
of P2W18 can be paralleled with that 
of H2W12 vis a vis [PWi204o] 3- and 
[SiWi204o] 4 ~. It must be concluded that 
PW18 and its first several reduced species 
show larger basicity compared to the corre- 
sponding species of P2W18. Provisionally, 
it is worth mentioning, in contrast, that 
roughly 6 M HCl solution was necessary to 
make the first two waves of P2W18 merge 
[33c]; the concentration of acid reaches 
7-8 M HCl in the case of [SiW 12 0 4 o] 4 “. 
Such merging could not be achieved for 
[PWi 2 0 4 o] 3 “ in solution [33c] and was only 
realized inside polymer matrices [130]. 
This observation is rewarding and con- 
stitutes a good step in the continuous 
search for means to accumulate electrons 
on the first or the first several waves of 
POMs in mild conditions. To our knowl- 
edge, this series of compounds represent 
the first example in which a two-electron 
W-wave in a saturated species is found to 
appear at relatively less negative potential 
and mild acidity than generally obtained 
in classical Dawson HP As in aqueous me- 
dia. This constitutes one of the favorable 
conditions for eventual electrocatalytic pro- 
cesses. 

Following the synthesis of pure [H4PW18 
O62] 7- (PWls), its derivatives monosub- 
stituted by M (M=Mo VI , V iv , V v , Mn n , 
Fe 111 , Co 11 , Ni 11 Cu 11 , and Zn 11 ) were 
obtained. Their cyclic voltammetry behav- 
iors were studied as a function of pH 
and systematically compared with those of 
their analogs derived from the symmetri- 
cal [P2Wi8C>62] 6 ~ (P2W18). The fingerprint 
observed for a^^WiyM derivatives in 
pH 3 media consisted in the splitting of the 


third W-redox system into two one-electron 
closely spaced waves, in contrast with the 
same system in ai^W^M. This pecu- 
liarity was also obtained for several of the 
present a2-PWi7M in pH 3 medium and 
confirmed that o^-substituted derivatives 
were indeed prepared. The disappearance 
of this peculiar behavior in some other 
derivatives is consistent with smooth vari- 
ations of acid-base properties from one 
derivative to the next. 

Comparison with the electrochemistry 
of [H4AsWi8C>62] 7 ~ with that of the P 
analog reveals only small differences be- 
tween the two plenary species. In contrast, 
a remarkable difference in stability was ob- 
served for the lacunary derivatives. Unlike 
its phosphorus analog, the defect species 
of [H4AsWi8C>62] 7_ was sufficiently sta- 
ble for a few voltammetric runs. For 
the two series, several lines of experi- 
mental evidence converge to indicate that 
the substitution occurs in the 012 posi- 
tion. As a consequence, in the case of 
[H4AsWi8C>62] 7 ^ substituted derivatives, 
the cyclic voltammetry properties of sub- 
stituted compounds could be studied as 
a function of pH and systematically com- 
pared with those of the lacunary precursor 
rather than with those of their analogs 
derived from the symmetrical species 
[As 2 Wi80 62 ] 6 -. 

22 . 6.2 

Recent Achievements in Apparently Direct 
Multiple Electron Transfers on the First 
Waves of POMs 

An issue that is being considered with at- 
tention concerns the possibility to achieve 
multiple electron transfers on the first 
wave of POMs. The aim is twofold: 
(1) save energy by favoring those electro- 
catalytic processes that necessitate several 
electron to be performed; (2) avoid the 



derivatization of the electrode surface. In 
this context and with particular regard 
to the electrochemistry and correlatively 
the use of these POMs in electrocataly- 
sis, three factors were identified recently 
that promote their multielectron transfer 
reactions: first, the pH [2] of the solution 
that also determines the stability domain 
of the POM; second, a “substituent effect” 
was identified in which one or more of the 
skeletal d° (usually W VI or Mo VI ) centers 
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of the POM structure are replaced by other 
d° centers and/or by d-electron contain- 
ing transition metal cations [11, 13-15, 

103, 111, 113, 125]; of particular inter- 
est for the present purpose, it was found 
that accumulation of such substituted 
centers is more favorable for electrocat- 
alytic processes compared to the results 
observed with the corresponding mono- 
substituted derivatives [103, 111]; third, 
the nature of the central heteroatom was 



Scheme 8 Combined polyhedral /ball-and-stick representation of 
[Ni3Na(H20)2(AsW 9 0 34 ) 2 ] 11_ - The AsC^, WC>6, and NiC>6 polyhedra are 
shown in yellow, red, and green, respectively. The sodium atom is shown as a 
blue ball and its terminal water molecule as a red ball (taken from Ref. 106). 
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found to influence the potential locations 
of the first several waves [111b]. A com- 
parison of a series of monosubstituted 
Wells-Dawson tungstodiphosphates and 
tungstodiarsenates revealed that the pres- 
ence of the As heteroatom drives the first 
several voltammetric waves in the positive 
potential direction [111b]. As illustration 
of these lines, several POMs which en- 
gage in multiple electron transfer in the 
potential domain of their first redox wave 
were synthesized and studied. However, 
before going into descriptions of the re- 
sults, it is worth emphasizing both the 
difficulty of the syntheses and the neces- 
sity for these POMs to be stable in the 



media in which they are studied. In the 
following, the selection is restricted to sta- 
ble POMs, even though several others were 
synthesized with larger numbers of metal- 
lic centers. 

22.6.2.1 Electrochemistry of the 
Multi-nickel Polyoxoanions 
[Ni 6 AS3W24094(H 2 0) 2 ] 17 -, 
[Ni 3 Na(H 2 0 ) 2 (AsW 9 034 ) 2 ] 11 -, and 
[Ni4Mn 2 P3W24094(H20)2] 17_ 

The structures of these new POMs are 
sketched in Schs. 8 and 9 [108], 
[Ni 4 Mn2P3W24094(H20) 2 ] 17 “ (Ni 4 Mn 2 
P3W24). Figure 22(a) compares, in a pH 3 
medium, the cyclic voltammograms of 
Ni 4 Mn 2 P 3 W 24 and of the original precur- 
sor used for its synthesis, M3P2W18 [106]. 
In the negative potential domain, only the 
first two redox couples located just before 
proton reduction are represented. The CVs 
of the two complexes are very similar in 
shape, with the pattern for Ni 4 Mn 2 P 3 W 24 
located slightly more negatively in poten- 
tial. This observation might be traced to the 
difference in the overall negative charges of 
the complexes. As a matter of fact, with the 
assumption that all other factors act prac- 
tically in the same way, it is expected that 
Ni4Mn 2 P3W24 with 17 negative charges 
should be more difficult to reduce than 
N13P2W18 with only 12 negative charges 
[4, 54a, b,c]. It must be noted, however, that 
the magnitude of this difference might be 
modulated by acido-basic properties of the 
reduced forms of the complexes. As ob- 
served previously for Ni3P2Wis, these two 
waves are attributed to redox processes of 
W VI centers. In the positive potential do- 
main, only Ni 4 Mn2P;W24 shows a wave 

Scheme 9 Polyhedral representation of 
[N i 6 As 3 W 24 O 94 (H 2 0) 2 ]l 7 ~ . The As0 4 , 

WOg, and NiOg polyhedra are shown in 
yellow, red, and green, respectively 
(taken from Ref. 108). 
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(a) E/V vs. SCE 



(c) E/V vs. SCE 


Fig. 22 (a) Comparison of the cyclic 

voltammograms of 2 10~ 4 M Ni3P2Wig and 
Mri2Ni4P3W24, respectively, at pH 3 (0.2 M 
Na2SC>4 + H2SO4). Scan rate: 10 mV s _1 ; 
working electrode: polished glassy carbon; 
reference electrode: SCE. For further details, see 
text, (b) Comparison of the cyclic 
voltammograms of 2 10~ 4 M Ni3P2\Vi8 and 
Ni3As2Wi8, respectively, at pH 3 (0.2 M 
Na2SC>4 + H2SO4). Scan rate: 10 mV s _1 ; 
working electrode: polished glassy carbon; 
reference electrode: SCE. For further details, see 
text, (c) Comparison of the cyclic 

with a peak located at +1.058 V, featuring 
the oxidation of Mn 11 centers. 

[Ni 6 AS3W24094(H 2 0)2] 17 -(Ni 6 AS3 
W 24 ) and [Ni 3 Na(H 20 ) 2 (AsW 9 034 ) 2 ] 11 “ 
(Ni 3 As 2 Wi 8 ). The CV ofNi3As2Wis is also 
constituted by two reversible waves, which 
are located in a more positive potential 



(b) E/V vs. SCE 



(d) E/V vs. SCE 

voltammograms of 2 10~ 4 MNi3As2W|8 and 
Ni 6 As 3 W 2 4, respectively, at pH 3 (0.2 M 
Na2SC>4 + H2SO4). Scan rate: 10 mV s _1 ; 
working electrode: polished glassy carbon; 
reference electrode: SCE. For further details, see 
text, (d) Comparison of the cyclic 
voltammograms of 2 10~ 4 M NieAs3W24 and 
Mn 2 Ni4P3W24, respectively, at pH 3 (0.2 M 
Na2S04 + H2SO4). Scan rate: 10 mV s _1 ; 
working electrode: polished glassy carbon; 
reference electrode: SCE. For further details, see 
text (taken from Ref. 108). 

domain than that of its P analog N 13 P 2 W 18 
as shown in Fig. 22(b). This observation 
is in agreement with results on other het- 
eropolyanions for which the presence of 
As instead of P as the central heteroatom 
facilitates the reduction process [111b]. 
In analogy to the case of Ni 3 P 2 Wi 8 , the 
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second wave is followed by the reduction 
of protons. Furthermore, controlled poten- 
tial coulometric determination at — 0.730 V 
in a pH 3 medium confirms that four elec- 
trons are consumed per molecule in the 
first wave, as already observed previously 
for the P analog [ 106 ]. In short, the electro- 
chemical and IR characterizations as well 
as elemental analysis converge to confirm 
that Ni3As2Wi8 and N13P2W18 have the 
same structure. 

On the basis of CV it is possible to clearly 
distinguish M6AS3W24 and Ni3As2Wi8 
as shown in Fig. 22 (c). In agreement 
with the difference in charges of the 
two polyanions, the more heavily neg- 
ative one, Ni 6 As 3 W 2 4, is slightly more 


difficult to reduce than Ni3As2Wi8- As 
the two molecules are not expected to 
have the same diffusion coefficient, the 
simple comparison of the peak cur- 
rent intensities of the respective CVs of 
Ni 6 As 3 W 2 4 and Ni3As2Wis cannot be 
used for an accurate determination of 
the number of electrons on the latter 
species. Nevertheless, it can be easily 
concluded that this number of electrons 
is larger for Ni6As3W24- Figure 22 (d) 
compares the CVs of M6AS3W24 and 
NL|.Mn2P3W24 and as expected the com- 
pound with P as the heteroatom is more 
difficult to reduce than its As-analog 
[ 111 b]. These two polyanions are likely to 
have fairly similar diffusion coefficients; 



Scheme 10 Ball and stick (left) and polyhedral (right) representations of 
[Fe6(0H)3(A-Q , -CeW9034(0H)3)2] 11_ (1). The color code is as follows: iron 
(green), tungsten (black), germanium (blue) and oxygen (red) (taken from 
Ref. 107b). 



therefore, their CVs can be compared 
straightforwardly and correspond to the 
same number of electrons, albeit for the 
potential locations. Controlled potential 
coulometry performed at pH 3 on the first 
W-wave of these two compounds indicates 
that these waves correspond to six-electron 
processes for each polyanion. 

22.6.2.2 Electrochemistry of the 
lron(lll)-substituted Keggin Dimer, 
[Fe 6 (OH) 3 (A-a-CeW 9 034 (OH) 3 ) 2 ] 11 - 

The complex FegGeyWis (Sch. 10) was 
found to be stable between pH = 3 and 
pH = 7 [107]. 

Figure 23 shows the cyclic voltammo- 
gram of FegGeyWis obtained at a scan rate 
of 10 mV s _1 , in a pH 3 sulfate medium 
(0.2 M Na 2 SC >4 + H 2 SO 4 ). The pattern is 
restricted to the two waves that feature re- 
spectively the reduction of Fe 3+ centers 
and the first W-wave. In the following text, 
attention is focused on the reduction of 
Fe 3+ centers. Its reduction peak potential 
is observed at E pc = —0.248 V vs. SCE. A 
loose comparison with the corresponding 
£ pc values for free Fe 3+ (£ pc = 0.074 V vs. 
SCE) and [Fe 4 (H 2 0 )io(d-AsW 9 0 33 ) 2 ] 6 “ 
(£ pc = —0.126 V vs. SCE) in the same 
electrolyte [107a], supports the usual ex- 
pectation that the order of peak poten- 
tials should follow the overall negative 
charges of the complexes, under the 


Fig. 23 Cyclic voltammograms in a 
2 10 ~ 4 M solution of Fe 6 Ge 2 Wig 
complex in pH = 3 media; working 
electrode: glassy carbon; reference 
electrode: SCE. pH = 3 sulfate medium 
(0.2 M Na 2 S0 4 + H 2 SO 4 ); 
superposition of the CVs restricted to 
the Fe-wave and to the Fe-wave and the 
first W-redox processes; scan rate: 

10 mV s _1 (taken from Ref. 107b). 
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complementary assumption of otherwise 
identical influences. Whatever the scan 
rate from 1000 mV s _1 down to 2 mV s _1 , 
no splitting of the single Fe-wave of 
Fe 6 Ge 2 Wi 8 was observed. Controlled po- 
tential coulometry with the potential set 
at —0.400 V vs. SCE indicates the con- 
sumption of 6.08 ± 0.05 electrons per 
molecule, thus confirming the simulta- 
neous one-electron reduction of each of 
the six Fe-centers. As a good piece of 
evidence that the tungsten-oxo frame- 
work was not reduced, the electrolysis 
did not give the characteristic blue color. 
Exchange of a relatively high number of 
electrons in polyoxometalate electrochem- 
istry was described previously. In cases 
when such exchanges are associated with 
proton consumption, the buffer capacity 
of the supporting electrolyte might influ- 
ence the shape and potential location of 
the voltammetric waves [86a, b]. This point 
was also studied in the paper. 

22.6.3 

Theoretical Approaches 

22.6.3.1 Electronic Structures of POMs 
Explain their Redox Behaviors and the 
Relative Stability of Reduced Forms 

As a consequence of the high num- 
ber of heavy atoms in POMs in addi- 
tion to the complexity of the problems 
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of interest, attempts at direct theoretical 
rationalization of observations and/or pre- 
diction of behaviors are rather limited. A 
remarkable characteristic, however, is that 
different issues were tackled as directly as 
possible, whatever the available theoretical 
tools at hand at the moment. Even the ear- 
liest theoretical works on polyoxometalates 
using the simple semiempirical extended 
Hiickel approach are devoted to problems 
as complicated as the comparison of the 
catalytic and structural properties of het- 
eropolycompounds [131], or the behaviors 
of polyoxometalates as models of oxide cat- 
alysts [132]. Other achievements include 
the Molecular Orbital Theory treatment of 
the photodimerization of cyclohexene and 
methane by decatungstate anions [133] or 
the oxidative dehydrogenation of methanol 
by metal oxide surfaces [134], Progres- 
sively, more sophisticated ab initio or DFT 
methods are being introduced [135-150]. 
Their ability to tackle problems as diverse 
as the acidity and basicity of polyoxomet- 
alates [142, 143], the localization or delo- 
calization of metal electrons in reduced 
species [140, 141, 144, 147, 150] is receiv- 
ing increasing attention. Among several 
very interesting examples, a recent DFT 
study [150] focuses on the relative stabil- 
ity, upon reduction, of the five isomers of 
[PW 12 O 40 ] 3- . In the oxidized form, the en- 
ergy grows as follows a<p<y<8<s 
and fits the experimental findings. The re- 
duced clusters behave differently as long as 
the p form becomes the most stable isomer 
after the second reduction. The y isomer 
also gains stability upon reduction, but 
not enough to be competitive with ft. For 
the fourfold reduced [PW 12 O 40 ] 3- cluster, 
the energy difference computed between 
P and y in solution is 11 kcal mol -1 . This 
large difference proves that the p -* y 
isomerization is not favored upon simple 
reduction. The other isomers, d and e, are 


much more unstable than a or b in any 
reduction state. 

22.6.3.2 An Extended Hu'ckel Calculations 
Approach to a Qualitative Understanding of 
the Initial Electron Transfer Site in 
Dawson-type POMs 

The nonequivalence of the “cap” and 
“equatorial” atoms in Well-Dawson an- 
ions raises the problem of the initial 
site of electron transfer in such struc- 
tures. In a pioneering work [30f], a 
striking similarity of magnetic and ESR 
properties in [WOX 5 ] 2- complexes and 
Keggin and Dawson one-electron blues 
was pointed out. Comparisons of the 
widths of the spectra and, especially, 
observation of the distinctly longer re- 
laxation times in reduced 2:18 anions 
than in the other anions guide Pope 
et al. to the following statement: “This 
may mean that it is the ‘equatorial’ 
(non-Keggin-like) tungsten atoms which 
are reduced first in 2:18 anions” [30f]. 
Since then, various lines of experimen- 
tal evidence, culled from the results of 
different techniques, converge to support 
the fact that the added electrons should 
first be introduced into the equatorial 
atoms [54a, 65-71, 74-77] Yet, a direct 
theoretical proof was lacking and was 
sought through extended Hiickel calcu- 
lations [78]. 

The nonequivalence of the “cap” ( 0:2 
positions) and the “belt” (a 1 positions) 
metal atoms in P 2 W 18 O 62 6- is reflected by 
the composition of metal-centered vacant 
orbitals (Fig. 24). It is worth noting that 
the lowest unoccupied molecular orbital 
(LUMO) (a'/) is almost entirely developed 
on the ai positions (96%), with equal 
weights on each of the twelve metal atoms. 
With the reasonable assumption that the 
initial electron transfer involves the LUMO 
of the starting species, the shape of 
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Fig. 24 Selected frontier orbitals of the P 2 Wig C> 62 6 heteropolyanion 
(EH calculations). The symmetry and the contributions of the og and a 2 
positions to the six lowest vacant MOs are given (taken from Ref. 78). 


this molecular orbital nicely rationalizes 
the experimental evidence that the added 
electrons should first be introduced into 
the equatorial atoms. Interestingly, the 
composition of the vacant orbitals located 
above the LUMO is very different. For 
instance, in the first set of degenerate MOs, 
of e" symmetry, the orbitals are spread 
out over both the ay (61%) and the o ?2 
(33%) positions in such a way that almost 
equal weights are found for the eighteen 
metal centers (12 and 6 in the a\ and the 
ot 2 positions, respectively). In the second 
set of degenerate MOs (e'), the orbitals 
are mainly located on the positions 
(81% instead of only 12% for the twelve 
positions). Finally, the sixth low-lying 
vacant orbital (a^) is developed on both the 
a\ (44%) and the a 2 (46%) positions. 


The shape and the energies of the metal- 
centered vacant molecular orbitals are 
sensitive to the substitution of W atom(s) 
by more electronegative metal atom(s) 
(Mo for instance). Assuming the geom- 
etry of the substituted P 2 Wi 8 _ x Mo x C> 62 6- 
heteropolyanions is identical to that of 
the unsubstituted species, the electroneg- 
ativity perturbation can be accounted for, 
in the first approximation, by the lower- 
ing of the atomic orbital energies on the 
substituted metal center(s) [151]. Any sub- 
stitution in the a\ (“belt”) position(s) leads 
to a LUMO of lower energy, still developed 
on the a\ positions, but mainly centered 
on the ai-Mo center(s). For instance, with 
a single «i-Mo atom, the LUMO is low- 
ered by 0.08 eV and remains located on 
the “belt” (93%). However, instead of an 
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Fig. 25 E nergy crossing between the lowest unoccupied MOs of the P 2 W 18 O 62 6 
heteropolyanion upon substitution by three molybdenum centers in a “cap” (o ' 2 
positions) (EH calculations) (taken from Ref. 78). 


equal weight of about 8% on each metal 
atom, 45% of the LUMO is now concen- 
trated on the single ai-Mo center. Note 
that such a localization of the LUMO 
upon substitution was also reported by 
Poblet and colleagues for a-Keggin anions 
(DFT orbitals) [148]. The same conclu- 
sions apply for compounds with several 
a\ substituted centers. On the contrary, 
substitution at the «2 position(s) lets this 
a \ -centered vacant orbital unchanged but 
stabilizes the MOs developed on the <*2 
sites. Therefore, a dramatic change in the 
localization of the LUMO can occur with 
respect to the unsubstituted compound, as 
it is illustrated in Fig. 25 for the (1, 2, 3)- 
P 2 Mo 3 Wi 5 0 62 6 ~ complex with three Mo 
centers in one cap. In this compound, a 
set of two degenerate LUMOs of the sym- 
metry (C 3 V ), centered on the three a 2 -Mo 
positions (86%), are now located 0.10 eV 
below the a \ -centered (94%) vacant or- 
bital that has been left unchanged by the 


substitution. Even for a single substitution, 
the LUMO is located at 80% on the 012 - 
Mo center and its energy is 0.06 eV below 
that of the belt-centered vacant orbital. 
In the “mixed” face-substituted complex, 
with four ai-Mo and two a 2 -Mo centers, 
the LUMO remains located on the four 
substituted a\ positions (82%) while the 
vacant MO just above is mainly developed 
on the two substituted «2 positions (77%). 
Finally, in the fully substituted Mois com- 
pound, the situation is identical to that 
found in the starting Wis species, with a 
LUMO entirely developed on the twelve ot\ 
centers. A nice correlation is thus found 
between the localization of the LUMO (ei- 
ther a\- or (^-centered) and the nature of 
the first reduction site in the substituted 
P 2 Wi 8 _ x Mo x 062 6- heteropolyanions de- 
duced from the experimental evidences 
recalled earlier. 

Finally, the HOMO-LUMO energy 
gap depends on the substitution pattern 
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since the HOMO level (oxygen-centered) more electronegative metal centers are 
remains unchanged while the LUMO introduced. It is illustrated in Fig. 26 
level (metal-centered) is lowered when for the P2W18O62 6- heteropolyanion and 



Fig. 26 Energy change of the ten highest occupied (oxygen-centered) 
and the ten lowest unoccupied (metal-centered) MOs in going from 
the P2Wi8 0 62 6 ~ heteropolyanion to its molybdenum analog 
P2 M01 (EH calculations) (taken from Ref. 78 ). 
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its fully substituted analog P 2 MoigC> 62 6- - 
The HOMO energy level is —14.48 eV in 
both complexes but the LUMO energy level 
is lower by 0.31 eV in the Mois species 
(—9.88 instead of —9.57 eV in the tung- 
sten analog). Such a lowering of the LUMO 
level upon substitution can be correlated 
with the easier reduction of the Mo substi- 
tuted species (Table 8). 

In conclusion, it was shown that the 
experimental evidence for an initial elec- 
tron transfer site in an equatorial position 
(ffi) of the unsubstituted Dawson-type 
P 2 W 18 O 62 6- heteropolyanion can be ra- 
tionalized by the “belt”-centered character 
of the LUMO. The change of the reduc- 
tion site (ai -> 0 : 2 ) upon substitution in 
the “cap” region («2 site) by a more elec- 
tronegative metal center (Mo for instance) 
is also consistent with the localization of 
the LUMO on the substituted center(s). 


22.7 

Electrocatalysis 

Possibilities of electrocatalysis of reactions 
at electrodes are among the powerful 
incentives for the electrochemical study of 
POMs. Interesting results were obtained 
both in electrocatalytic reductions and 
oxidations, provided the appropriate form 
of the POM is used. Two recent reviews 
devoted to the electrochemical properties 
of polyoxometalates as electrocatalysts are 
available [8, 9]. The second one focuses 
more specifically on electrocatalysis on 
modified electrodes. In the present text, 
attention will be drawn specially to the 
basic principles that could be considered 
to govern most of solution processes. The 
principles will be illustrated by several 
recent experimental results, even though 
earlier achievements will also be described 
briefly. 


Strictly speaking, electrocatalysis applies 
to the “dependence of the electrode 
reaction rate on the nature of the electrode 
material” [152]. In the following, this term 
will be used in a broader sense and will 
be admitted to include the possibility that 
the catalyst be homogeneously dissolved 
in the electrolyte solution as well as the 
case where the catalyst is attached to the 
electrode surface. A short chapter on the 
electrocatalysis of inorganic chemicals by 
chemically modified electrodes can also be 
found in Vol. 10 of this Encyclopedia [9]. 

22 . 7.1 

Basic Concepts of Homogeneous Catalysis 
of Electrode Reactions 

The first observations of catalytic phenom- 
ena in electrochemistry in the early 1930s 
were followed by attempts at modeliza- 
tion on the example of hydrogen peroxide 
reduction in the 1940s. A general frame- 
work was expressed, in which electron 
exchange occurred in solution between the 
reduced catalyst and the substrate, thus re- 
generating the catalyst and explaining the 
observed catalytic effect. In short, electron 
transfers to or from a molecule must be 
viewed as a succession of elementary elec- 
trochemical and chemical reaction steps. 
Such simplified reaction schemes served 
as the basis for theoretical analysis of 
catalytic phenomena. In molecular elec- 
trochemistry, electrochemical reductions 
can therefore be sketched by the following 
reaction schemes: 

For the catalyst (P) : 

P + le^^Q, E° p q 
For the substrate (A) : 

A + le < » B, E°ab 

B » C 



The catalytic effect is reflected in the 
interaction of Q with A, resulting in the 
regeneration of P. 

Q + A^=±--^=^P + C 

The only thermodynamic condition then 
required for this reaction to be driven from 
left to right is that the standard molar free 
enthalpy of the reaction be negative, that is, 
the following inequality must hold: E° pq < 
E°ac> where E°ac represents the standard 
redox potential of the A/C couple. 

However, this overall scheme might fea- 
ture two types of successive reaction steps. 
The first one considers the possibility of 
solution electron transfers; the second one 
goes through the formation of an adduct. 

The first scheme is simple and reads as 
follows: 

P + lessQ 

t , 

ki 

Q + AifP + B 
k 2 

k 

B — > C 

It is worth reminding that the direct 
reduction of the substrate is realized 
according to the following pathways: 

A + le < » B. E° ab 

B » C 

The catalyst constitutes an electron 
shuttle between the electrode and the 
solution, where it is engaged in a direct 
redox electron transfer with the substrate. 
This type of catalysis is termed redox 
catalysis. 
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The second reaction scheme reads: 

— *- P + 1e^Q 

I 

a + q^aq 
I 

AQ -> P + B 

AQ + 1 e -> B + Q 
B -> C 

In this case, the reduced form of the 
catalyst builds up with the substrate 
a relatively unstable adduct AQ, which 
then decomposes, eventually after further 
reduction at the electrode surface or in 
solution. Finally, either the oxidized form 
P of the catalyst or its reduced form Q is 
regenerated. As regards the substrate, its 
reduction follows the aforementioned E.C. 
(Electrochemical Chemical) mechanism. 

This type of catalysis is termed chemical 
catalysis. Finally, it must be pointed out 
that the clear-cut distinction between redox 
catalysis and chemical catalysis might 
be difficult, but amounts ultimately to a 
detailed study of the nature of the redox 
reaction. 

22 . 7.2 

Selected Electrocatalysis in Homogeneous 
Solution 

In principle, the choice of a specific 
electrochemical technique is not crucial 
in the study of electrocatalytic processes. 
However, from a practical and qualitative 
point of view, cyclic voltammetry is, in 
most cases, suited for a rapid assessment 
of an electrocatalytic process triggered 
by POMs. The interest stems from the 
following general behavior: most POMs 
undergo a series of reversible one- and 
two-electron reductions and these reduced 
forms act usually as the active species, 
inducing an increase of the corresponding 
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cathodic current and a concomitant loss of 
its reversibility. 

22.7.2.1 Electrocatalytic Reductions 

Table 13 gathers the main electrocatalytic 
processes triggered by POMs dissolved in 
solution. The electrocatalytic reductions of 
dioxygen, hydrogen peroxide and of several 
NO x including nitrite, nitric oxide, and 
nitrate are selected for a more detailed 
description. 

Electrocatalysis of the reduction of 
HNO 2 and NO was demonstrated in 
the late 1980s independently by Anson 
etal. [153d] and by Keita et al. [157, 
158]. Since then, this reaction has been 
selected and is being used worldwide 
as a classical test of the electrocatalytic 
properties of the POMs. Consideration 
of [Fe(H 2 0 )SiWii 0 3 9 ] 6 “ (SiW n Fe for 


short), one of the electrocatalysts proposed 
by Anson [153d], is particularly enlight- 
ening: a Fe-nitrosyl complex is formed 
upon reduction of the Fe center and the 
actual catalytic process to obtain ammo- 
niac occurs at more negative potentials 
where the necessary number of charges 
is accumulated and delivered by the W- 
framework. The overall mechanism up to 
the Fe-nitrosyl formation involves the fol- 
lowing steps [153d]: 

2a - XWii 039 Fe nl (H 2 0 )"“ + 2e“ 

± > 2 a - XWii 0 3 9 Fe n (H 2 0 ) ( " +1) “ 

2 a - XWii0 39 Fe n (H 2 0) ( " +1)_ 

+ N0 2 “ + 2H+ ± > 2 a - XWn0 39 

x Fe n (NO) ( " +1)_ 

+ 2 a- XW 1 i0 39 Fe III (H 2 0)' ! “ + H 2 Q 


Tab. 13 Electrocatalytic reductions by homogeneously dissolved heteropolyanions 


Catalyst 


Reduction 

condition 

References 

SiWi 2 O 40 4 “ 


h.e.r. 

Nitrite reduction 

0 2 reduction 

Acidic solution 

Buffer 

Triflate buffer (pH 2) 

33b, c 

153a 

154 

SiMo 12 O 40 4 


Chlorate reduction 

Nitrite reduction 

50% (v/v) 

dioxane-water 
(0.5 M H 2 S0 4 ) 

153b 

155 

PMoi 2 0 4 o 3 ~ 


Chlorate reduction 

50% (v/v) 

dioxane-water 
(0.5 M H 2 S0 4 ) 

153b 

P2W 18 0 62 6 “ 


Nitrite reduction 

Buffer 

153c 

XW 11 0 3 9 Fe lll (H 2 0 ) n - (X = 

P, 

Nitrite reduction 

Buffer 

156 

As, Si, Ge) 

SiW 11 0 3 9 Fe m (H 2 0 ) 5 - 


H 2 0 2 reduction 

Buffer 

94b 

P 2 W 17 0 61 Fe"'(H 2 0) 8 “ 


H 2 0 2 reduction 
Nitrite reduction 

Sulfate buffer (pH 3) 
Acetate buffer (pH 5) 

94b 

PW 11 0 39 Ru iii (H 2 0) 4 - 


DMSO reduction 
h.e.r. 

Sulfate buffer (pH 2) 

85 

K 1 7[Ln(As 2 W 17 0 6 i) 2 ] (Ln = 
Pr, Sm, 

La, 

Nitrite reduction 

Acetate buffer 
(pH 5.5) 

1 53e 

Eu, Gd, Dy, Tm) 

Nd(SiMo 7 W 4 0 39 ) 2 13 ~ 


Bromate reduction 

Buffer 

1 53f 




X = Si, Ge, n = 5; X = P, As, n = 4 

Nitrous acid was shown to be the reactive 
intermediate depending on the pH domain 
explored. As a matter of fact, the following 
sequence is known: HNO2 < > H + + 

N0 2 “ pA' a = 3.3 at 18 °C and HN0 2 
disproportionates in fairly acidic solution: 

3HN0 2 ± > HNO3 + 2NO + H 2 0. The 

rate of this reaction is known to be low. 

However, a loss in selectivity and a 
low yield ensue [153d] from electrode 
derivatization [28]. Recently, to avoid the 
shortcomings encountered with SiWnFe, 
several alternative POMs were proposed 
[8, 10, 157-159]. Among all of these 
potentially acceptable candidates, N 2 0 
was obtained with a quantitative yield of 
100% with molybdic and molybdo-tungstic 
POMs [10]. A supramolecular compound 
like [P8W48O184] 40- , with only W-centers, 
can also be used to reduce NO efficiently 
without derivatization of the electrode 
surface [86b]. Finally, mixed addenda 
POMs and also sandwich-type complexes 
have the advantage of accumulating metal 
centers known for their catalytic behaviors 
in the reduction of NO x , or alternatively in 
the reductions of dioxygen and hydrogen 
peroxide; in cases they are electroactive 
within the POM, they permit generally a 
substantial positive shift of the potential 
because these metal centers are easier 
to reduce than the W-centers of the 
polytungstic framework [1, 103, 115]. 
Specifically, Cu, Ni, and Fe-centers were 
the most efficient among metal ion 
substituents. In addition, their efficiency 
was enhanced by the presence of Mo atoms 
[159, 160], A cooperative effect was also 
noted between Mn- and Fe-centers as will 
be shown in the following text. 

The electrocatalytic reduction of nitrate 
by reduced POMs was demonstrated for 
the first time [160a]. Following general 
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conclusions emerge from recent achieve- 
ments in NO x reductions. In pH < 4 
media, most POMs are active for the 
reduction of nitrite (which is actually 
a mixture of HN0 2 and NO). In con- 
trast, for pH > 4 media where nitrite 
itself is the main species in solution, few 
examples of electrocatalysis exist and Cu- 
substituted POMs are the most efficient. 

For the reduction of nitrate, Cu- and Ni- 
containing POMs show a good efficiency. 

In addition, Ni4Mn 2 P3W 2 4, NigAs3W 2 4, 
and Fe6Ge 2 Wi8With their six-electron first 
waves proved remarkably efficient in the 
electrocatalytic reduction of nitrate. These 
observations are taken into account for the 
selection of following examples. 

22 . 7 . 2 . 1 .1 Electrocatalytic reduction of 
nitrite and nitrate 

Studies with [(Cu ll (H20))2Cu M 2(X 2 Wi5 
C>56)2] 16- (abbreviated in the following as 
CU4X4W30 with X = P or As) This exam- 
ple is selected to compare nitrate reduction 
with the more classical nitrite reduction 
[115]. Correlatively, the study of the pos- 
sible intermediate or final product in this 
reaction, namely nitrite, was also to be con- 
sidered. All the experiments were carried 
out at pH = 5. 

The oxidized forms of these two 
sandwich-type POMs are stable from pH 3 
to at least pH 7. Their characterization by 
cyclic voltammetry revealed the stepwise 
reduction of the Cu 2+ centers within the 
POMs, before Cu° deposition on the glassy 
carbon electrode surface [115]. Phenomena 
are described mainly for the P-derivative 
and are the same for the As-analog. 

The cyclic voltammograms in Fig. 27 
sketch the main observations with CU 4 P 4 
W 30 as a catalyst; they were run at the same 
scan rate as a function of the excess pa- 
rameter y (y = C° N o 3 - /C°pom)- Starting 
from y = 0, it is seen that addition of even 
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Fig. 27 Electrocatalysis of NOx reduction in the presence of 2 10 ~ 4 M 
CU 4 P 4 W 30 in a pH 5 medium. The scan rate was 2 mV s* 1 , the working 
electrode was glassy carbon and the reference electrode was SCE. (a) Nitrate 
(b) nitrite. For more detailed information, see text (taken from Ref. 115). 


a small amount of nitrate to the solution 
induces a large cathodic current increase 
just negative of the peak potential loca- 
tion of the first W-wave. Concomitantly, 
the reversibility of the second W-wave is 
suppressed even for small y values. These 
observations indicate an efficient reduc- 
tion of nitrate anions by reduced species of 
CU4P4W30. The catalytic efficiencies CAT 
(defined as CAT = lOOx [I ( pom+no3-)“ 

I(TOM)]/lfpoM) w here I (POM+N03-) repre- 
sents the reduction peak current observed 
for the POM in the presence of nitrate 
and I d (poM) is the corresponding reduc- 
tion peak current for the POM alone) varies 
from 194 to 580% when y increases from 
y = 10 toy = 30. The corresponding CAT 
values for CU 4 AS 4 W 30 are 203 and 607% 
for y = 10 and y = 30 respectively. It is 
likely from these values that the nature 
of the central heteroatom (P or As) does 
not influence significantly the catalytic pro- 
cess. It is worth pointing out that no direct 
reduction of nitrate anions on glassy car- 
bon electrode is observed in the potential 
domain explored here in the absence of 
heteropolyanion [160a]. 

In addition to these experiments, 
we have checked that the probable 


intermediates in the reduction of nitrate, 
namely NO and NO 2 - , are also efficiently 
reduced by the reduced CU 4 X 4 W 30 at a less 
negative potential than necessary for ni- 
trate itself. As an example. Fig. 27(b) shows 
the reduction of NO 2 - by CU 4 P 4 W 30 . 
It comes out that Cu 2+ retain its cat- 
alytic properties upon complexation with 
an heteropolyanion, accompanied by sup- 
plementary advantages; these advantages 
include the possibility to accumulate Cu 2+ 
active centers and also the possibility to 
fabricate highly reduced species with the 
electrons accumulated in the reduced W- 
framework of the heteropoly anion. 

As a whole, it was found that the 
electrocatalytic reduction of nitrate, nitrite, 
and nitric oxide proceeds efficiently from 
pH 3 to 7. 

Cooperative effect of Mn- and Fe-centers 
within Mn2Fe2P4W3o in the electrocatalytic 
reduction of nitrite In the preceding 
sections, it was well established that 
Fe(III)-substituted POMs catalyze the re- 
duction of NO and/or N02 - [1]. The 
first step in this process is the for- 
mation of a complex with the Fe(II) 
form of the POM and nitrogen oxide. 
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The actual catalytic step takes place with 
remarkable enhancement of the current 
intensity, and it occurs at more nega- 
tive potentials in the reduction domain, 
where the W(VI) centers accumulate a 
suitable number of electrons within the 
complex framework for subsequent de- 
livery. With the goal of saving energy 
by moving the electron reservoir closer 
to the Fe(III)-reduction potential, sev- 
eral Wells- Dawson-type monosubstituted 
derivatives were previously synthesized, 
including «i-(FeOH 2 ) P 2 W 17 O 61 7- and 
Q' 2 -(FeOH 2 )P 2 Mo 2 Wi 5 0 6 i 7 - in which the 
Fe- and W-waves or Fe- and Mo-waves 
merge in appropriate pFF media [14, 159]. 
This strategy turns out to be favorable, and 
the entire catalytic process shows up at the 
reduction potential of the Fe(III) center, 
which is now observed concomitantly with 
the Mo(VI) or W(VI) reduction waves. The 
same phenomenon is observed here. 

These results are illustrated briefly 
with Fe2Mn2P4 in Fig. 28, with NaNC >2 
as the starting substrate. An important 
current intensity increase is observed with 
increasing y values (y is the excess 
parameter defined as y = C° (NO x )/C° 
(POM)) at the reduction potential of 
the Fe(III) centers in a pH 1 solution 
in which a mixture of HNO 2 and NO 
must be considered. In this potential 


Fig. 28 Cyclic voltammetry study of the 
electrocatalytic reduction of nitrite with 
a 2 10~ 4 M solution of Fe2Mn2P4 in a 
pH = 1 medium (0.5 M 
Na 2 SC >4 + H 2 SO 4 ). The scan rate was 
2 mV s -1 , the working electrode was 
glassy carbon, and the reference 
electrode was SCE (taken from Ref. 1). 


domain, no reduction is observed for 
NO or HNO 2 present in the solution. 
Figure 28 shows unambiguously that the 
catalytic process begins simultaneously 
with the reduction of the Fe(III) centers. 
Furthermore, it is worth noting the high 
efficiency of the electrocatalysis, even 
though modest y values were used. Finally, 
in the timescale of cyclic voltammetry, 
Fe2P4 shows the same phenomenon as 
Fe2Mn2P4 concerning the electrocatalytic 
reduction of NO and N02 - . However, 
the latter complex might be a better 
choice for this catalytic process due to the 
improved stability of its Fe(II) forms [109]. 
Under the same experimental conditions, 
Fe2Mn2As4 also shows good catalytic 
efficiency for the reduction of nitrite. In 
addition, its activity at 0 V is 25% higher 
than that of Fe2Mn2P4 due to the slight 
positive potential shift of the Fe(III) waves 
in the former complex compared with the 
latter due to the different heteroatoms (i.e. 
As vs. P). 

However, in a pH = 5 medium, the cat- 
alytic process (obtained with NaNC >2 as the 
starting substrate) is no longer observed 
in the iron reduction-potential domain, 
but is relegated to the reduction potential 
of the first W-wave. This observation is 
in full agreement with the expected ab- 
sence of NO and HNO 2 in this medium. 
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In contrast, experiments with pure NO 
[10, 155] at pH = 5 show that the cat- 
alytic process starts directly in the iron 
reduction-potential domain. We have also 
checked the catalytic reduction of NO at 
pH = 1. All these results converge to des- 
ignate NO as the species electrocatalytically 
reduced by the present complexes through- 
out the pH domain evaluated. 

Evaluation of the behaviors of Ni3P 2 Wi8, 
Ni 4 Mn 2 P 3 W 24 , Ni 6 As 3 W 2 4,and Fe 6 Ge 2 W 18 
in the electrocatalytic reduction of nitrate 
and nitrite A few general conclusions 
can be drawn from literature results be- 
fore going into specific details [107b, 113]. 
These POMs, specifically those exhibiting 
six-electron first waves, constitute unique 
examples of multielectron catalysts active 
in the electrocatalytic reduction of nitrate 
without derivatization of the electrode sur- 
face. In addition, highly reduced products 
were obtained, because nitrite is reduced 
at a less negative potential than nitrate 
whatever the pH from acidic to neutral me- 
dia. With the examples of Ni 4 Mn 2 P 3 W 2 4 
and Ni 8 As 3 W 2 4 , it was demonstrated that 
the availability of large number of elec- 
trons is not a sufficient condition for an 
efficient catalysis of nitrate reduction. As 
a matter of fact, the crown POM PgW 48 
does not perform such a catalysis, de- 
spite the eight electrons available in its 
first reduction step. Finally, Fe-centers 
within POMs are usually poor catalysts 
for the reduction of nitrate. Therefore, 
it is remarkable that they turned out to 
be efficient in the particular structure of 
Fe6Ge 2 Wi8- 

Coming to details, cyclic voltamme- 
try was used to evaluate the activity of 
Ni 3 P 2 Wi 8 and Mn 2 Ni 4 PsW 2 4 in the elec- 
trocatalytic reduction of nitrate. The choice 
of the substrate is tricky, as nitrate is 
difficult to reduce. Other few examples 


where POMs have proven to be useful 
in this system have been described re- 
cently [13, 103, 160]. For this purpose, 
the excess parameter is an operational pa- 
rameter defined as y = C°no 3 - /C°pom- 
The electrocatalysis is characterized by 
the catalytic efficiency CAT, defined 
as follows: CAT = 100 x [I(pom+no 3 -) — 
I d (POM)]/I d (POM) where I(pom+no 3-) is the 
peak current for reduction of the het- 
eropolyanion (POM) in the presence of 
N0 3 “ and I d (HPA) is the corresponding 
diffusion peak current for the HPA alone. 
CAT values are sufficient to compare the 
efficiencies for a given electrocatalytic pro- 
cess either for one compound as a function 
of pH or for two compounds at the same 
experimental conditions. However, it must 
be recognized that a more detailed com- 
parison would necessitate determination 
of the nature and yields of the final prod- 
ucts, which was considered beyond the 
scope of this work. As a first example, CAT 
values were measured in the presence of 
Ni 3 P 2 Wi 8 forthe electrocatalytic reduction 
of nitrate in a pH 2 sulfate medium. CAT 
was measured at —0.840 V and varies from 
2098 to 2733 for y = 500 and y = 1000 
respectively. These values indicate an ef- 
ficient electrocatalysis of the reduction of 
nitrate by N 4 P 2 Wi 8 at pH 2. Furthermore, 
several tests with N0 2 “ and/or with NO 
under the aforementioned conditions con- 
firm that these species are easily reduced 
electrocatalytically at substantially less neg- 
ative potentials than nitrate [10]. Insofar as 
nitrite and NO are known to appear as in- 
termediates in the reduction of nitrate on 
various metals, the present results would 
suggest that highly reduced species should 
be obtained in the electrocatalytic reduc- 
tion of nitrate in the presence of Ni 3 P 2 Wi 8 . 
Also, the number of accumulated elec- 
trons in the polyoxoanion framework at 
the potential where the transformation of 
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nitrate takes place is large enough for a 
complete reduction, which constitutes a 
complementary circumstance supporting 
the preceding assumption. 

The media of pH 3 and 5, respectively, 
were selected to compare the efficiencies of 
Ni 3 P 2 W 18 and Mn 2 Ni 4 PjW 24 in the elec- 
trocatalytic reduction of nitrate, because 
the latter complex is not very stable at 
pH 2. Whatever the pH, MnfNhP jW^ 
was found to be the more efficient of 
the two complexes: its CAT values were 
four and seven times larger, at pH 3 and 
5 respectively, than those measured for 
Ni 3 P 2 Wi8 under the same conditions. 

The results for these two complexes were 
compared with the efficiencies obtained 
with Ni 4 P 2 Wi8 and NiPWn([Ni(OH 2 ) 
PW n 0 39 ] 5 -) in the pH 5 medium where 
all these complexes are stable. The efficien- 
cies for Ni 3 P 2 Wi8 and Ni 4 P 2 Wis turned 
out to be comparable. In contrast, NiPWn 
shows a negligibly small activity toward 
the electrocatalytic reduction of nitrate in 
this medium. 

Finally, comparisons of the efficien- 
cies of several Ni-substituted tungstophos- 
phates vis-a-vis the catalytic electroreduc- 
tion of nitrate suggest that an increase 
of the Ni centers incorporated in stable 
sandwich-type polyoxoanions has a very 
beneficial effect. 

The electrocatalytic behavior of Fe6Ge 
2W18 toward the reduction of nitrite 


Fig. 29 Cyclic voltammograms in a 
2 10~ 4 M solution of Fe6Ge 2 Wis 
complex in pH = 3 acetate medium 
(0.4M CH 3 COONa + CICH 2 COOH); 
superposition of the CVs run in the 
presence of6 10~ 3 M of nitrite and of 
2 1CU 1 M of nitrate; scan rate: 2 mV s _1 
(taken from Ref. 107b). 


and nitrate was tested at pH = 3. In the 
absence of either of the two NO.r, the 
voltammetric pattern is that of Fig. 29. 
Upon addition of even modest amounts 
of nitrite, a large cathodic current en- 
hancement was observed, starting in a 
potential domain positive to the Fe-wave. 
This observation must be linked with the 
beneficial accumulation of electrons in the 
POM framework. It was checked that NO 
is also electrocatalytically reduced in the 
same potential domain. Concerning ni- 
trate, it is worth reminding that a compar- 
ative study of several metal ion-substituted 
heteropolyanions including and a 2 - 
P 2 Wi 7 M and a 2 -P 2 WisMo 2 M where 
M=V IV , Mn 11 , Fe m , Co 11 , Ni n Cu n , Zn 11 
and =>• (where =>■ indicates the absence 
of M) most heteropolyanions, except those 
substituted by Cu or Ni do not show 
any important electrocatalytic ability to- 
ward its reduction [160a]. Specifically, 
Fe m -substituted heteropolyanions are not 
efficient in the electrocatalytic reduction 
of nitrate [160a]. Such observation com- 
plies with literature where Epstein et al. 
had shown that efficient oxidation of 
Fe 11 by nitrate necessitates a catalyst 
[160b]. In contrast, the electrocatalytic 
reduction of nitrate was observed here 
when the first W-reduction processes were 
reached. Furthermore, the potential do- 
main where this electrocatalysis was ob- 
tained is comparable with those of the best 
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HPA-based electrocatalysts [113]. Owing 
to the slightly positive location of the W- 
wave of Fe 6 Ge 2 Wi 8 relative, for example, 
to that of [Ni 4 Mn 2 P3W24094] 17 - [113] the 
electrocatalytic reduction of nitrate at pH 3 
begins roughly 100 mV positive in the case 
of the former complex. Comparison of 
the nitrite and nitrate electrocatalysis pat- 
terns is enlightening: insofar as nitrite and 
NO are known to appear as intermedi- 
ates in the reduction of nitrate on various 
metals, the potential locations of the corre- 
sponding waves would suggest that highly 
reduced species should be obtained in 
the electrocatalytic reduction of nitrate 
in the presence of Fe 6 Ge 2 Wi 8 - Provision- 
ally, the remarkable activity of Fe 6 Ge 2 Wi 8 
in the electrocatalytic reduction of nitrate 
is worth emphasizing as it constitutes the 
first example, to our knowledge, in which 
such an efficiency is demonstrated for a 
Fe-containing POM. Finally and in agree- 
ment with expectations, it was noted that 
Fe 6 Ge 2 Wi 8 catalyses also the electroreduc- 
tions of dioxygen and hydrogen peroxide. 

22.7.2.1.2 Electrocatalytic Reduction of 
Dioxygen and Hydrogen Peroxide These 
two processes must be emphasized be- 
cause reduction of dioxygen, and even- 
tually hydrogen peroxide, features the 
usually claimed pathway for reoxidation 
of reduced POMs after the participation of 
the latter in oxidation processes. As a con- 
sequence, electrocatalysis of dioxygen and 
hydrogen peroxide reduction is a valuable 
catalytic test with most new POMs [154, 
156, 161], 

In aqueous solution, the catalytic 
reduction of hydrogen peroxide was 
observed on the wave corresponding 
to the reduction of Fe(III) to Fe(II) 
within Q!-[Fe( 0 H 2 )SiWii 039 ] 5 ~ and a- 
[Fe(0H2)P2Wi 7 0 6 i] 8 - [156], The rate con- 
stants for the process triggered by the 


Fe(II) forms were evaluated at 9 x 10 2 
and 1.16 x 10 4 M -1 s -1 for the two com- 
plexes respectively. The mechanism in- 
volves complicated competing reactions 
including Fe(II), Fe(III), Fe(IV), and Fe(V) 
complexes, species that are usually invoked 
in metalloporphyrin chemistry. 

Two examples are selected to describe 
and discuss the electrocatalytic reduction 
of dioxygen, the first one with a TMSP 
[161] and the second one with a sandwich- 
type complex [162]. The discussion reflects 
the questions encountered also with usual 
plenary POMs. 

Electrocatalytic reduction of dioxygen in 
the presence of a2-P2WisM02Cu The 

main features of the dioxygen electro- 
catalytic reduction in the presence of 
a 2 -P 2 Wi 5 Mo 2 Cu, in a pH = 3 medium, 
are illustrated in Fig. 30(b) by a selection 
of cyclic voltammograms. The direct re- 
duction of dioxygen on the glassy carbon 
surface is observed at a fairly negative 
potential. In contrast, its electrocatalysis 
occurs readily in the potential domain 
that was demonstrated previously to cor- 
respond mainly to the reduction of Mo 
centers. It is worth emphasizing that the 
voltammetric pattern indicates no obvi- 
ous deposition of copper in this domain. 
Qualitatively, the efficiency of the catal- 
ysis is already revealed even for an ex- 
cess parameter (y = C°o 2 /C°pom) as low 
as y = 2. The catalytic efficiency CAT 
is a useful parameter and is defined 
as follows: CAT =100 x [I(pom+o 2 ) — 
I d (POM)]/I d (POM) where I(pom+o 2 ) is the 
peak current for reduction of the het- 
eropolyanion (POM) in the presence of 
0 2 and I d (POM) is the corresponding dif- 
fusion peak current for the HPA alone. 
For y = 10, CAT calculated at —0.060V is 
2.5 times larger than for y = 2. Whatever 
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Fig. 30 Cyclic voltammograms (scan rate: 2 mV s -1 ) observed in 0.2 M 
Na 2 SC >4 + H 2 SO 4 (pH 3); the working electrode was glassy carbon and the reference 
electrode was SCE. (a) 10 ~ 4 M o^^WisMcuCu. The choice of the reversal potentials 
help to distinguish the various steps, (b) dioxygen alone and 1 0~ 4 M 
(X 2 -P 2 W 15 M 02 CU in the presence of different concentrations of dioxygen. For further 
details, see text (taken from Ref. 161). 


the value of y, the polarogram shape 
of the cyclic voltammogram at low scan 
rates must be noted. Also worthy of no- 
tice is the observation that the plateau 
current for these polarograms at fixed 
y value does not depend on the scan 


rate. These details facilitate the evalua- 
tion of the overall rate constant of the 
catalytic process [163] which is found to 
be: k = 2.110 3 M -1 s _1 . After completion 
of the dioxygen reduction experiments, the 
initial voltammogram under argon was 
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routinely restored by bubbling the inert 
gas through the solution. This result is an 
indication that no irreversible complex was 
formed between dioxygen and the oxidized 
POM. At slow scan rate, the electrocatalytic 
activity is also observed on the other waves 
beyond the first one. A correct compari- 
son with the activity of a solution of pure 
copper sulfate is plagued or, at least, made 
difficult by several parameters: the differ- 
ence in diffusion coefficient between the 
POM and Cu 2+ ; some deposition of copper 
modifying the electrode surface area; the 
potential at which the catalysis begins, and 
so on. Nonetheless, even ignoring these 
shortcomings, the catalytic efficiency of 
the POM was found to remain better than 
that of Cu 2+ alone. A remarkable example 
of additivity and/or cooperativity of the in- 
fluences of Mo and Cu centers was found 
in this study. 

The closeness of the reduction poten- 
tials of Mo and Cu centers within the 
molecule of a'2-P2W|-,Mo2Cu at most pH 
values, where the catalysis occurs, raises 
the question of the actual role of each 
particular atom in the electrocatalytic re- 
duction of dioxygen. Various parameters 
of the system were studied to clarify the 
situation. The lacunary heteropolyanion 
U2-P2W15M02 develops no dioxygen re- 
duction catalysis in the potential domain 
of reduction of Mo moieties, even though 
the Mo centers are reduced at the same 
potential in both the lacunary and the Cu- 
substituted complexes. Indeed, a catalytic 
effect is seen to start at the substantially 
more negative potential corresponding to 
the first reduction wave of W-centers. Pro- 
visionally, it is worth noting that such 
catalysis of the dioxygen reduction on the 
W waves is encountered in most of the 
heteropolyanions studied to-date. Keeping 
specifically with the Mo atom, it was found 
also that the first wave of a2-P2WisMo3 


does not show any catalytic activity toward 
dioxygen, even though sufficiently ener- 
getic electrons are available. It must be con- 
cluded, at the very least, that the Mo centers 
alone within 0f2-P2Wi5Mo2Cu are not the 
loci of the observed catalysis process. 

«2-P2Wi 7 Cu was selected to test and 
compare the catalytic ability of an- 
other closely related Cu-containing het- 
eropolyanion in the dioxygen electrocat- 
alytic reduction. Its electrochemistry at 
pH 3 was studied previously [ 90 ]. Its 
first wave was observed at a more neg- 
ative potential than the Mo wave of 
a2-P2Wi5Mo2Cu. Copper deposition dur- 
ing the first reduction wave of 0:2 -P2 W17G1 
was revealed by the characteristic strip- 
ping oxidation wave on potential reversal 
[ 90 ]. In this compound, the first W-wave 
was shown to overlap partly with the cop- 
per wave. Spectroelectrochemistry studies 
indicated, however, that the two-electron 
reduction of Cu 2+ is complete before any 
significant reduction of W moieties. 

In this work, the electrocatalytic dioxy- 
gen reduction by reduced a2-P2Wi7Cu 
is indeed observed. In contrast with the 
case ofa 2 -P2Wi 5 Mo 2 Cu, the catalytic wave 
current intensity depends on the scan 
rate. The characteristic stripping oxida- 
tion wave of the copper deposited during 
the cathodic processes diminishes dras- 
tically upon increase of the y values. 
All these observations together point to 
a prominent role of the copper center 
within a2-P2Wi7Cu in the catalytic reduc- 
tion of dioxygen, albeit at a substantially 
more negative potential than observed with 
a 2 -P2Wi5Mo 2 Cu. 

Figure 31 compares the currents 
of the catalytic waves obtained 
in identical experimental conditions 
with (X2-P2W15M02CU and a2-P2Wi7Cu 
respectively. The electrocatalytic process 
is less favorable with the latter complex. 
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Fig. 31 Cyclic voltammograms (scan rate: 2 mV s" 1 ) observed in 0.2 M 
Na 2 S 04 + H 2 SO 4 (pH 3); the working electrode was glassy carbon and the 
reference electrode was SCE. Comparison of the behaviors of 10 ~ 4 M a 2 -P 2 Wi 7 Cu 
and 10~ 4 M o^^WisMc^Cu in the presence of dioxygen. For further details, see 
text (taken from Ref. 161). 

in which the catalysis can be admitted to Recently a clarification by Duncan and 
be triggered essentially by the Cu center. Hill [165] established clearly that simple 
In other words, no synergism could be outer sphere electron transfer might be 
observed between the Wand Cu influences the actual pathway in the case of unsub- 
in the explored potential domain. In stituted POMs; in the case of vanadium- 
contrast, this result, associated with the substituted derivatives, the conclusion 
lack of “intrinsic” activity of Mo centers, was less clear-cut. The present results 
highlights the cooperativity between Mo should be considered in the framework of 
and Cu centers within a 2 -P 2 Wi 5 Mo 2 Cu in metal ion-substituted complexes. In other 
the electrocatalytic dioxygen reduction. words, the reasoning parallels those used 
The question arises as to the actual in the dioxygen electroreduction by copper- 
sequence of events that end up in the containing organometallic complexes. In 
reduction of dioxygen into water. Even these examples, “Cu(I)— O 2 ” constitutes 
though complementary investigation is the favorite intermediate [166]. Here, the 
needed before a complete answer could be proximity of the reduction potentials of Mo 
proposed, several observations are worth and Cu 2+ centers within a! 2 -P 2 Wi 5 Mo 2 Cu 
mentioning provisionally. The reoxidation at appropriately selected pH values sug- 
of reduced heteropolyanions by dioxygen gests strongly that such a mechanism 
after the catalytic processes in which could be operative. Furthermore, the ef- 
they participate is a popular practice. Its ficiency of the catalysis would indicate that 
mechanism was generally and indistinctly the reduction potential of the adduct is 
explained to go through an intermediate very close to or even more positive than 
adduct formation accompanied by inner that of Mo centers. Tentatively, mixed ac- 
sphere electron transfers [164]. ceptor orbitals containing both Mo and 
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Cu contributions can be suggested to 
exist. 

Finally, the possibility that a specificity 
of the Mo/Cu association exists to favor 
the observed cooperativity should be con- 
sidered. Even though the present work is 
performed in homogeneous conditions, a 
parallel was, tentatively, made with the 
case of catalytic solid electrodes prepared 
for the reduction of dioxygen into water: 
specifically, (Rui_ x Mo x ) y SeO z layers con- 
taining very small amounts of Mo realize 
the four-electron reduction of dioxygen in 
acidic media [167]. The presence of Mo was 
demonstrated to be required to favor the 
catalytic process. The mechanistic assump- 
tion that guided to the synthesis and study 
of such layers is that oxygen is adsorbed 
by Mo due to its higher interaction energy 
among the surface atoms, but the elec- 
trocatalysis must occur at the ruthenium. 
Such cooperativity can be considered as a 
successful operational hypothesis. 

Reduction of dioxygen and hydrogen per- 
oxide by CU4X4W30 (X = P or As) Direct 


dioxygen reduction occurs at fairly nega- 
tive potential on glassy carbon electrode 
[115]. In the presence of the sandwich-type 
complexes of this work, this reduction is 
observed readily on the first Cu 2+ reduc- 
tion wave as shown in Fig. 32. For y = 10, 
the catalytic efficiency, CAT, reaches values 
as high as 615 and 722% for CU 4 P 4 W 30 and 
CU 4 AS 4 W 30 respectively. The small differ- 
ence between the two CAT values result 
from the fact that Cu 2+ is slightly more eas- 
ily reduced in the As-containing complex. 
Analogous results were obtained recently 
with Mn-sandwich complexes [110]. 

The possible final products are hy- 
drogen peroxide and water. Electrolyses 
were performed at the peak potential lo- 
cation Epd of the first Cu 2+ reduction 
wave to try and determine the identity 
of the final product. In each experiment, 
enough charge was passed through the 
solution to generate 13 mM to 27 mM 
H 2 O 2 if this substance were the final 
product. At the end of each electroly- 
sis, the amount of generated H 2 O 2 was 
tested by the spectrophotometry, using 



Fig. 32 Electrocatalysis of O 2 and H 2 O 2 reductions in the 
presence of 10 -4 M CU 4 P 4 W 30 in a pH 5 medium. The scan 
rate was 2 mV s -1 , the working electrode was glassy carbon 
and the reference electrode was SCE. For more detailed 
information see text (taken from Ref. 115). 




the sensitive Ti(SC>4)2 as reagent [168], 
In all batches, only traces of H2O2 were 
detected. This observation indicates that 
the final product of the reduction of dioxy- 
gen by the present sandwich complexes 
is essentially water. The intermediacy of 
H2O2 can be suspected, as traces of this 
substance are detected. However, Fig. 32 
confirms that H2O2 is also efficiently 
reduced in the presence of CU 4 P 4 W 30 , 
for example. Finally, it must be con- 
cluded that the electrocatalytic reduction of 
dioxygen features an overall four-electron 
process. 

Finally, it is worth noting that much 
the same results as obtained here 
in the reduction of nitrate, nitrite, 
dioxygen, and hydrogen peroxide with 
CU 4 AS 4 W 30 are observed also with the 
semivacant analog H8C114AS2W30 ([ce/?/3a- 
(Cu II OH2)2(Cu II )2(AsWi5(OH 2 )3(OH) 
0 52 )2] 12 -). 

Electrocatalytic reduction of dioxygen and 
hydrogen peroxide in the presence of 
Mn2Fe2X4 (X = P or As) In this ex- 
ample selected from recent work [162], 
the studies of the electrocatalytic reduc- 
tions of O2 and H2O2 were performed 
in a pH = 5 medium. The efficiency 
of the catalysis is again evaluated by 
an excess parameter y, which is de- 
fined as C° (0 2 )/C° (POM) for dioxygen 
and C° (H202)/C° (POM) for hydrogen 
peroxide (C° = concentration of the rel- 
evant species indicated in parentheses). 
The catalytic efficiency (CAT) is defined 
as follows: CAT = 100 x [I(POM + O2 or 
H 2 0 2 ) - I d (POM)]/I d (POM), where I 
(POM + O2 or H2O2) is the current for 
the reduction of the POM in the pres- 
ence of O2 or H2O2 and I d (POM) is 
the corresponding diffusion current for 
the POM alone. Selected values of cat- 
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Tab. 14 Selected values of catalytic 
efficiencies measured at 
E = —420 mV vs. SCE in a pH 5 
medium (1 M 

CH 3 COOLi + CH 3 COOH) for 0 2 
and H 2 O 2 reductions with various 
electrocatalysts 3 


Complex 


CAT 


0 2 

H 2 0 2 

Zn2Fe 2 As4 

680 

334 

Zn2Fe 2 P4 

817 

222 

Mn2Fe 2 As4 

944 

464 

Mn2Fe 2 P4 

1055 

380 


3 The scan rate was 2 mV s -1 . The 
catalytic efficiency (CAT) is defined 
as follows: 

CAT = 100 x [I (POM + 0 2 or 
H 2 O 2 ) - l d (POM)]/l d (POM), 
where I (POM + O 2 or H 2 O 2 ) is the 
current for the reduction of the 
POM in the presence of O 2 or 
H 2 0 2 and l d (POM) is the 
corresponding diffusion current for 
the POM alone. 

alytic efficiencies (CAT) for the reduction 
of dioxygen and hydrogen peroxide are 
included in Table 14. CAT values were 
measured at —420 mV vs. SCE, in the 
potential domain of the Fe( 1 1 1) -reduction 
waves. 

Corresponding CAT values for Mn2Fe2 
X4 (X = P or As) were also measured and 
included for comparison. Under the same 
experimental conditions, the phosphorus- 
containing complexes, M2Fe2P4 (M = 
Zn(II) or Mn(II)), are more efficient 
than their arsenic analogs, M2Fe2As4 
(M = Zn(II) or Mn(II)), for dioxygen 
reduction, while the opposite is true 
for hydrogen peroxide reduction. This 
observation underscores the difficulty for 
anticipating which electrocatalyst would 
be more efficient when an inner sphere 
pathway is operative. The electrocatalytic 
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processes observed here remain efficient 
in other media, and they establish the 
utility of the Fe(III) centers within these 
mixed-metal sandwich complexes even in 
media of low proton availability. There is 
still ample room for optimization of the 
selected media for efficient electrocatalytic 
processes within these compounds. 

Examination of the dioxygen and hy- 
drogen peroxide electrocatalytic processes 
discussed here may also shed some light 
on possible reaction pathways. Dioxygen 
does not coordinate to Fe(III) but it does co- 
ordinate to Fe(II). Then, the presence of an- 
other reduced Fe center could drive the cat- 
alytic process to completion by carrying out 
immediate further reduction of the Fe-0 2 
adduct. In-line with these observations, the 


measured catalytic efficiencies decrease 
when the number of F" -centers decrease 
[111a, 1], Also noteworthy is that the syn- 
thesis of M 2 Fe 2 X 4 (M = Zn(II) or Mn(II); 
X = P or As) from Fe 2 X 4 (X = P or As) di- 
minishes the overall negative charge of the 
POM, rendering its reduction more facile, 
and ultimately, saving energy during the 
electrocatalytic process. 

Indeed, other electrocatalytic processes 
were studied, including the pioneer- 
ing work on chlorate reduction by the 
six-electron reduction product of 12- 
molybdophosphate in water-dioxane so- 
lutions [169]. This process, extended to 
bromate, has become a classical test of the 
electrocatalytic abilities of several POMs 
[see Table 13]. 


Tab. 15 Electrochemical oxidations catalyzed by heteropolyanions 


Catalyst 

Substrate 

Products 

Conditions 

References 

a-PWn 039 Ru(H 2 0 ) 4 - 

Me 2 SO 

Me 2 S0 2 

Electrolysis, sulfate buffer 
(pH 1) 1.1 V vs. SCE, 
divided cell, room 
temperature 

85 


Alcohols 

carbonyl 

compounds 

acetate buffer, room 
temperature 

169 

ff-Q 5 SiWn0 3 9Ru a 

Olefins 

aldehydes 

double-mediator 

electrolysis 

CH 2 CI 2 -H 2 0, Nal0 3 , 
undivided cell, 50° C, 
Pb0 2 anode, Pt cathode 

170 

Q'-PW 11 0 3 9 Cr(H 2 0 ) 4 - 

P 2 W 17 0 61 Cr(H 2 0) 7 “ 

Alcohols 

carbonyl 

compounds 

Sulfate buffer (pH 1), room 
temperature 

171 

a-SiWn 0 39 Mn(H 2 0) 6 ~ 

Alcohols 

carbonyl 

compounds 

Electrolysis, phosphate 
buffer (lUlpH 6) 1.25 V 
vs. Ag/AgCI, divided cell, 
room temperature, C 
anode, Pt cathode 

153g + h 

a2-P2W 17 0 62 V 8 ~ 

an-P 2 Wi 7 o 62 v 8 - 

(2l -P 2 Wl 7 Mo062 6 

NADH 

NAD+ 

Phosphate buffer (pH 7), 
room temperature 

82, 172-174 


a Q = tetrabutylammonium. 
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22.7.2.2 Electrocatalytic Oxidations 

Table 15 gathers the main electrocatalytic 
processes triggered by POMs dissolved in 
solution. Most of these examples high- 
light the prominent role of the metal 
substituted into the POM framework. 
The catalyst can be considered as soluble 
POM-supported catalytic centers, with the 
advantage, relative to their organic coun- 
terparts, of thermal stability, robustness, 
and inertness toward oxidizing environ- 
ments of the ligand. With this view, 
most electrochemically-assisted catalytic 
oxidation reactions described in the liter- 
ature were designed to parallel analogous 
known effective processes in organometal- 
lic chemistry. 

22.7.2.2.1 [Ru" i (H 2 0)PW 11 039] 4 - and 

[Ru m (H20)SiWn039] 5- as an Electrochem- 
ical Oxygen Transfer Catalysts Depend- 
ing on the pH domain studied in 
acidic solution, [Ru ln (H 2 0)PWn039] 4_ 
(PW 1 i 0 3 9 Ru iii (H 2 0) for short) was 
demonstrated to exhibit three reversible 
redox couples corresponding to the Ru 
center processes [85]. These redox couples 
can be assigned to the aquaruthenium (II), 
oxoruthenium (IV), and oxoruthenium (V) 
as sketched in the following equations: 

PWn039Ru nl (0H 2 ) 4_ ± > 

PWii0 39 Ru ln (0H) 5_ + H+ 

p K fl = 5.1 

PWn039Ru nl (0H 2 ) 4 “ +e“ ± > 

PW n 039Ru n (0H 2 ) 5 “ pH 0-4 

PWn039Ru nl (0H 2 ) 4 “ ± > 

PWii 0 3 9 Ru iv ( 0) 5 “ + e“ + 2H+ 
pH 1-4 

PWh039Ru iv (0) 5 “ ± > 

PWii0 3 9Ru v ( 0) 4 ~ pH 0-7 


PWn 039 Ru in ( 0 H 2 ) 4 “ < > 

PWh 0 3 9 Ru v ( 0) 4 “ + 2e“ + 2H+ 
pHO 

PWn039Ru ln (0H) 5 “ * > 

PWh 0 3 9 Ru iv ( 0) 5 “ + e“ + H+ 
pH 5-7 

The two-electron oxidation to gen- 
erate the oxoruthenium(V) constitutes 
the basis of an electrocatalytic oxidation 
of Dimethylsulfoxide to dimethylsulfone 
with > 90% current efficiency and a modest 
total turnover of 40 for the catalyst. Substi- 
tution of 7z -acids to the water molecule sta- 
bilizes the Ru(II) form and shifts all the re- 
dox potentials in the positive direction, so 
that the Ru(IV/III) and Ru(V/III) couples 
are no longer seen on the voltammograms, 
owing to the absence of an aqua ligand 
[175]. The oxoruthenium (V) species were 
also shown to oxidize alcohols. The qua- 
ternary ammonium salt of the tungstosil- 
icate analog, SiWn039Ru ni (0H 2 ) 5- was 
used to catalyze the periodate-mediated 
oxidative cleavage of olefins [170, 176]. 
However, electrochemical investigation 
and direct electrochemical oxidation of 
this compound failed, as also the elec- 
trochemical regeneration of the active 
oxoruthenium(V) species. Yet, Steckhan 
and Kandzia [177] found an elegant two- 
phase double-mediator system based on 
this complex. In this system sketched in 
Sch. 11, the IO4 - was regenerated at the 
Pb02 anode in the aqueous phase and 
various olefins were converted to the corre- 
sponding aldehydes in the organic phase. 

22.7.2.2.2 a-[Cr" l (H 2 0)PW 11 C>39] 4 - and 
a 2 -[Cr MI (0H 2 )P 2 W 17 0 61 ] 7 - as Oxygen 
Transfer Catalysts in Electrochemistry Fol- 
lowing the intensive study of the oxygen 
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SiW 1 1 0 39 Ru(V)( 0) 5 - SiW 11 0 3 9Ru(lll)(H 2 0) 5 * 



Pb0 3 -anode 


Scheme 11 Indirect electrochemical oxidation cleavage of 
alkenes using a double-mediator system consisting of IC>4~ 
and ruthenium tungstosilicate (taken from Ref. 8). 



[PW^OagCrOIIXH^)] 4 - 

2H + 

[PW^OsgCrO/XO)] 4 - 


Benzylic Scheme 12 Electrocatalytic 
aldehyde oxidation of benzylic alcohol to 
benzylic aldehyde using 
[Cr 111 (OH 2 )PWn 0 39 ] 4 ~ as 
redox catalyst taken from Ref. 8). 

Benzylic 

alcohol 
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transfer abilities of these POMs by the 
groups of Pope [171] and Hill [178], Rong 
and Anson evaluated the possibility to use 
them as electrocatalysts in water [179]. The 
reduction of Cr(III) to Cr(II) could not be 
observed by cyclic voltammetry at pH = 1. 
The following steps were demonstrated: 

a-[Cr ln (H 2 0)PWii0 3 9] 4 “ 
a-[Cr v (0)PWii0 3 9] 4- + 2e“ + 2H+ 
a2 -[Cr ln (0H2)P 2 W 17 0 6 i] 7 - 
a 2 -[Cr v (0)P 2 W 17 0 61 ] 7 “ + 2e“ + 2H+ 

The electrochemically generated Cr v =0 
complexes are able to oxidize alcohols 
to carbonyl compounds according to 
the following catalytic cycle, sketched in 
Sch. 12. 

22.7.2.2.3 A Detailed Study of K n [Mn n 
( 0 H 2 )SiW 11 0 3 9 ] (6_f,,_ as Oxidation 
Electrocatalyst Pope and coworkers [112] 
were the first to identify that the chemical 
or electrochemical oxidation of Mn(II) cen- 
ter within K„[Mn I1 (0H 2 )SiWn0 3 9] (6 -' ,) - 
yields a Mn IV (OH) complex rather than a 
Mn v (0) complex. An electrochemical con- 
firmation of the formation of the complex 

K /; _i[Mn IV (0H)SiWn0 3 9] (6_ ”^ _ was 
obtained in cyclic voltammetry by ob- 
serving the average redox potential when 
pH and potassium concentration were 
changed in the electrolyte [153g,h]. Repro- 
ducible cyclic voltammograms could be 
run only either after pretreatment of the 
electrode by continuous cycling between 

1.3 and 0 V vs. Ag/AgCl or by starting the 
CV from 1.3 V where the manganese was 
oxidized to Mn(IV). The following overall 
steps are in agreement with observations. 

K„-i[Mn IV (0H)SiWii0 3 9] (6 “" ,_ 

+ 


K„_ 1 [Mn ln (OH 2 )SiWii0 39 ] <6 -" ) - 
(Ei / 2 = 0.99V vs. Ag/AgCl at pH = 6.0) 
K/ ; - 1 [Mn III (0H 2 )SiWii0 3 9] (6_ " )_ 

+ e“ + K+ 

K ) ,[Mn II (0H 2 )SiWn0 3 9] <6 “" ) - 

(Ei / 2 = 0.53V vs. Ag/AgCl at pH = 6.0) 

These steps were explained in more 
detail by the following sequence of events, 
by taking into account the competition 
between a water molecule and a counterion 
L in the electrolyte (L=H 2 PC>4 _ or 
HPC>4 2_ in phosphate buffer) to occupy 
the sixth site on the Mn atom. 

K„[Mn n (0H 2 )SiWii0 3 9] (6 “" )_ + L 

K„ [Mn 11 (L) SiWii0 39 ] <6_,,)_ 

+ h 2 o 

K„ [Mn 11 (L) SiWn 0 3 9] (6 “' !)_ 

K ) ,_i[Mn nl (L)SiWii0 3 9] f6 “" ) - 
+ e“ + K+ 

K„- 1 [Mn III (L)SiWii0 3 9] (6_ " ,_ 

K / ,_i[Mn lv (L)SiWii0 39 ] (5_ " )_ 

+ e“ 

K„_i[Mn IV (L)SiWn0 3 9] (5 “ n) “ + OH“ 
K„_ 1 [Mn IV (0H)SiW n 0 3 9] (6 “' !) “ 
+ L 

The complex K„_i[Mn IV (L)SiWn 
0 39 ] (6_ " )_ was shown to be efficient in the 
oxidation of different alcohols via hydride 
ion transfer. 

2K„_i[Mn IV (0H)SiWii0 39 ] (6 “" ) “ 

+ RCH(OH)R' 

K„_i[Mn ln (0H)SiWii0 3 9] (6 - n) - 
+ RC(=0)R' 


+ e" + H 
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22.7.2.2.4 Catalytic Oxidation of NAD(P)H: 
A Continuously Improved Selection of Suit- 
able POMs This research is triggered by 
at least two reasons: (1) the importance of 
NAD(P)H/NAD(P)+ redox couples in bi- 
ological systems is known, as is known 
the dependence of oxidation mechanisms 
on the oxidants [14, 82, 172-174]; (2) the 
possibility of developing amperometric 
biosensors for NAD(P) + -dependent de- 
hydrogenases. As a consequence, much 
attention is devoted to the regeneration 
of these coenzymes in their reduced or 
oxidized forms for their application in 
biosensors or in enzymatic synthesis [180], 
Here, we are concerned with electrochem- 
ical regeneration [181]. 

However, the oxidation of NAD(P)H to 
NAD(P) + at practical rates on most elec- 
trode materials proceeds only at high over- 
potentials [182] and often fouling of the 
electrode surface has been observed. This 
situation induces the search for suitable 
mediators or electrode modification pro- 
cesses to accelerate the highly irreversible 
oxidation of NAD(P)H. The stability of the 
reaction products in the presence of each 
other is also a necessary condition for use- 
fulness. 

The first studies were devoted to NADH. 
The challenge was to select POMs likely 
to meet all these criteria and be stable 
in neutral alkaline media. As a matter of 
fact, quantitative studies in fairly acidic 


solutions are precluded by the known rapid 
hydration of NADH below pH = 6. Nadjo 
and Keita demonstrated an efficient oxida- 
tion of NADH by several vanado-tungsto 
phosphoric heteropolyanions, stable at 
pH = 7 [14, 82, 172-174]. The correct sto- 
ichiometry of NADH to POM was found, 
by spectrophotometry and coulometry, to 
be 1 : 2, thus indicating that the POM acts 
as a one-electron oxidant. The stability of 
the mixtures was established. In addition, 
complete regeneration of NADH was ob- 
tained from NAD + in the mixtures with the 
heteropolyblue (HPB) in the presence of al- 
cohol dehydrogenase (ADH) and ethanol. 
Thus, the catalytic process sketched in 
Sch. 13 is fully established. 

2a 2 -[P2VWi 7 0 6 2] 7 “ + NADH 
< > 2a 2 -[P2VWi 7 0 6 2] 8 ~ 

+ NAD+ + H+ 

The kinetics of NADH oxidation by three 
vanado-tungstodiphosphoric species were 
studied at pH = 7 by the stopped flow 
technique [82], giving values in complete 
agreement with electrochemistry results to 
be discussed in the following. 

Figure 33 shows a representative exam- 
ple of the oxidation of NADH by POMs 
using cyclic voltammetry at a scan rate of 
5 mV s _1 . Other examples can be found in 
the original papers. Typically, the system 
ai-[P2VWi 7 062] 7_ /NADH is shown. The 



Scheme 13 General catalytic redox process of NADH triggered by POMs (taken from 
Ref. 174). 
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a r P 2 W 17 VOg 2 /NADH 



Fig. 33 Cyclic voltammograms obtained for the system 
<*1 P2W 17 V0 62 8 -/NADH. Electrolyte pH 7 phosphate buffer. 
Reference electrode SCE; working electrode: 1 mm diameter Pt 
disk. The solutions contain 10 -3 M a-\ P 2 W 17 VO 62 8 ” + 10~ 3 y M 
NADH, except for the one containing 1CH 3 M NADH alone. Scan 
rate v = 5 mV s -1 (taken from Ref. 1 74). 


excess parameter (y = C° NA dh/C°pom) 
values appear on each curve. It is worth 
noting, in Fig. 33, the cyclic voltammo- 
gram associated with the first redox system 
of the POM and corresponding to a 
one-electron diffusion-controlled process 
(y = 0). Also, the cyclic voltammogram 
featuring the direct oxidation of NADH on 
the electrode surface in the same medium 
is shown. The other curves in this figure 
show the evolution of the CV of the 
POM upon addition of various amounts 


of NADH. For y ^ 0, it is observed that 
the anodic current component of the one- 
electron system of the HPB increases 
substantially and the corresponding reduc- 
tion process is suppressed at the scan rate 
used for these CVs. The evolution of the 
CVs is easily understood on the basis of 
a fast oxidation of NADH by the oxidized 
form of the POM. 

Determinations of rate constants for 
the catalytic process were carried out by 
double potential step chronocoulometry 
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Tab. 16 Standard potential for the first redox system of each POM and second-order rate constant k 
derived from DPSC experiments on HPB/NADH systems at pH = 7. Each value of k is the average of 
at least five experiments. The values of y are not necessary, but have been added to give a better idea 
of the experimental conditions (taken from Ref. 174) 


HPB 

«i-p 2 W6 7 

vo 62 s ~ 

c/tP 2 W 17 

MoOe 2 7 ~ 

^17 

vo 62 & - 

P 2 Wi 6 V 2 

o 62 9 ~ 

^17 

1Wo062 7_ 

E° (mV vs. SCE) 

477.5 

395.5 

392.5 

277.5 

225 

y 

10 

10 

10 

10 

20 

l< (M- 1 x s _1 ) 

1.5 x 10 4 

6.9 x 10 2 

6.4 x 10 2 

7.1 

1.2 


5 

4 


g 2 

o 


0 
-1 

200 250 300 350 400 450 500 

E7mV vs. SCE 

Fig. 34 Plot of log k versus the one-electron redox potentials E 
of the POMs (taken from Ref. 174). 


y = -3.6465 + 0.01 6404 x R = 0.99987 



[183]. The experiments were performed 
under pseudo first order rate conditions. 
The results are gathered in Table 16, which 
also gives the standard potential for the 
first redox system of each POM. Figure 34 
shows the plot of logiok as a function of the 
one-electron redox potentials of the POMs. 
A straight line is obtained with a slope of 
16.4 V- 1 . 

A detailed mechanistic pathway could be 
written (Sch. 14) and discussed. 

It is shown first that hydride trans- 
fer is not a likely reaction pathway. The 
rate-limiting step is established to be 
the initial one-electron transfer by using 
rate constants obtained by independent 


measurements. Then to go deeper into the 
mechanism, the initial one-electron rate- 
limiting step was developed into three suc- 
cessive steps in Sch. 15 in which (NADH, 
HPA) and (NADH+, HPB) represent the 
reactants in their reaction sites, whereas 
NADH + HPA and NADH+ + HPB rep- 
resent the reactants and products beyond 
the average distance of diffusion; is 
the diffusion-limited rate constant, ki act 
and k_i ac t are the activation-controlled rate 
constants. Each of these steps could be, 
in principle, rate-limiting [184]. However, 
the experimental results in Fig. 34 indi- 
cate that the diffusional separation of the 
HPB /NADH + pair is rate limiting without 
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Scheme 14 Detailed 

(HPB - le ^ 

► HPA) 

(O') 

mechanistic NADH oxidation 




pathway suggested by the 




experiments with POMs (taken 

NADH + HPA 

< , * NADH‘ + + HPB 

K 

(1) 

from Ref. 174). 


A -1 




k 2 



NADH' + + B Ti 

- NAD' + BH + 

(2) 



k- 2 




k 3 



NAD' + HPA - 

* NAD++HPB 

(3) 


k -3 


Scheme 15 The initial 
one-electron rate-limiting step 
in the oxidation of NADH by the 
POMs studied in this work 
(taken from Ref. 174). 


NADH + HPA 

/q act 


^diff 

*diff 


(NADH, HPA) 


< * (NADH' + , HPB) 

k_i act 


kiiff 

NADH" + + HPB (4) 

Niiff 


any tendency to observe a rate-limiting 
electron hop. A value of E° = +0.80 V 
was determined for the NADH/NADH+ 
couple at pH = 7. 

However, a pH of 8 or 9 is more favorable 
to shift the overall equilibrium toward 
the oxidized product. Taking this remark 
into account, Keita and Nadjo showed 
recently that efficient POMs exist that 
meet these conditions [185]. A preliminary 
work is being published. The series of 
V-substituted derivatives selected in this 
work contain several POMs stable in their 
oxidized and reduced forms in alkaline 
media, thus guaranteeing the stability of 
the species generated during the catalytic 
process. The preliminary study is devoted 
to the electrocatalytic oxidation of NADPH, 
a substrate closely related to NADH, with 
the same importance in vivo and in vitro. 

Figure 35(a) shows the current enhance- 
ments accompanying the addition of in- 
creasing amounts of NADPH to a pH 8 
solution of P 2 V 2 W 16 . The current inten- 
sity increase is observed readily at the 


reduction potential of the first V center. 
It is worth noting the high efficiency of 
the electrocatalysis, even though modest y 
values were used (y is the excess param- 
eter defined here as y = C° (NADPH)/C° 
(POM)). To characterize the process it- 
self, the catalytic efficiency (CAT) is de- 
fined as follows: CAT = 100 x [I (POM + 
NADPH) - I d (POM)]/I d (POM), where I 
(POM + NADPH) is the current for the 
reduction of the POM in the presence of 
NADPH and I d is the corresponding dif- 
fusion current for the POM alone. In the 
present experiments, CAT values of 403 
and 730% were calculated for y = 10 and 
y = 20 respectively at +308 mV vs. SCE. 
Figure 35(b) shows the direct NADPH 
oxidation wave on the glassy carbon 
electrode surface and the rising section of 
the catalytic wave for y = 20 in the same 
pH 8 medium. It is clear from this figure 
that no direct oxidation of NADPH is ob- 
served in this potential domain explored 
in Fig. 35(a). Furthermore, the substantial 
improvement in potential brought about 
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i > ■ ■ * ■ ■ ■ ■ 

0.0 0.2 0.4 0.6 0.8 


(b) E/V vs. SCE 

Fig. 35 Cyclic voltammograms for the electrocatalytic 
oxidation of NADPH by 2 10~ 4 M P 2 W 16 V 2 , in pH 8 buffer 
(50 mM TRIS + 0.5 M Na 2 SC >4 + H 2 SO 4 ); the scan rate was 
2 mV s _1 , the working electrode was glassy carbon (3 mm 
diameter disk), the reference electrode was SCE. (a) The excess 
parameter values for NADPH were y = 10 and y = 20 
respectively; (b) Comparison of the catalytic process (y = 20) 
by P 2 W 16 V 2 with the direct oxidation of NADPH on the glassy 
carbon electrode (taken from Ref. 185). 


by the catalysis forthe oxidation of NADPH 
is obvious. Double potential step chrono- 
coulometry experiments [172] performed 
between 0 and +400 mV vs. SCE had al- 
lowed the value of the second-order rate 
constant to be evaluated: k = 3.5 x 10 3 
M -1 s _1 . The present experiments were 
performed in deaerated solution. How- 
ever, it has been checked that an inert 


atmosphere was not necessary, because 
the V v and V lv forms of P 2 V 2 W 16 are 
insensitive to the presence of dioxygen. 
This remark is important as that it opens 
the way for working in conditions close 
to those of biological environments, in 
contrast with most mediators, especially 
quinonic mediators proposed in the litera- 
ture [186]. 
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22.8 Polyoxometalates. As regards the synthe- 

Conclusion sis and characterization of some POMs, 

special thanks are addressed to Dr. R. 

This chapter describes most of the signif- Contant (Universite Paris VI), Professor 
icant electrochemical behaviors of POMs. c.L. Hill, Dr. T.M. Anderson and Pro- 
The variety of these behaviors justifies f esS or I.K. Hardcastle (Emory University, 
that these molecular oxides are studied Atlanta), Professor U. Kortz (International 
in almost every domain of chemistry University of Bremen), Professor M.T. 
from synthesis, physical chemistry, catal- p ope (University of Washington), Dr. I.M. 
ysis through material science, and even Mbomekalle and Dr. Y.W. Lu (Universite 
medicine. Yet, the widespread applicabil- Paris XI). 
ity of these molecules necessitates that 
the interest in their study, which is grow- References 


ing unabated during these recent several 
years, result in substantial breakthrough 
in several directions, including the follow- 
ing possibilities: the possibility to finely 
tune the properties by varying the POM 
compositions and structures on purpose; 
find out new structures in which sub- 
stituent metal cations remain electroactive 
and electrocatalytic; improve the stability 
of the POMs; improve the kinetics of reac- 
tions that are already demonstrated to be 
the equivalent of several processes known 
with organometallic species, and so on. In 
electrochemistry, several domains deserve 
further attention. Studies in nonaqueous 
media are scarce and the electrocatalytic 
processes that can be triggered by POMs 
in such media should be of interest. The 
first attempts at use of POMs in bioelectro- 
chemistry are very promising. Continuous 
efforts must aim at obtaining new POMs 
stable in alkaline media, which could be 
useful in the redox processes of coenzymes 
and proteins in general. 

In short, much work remains to be done 
but the perspectives might be rather bright. 
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23.1 

Introduction 


The cyanide ion is one of the strongest 
ligands. It is isoelectronic with carbon 
monoxide and in the spectrochemical se- 
ries, it is comparable with carbon monox- 
ide. Cyanide ions act as monodentate 
ligands for almost all d-block elements 
and several f-bloclc elements. In these 
complexes, it is carbon that bonds to 
the metal ions. The metal-cyano group 
M— C=N is linear or almost so in stable 
cyano complexes. Cyanide is also a biden- 
tate ligand that is capable of forming a 
large number of sparingly soluble polymer 
metal polycyanometalates (PCMs). Mostly 
they are hexacyanometalates, as, for ex- 
ample, hexacyanoferrates; however, there 
are also octacyanometalates, for exam- 
ple, octacyanotungstates, octacyanomolyb- 
dates, and there are a few tetracyanomet- 
alates, for example, tetracyanoplatinates. 
Copper(I) cyanide is in fact a copper(II) 
dicyanocuprate(I), and in the polymeric 
silver(I) cyanide, the cyanide ligand is also 
bidentate. 

The electrochemistry of dissolved 
cyanide complexes of metal ions is 
very well documented [1] and there is 
no need to discuss these compounds 
here. However, the electrochemistry of 


the polymeric metal PCMs has seen 
tremendous development in the last few 
decades. This chapter is aimed at giving a 
conscious overview on the state of the art 
in this field of research. 


23.2 

The Structure of Polycyanometalates 

1. Hexacyanometalates: Polymeric hexa- 
cyanometalates are by far the most im- 
portant and best-studied group of metal 
PCMs. Prussian blue is the archetype of 
these compounds. The general formula of 
the family members of Prussian blue type 
compounds is Me^{Me^ N - ) [Me ( ' C ^(CN)6]} 
with (i), (N) and (C) indicating the posi- 
tion in the crystal lattice, where (i) means 
interstitial sites, (N) means metal ions co- 
ordinated by the nitrogen of the cyanides, 
and (C) means metal ions coordinated by 
the carbon of the cyanides. The braces 
{} include all ions that form the rigid 
framework of the PCMs, and the square 
brackets [] include the complex metal 
cyanide anions. From Mossbauer spec- 
troscopy, it is known that Prussian blue 
and Turnbull’s blue are both iron(III) hexa- 
cyanoferrate(II) with high-spin Fe(III) and 
low-spin Fe(II). Very early, Keggin [2] pro- 
posed a simple cubic structure for Prussian 
blue with — Fe 11 — C— N— Fe m — N— C— Fe 11 
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chains along all three crystallographic 
directions. In many cases, for charge 
compensation, additional cations must be 
located at interstitial positions. The ideal- 
ized structure is given in Fig. 1. 

The most important compounds for elec- 
trochemistry possess the d-block elements 
Fe, Co, Cr, Ru, and V on position M (C) 
(carbon-bonded metal ions). Position M (N ’ 
can be occupied by almost all d-block 
elements and several f-block elements. 
Position M w can be occupied either by 
alkali metal ions or by other metal ions. 
Metal hexacyanometalates exhibit a great 
variety of compositions and the real struc- 
tures depend very much on the method 
of preparation. Most of the compounds 
belonging to the Prussian blue family, 
like metal hexacyanocobaltates and hex- 
acyanochromates, with alkali cations on 
the interstitial positions, crystallize with a 
high symmetry and belong to the space 
group Fm3m. Some metal hexacyanomet- 
alates, for example, hexacyanoferrates with 
zinc ions, silver ions, and f-block elements 
in position M |N) crystallize with hexagonal 
symmetry. Typical examples are given in 
Table 1. 


Metal hexacyanoruthenates possess a 
lower symmetry. Several compounds have 
highly disordered structures, especially 
when no alkali cations are present for 
charge compensation. Such a complex 
defect structure has been found for a 
completely potassium free Prussian blue 
precipitated very slowly from a solution 
in concentrated hydrochloric acid [25, 
26]. Here, the structure still remains cu- 
bic face-centered; however, one-third of 
the [M <C) (CN)6] is vacant, randomly dis- 
tributed and that space is filled with water 
molecules. The coordination sphere of 
the remaining M (C) ions is maintained 
unchanged; however, the mean coordina- 
tion sphere of the M (N) ions is decreased 
(M (N) (NC) 4 .5(H 2 0) 1 .5). No iron ions oc- 
cupy interstitial positions, that is, only two 
types of iron environments exist. Since 
that special kind of Prussian blue has been 
the first and hitherto only Prussian blue 
that could be obtained as sufficiently large 
crystals to perform a single crystal struc- 
ture analysis, practically all textbooks, and 
later publications present that defect struc- 
ture as the “real structure” of Prussian 
blue, completely forgetting that this de- 
fect structure is an extreme that forms 
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Fig. 1 Idealized structure of metal hexacyanometalates 
Me®{Me< N >[Me< c >(CN) 6 ]}. 
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Tab. 1 Space groups of some metal hexacyanometalates. The chemical formulae indicate the 
coordination of the metal ions by usingthe notation Me (l '{Me ,N '[Me^ (CN)6]} (cf. Fig. 1) 


Compound 

Space group 

Reference 

Zn{Zn 2 [Co(CN)6] 2 j-12H 2 0 

F43m (216) 

3 

K{Cu[Co(CN) 6 ]} 

Fm3m (225) 

4, 5 

K{Ni[Co(CN) 6 ]j 

Fm3m (225) 

4 

K{Co[Co(CN) 6 ]} 

Fm3m (225) 

4 

K{Co[Fe(CN) 6 ]} 

Fm3m (225) 

4 

K{La[Fe(CN) 6 ]}-4H 2 0 

P6 3 /m (176) 

6 

{La[Fe(CN) 6 ])-5H 2 0 

P6 3 /m (176) 

7 

Na 0 . 26 Ni 0 . 8 {Ni[Fe(CN) 6 ]} 

Fm3m (225) 

8 

{Zn 3 [Fe(CN) 6 ] 2 }-nH 2 0 

Fm3m (225) 

9 

{Sm[Fe(CN) 6 ])'4H 2 0 

Cmcm (63) 

10 

Fe{Fe 2 [Rh(CN) 6 ] 2 )'12H 2 0 

F43m (216) 

11 

jPb 2 [Fe(CN) 6 ]] 

P3 (147) 

12 

K{Ln[Fe(CN) 6 ]j-nH 2 0 (Ln = La-Lu) 

Cmcm (63) 

13 

Na 2 {Cu[Fe(CN) 6 ])-10H 2 O 

P2/m (10) 

14 

{Cd 2 [Fe(CN) 6 ])-8H 2 0 

P2i/c (14) 

15 

Cd{Cd 2 [Fe(CN) 6 ]j 

Fm3m (225) 

16 

{Mn 2 [Ru(CN) 6 ])-8H 2 0 

P2i/c (14) 

17 

K{La[Ru(CN) 6 ])-4H 2 0 

P6 3 /m (176) 

18 

{Cd 2 [Ru(CN) 6 ])-8H 2 0 

P2i/c (14) 

15 

{Cd 2 [0s(CN) 6 ])-8H 2 0 

P2i/c (14) 

15 

jMn 2 [0s(CN) 6 ]}-8H 2 0 

P2i/c (14) 

19 

jMn 3 [Co(CN) 6 ] 2 )-12H 2 0 

Fm3m (225) 

20, 21 

{Cd 3 [Co(CN) 6 ] 2 }-12H 2 0 

Fm3m (225) 

21 

{Co 3 [Co(CN) 6 ] 2 }12H 2 0 

Fm3m (225) 

22 

{Ag 3 [Co(CN) 6 ]} 

P3^m (162) 

23 

{Sm[Co(CN) 6 ])-4H 2 0 

Cmcm (63) 

24 


as a result of the complete absence of 
cations that could stabilize the Keggin 
structure. Recent attempts to prepare a 
potassium ion stabilized Prussian blue of 
a crystallinity that allows a Rietveld re- 
finement, unambiguously show that the 
Keggin structure is the structure that 
Prussian blue assumes under the usual 
precipitation conditions, that is, when 
stabilizing potassium ions are available, 
just as Keggin and Miles stated long ago 

[27]- 

The most important feature of all 
polymeric metal hexacyanometalates is 
that they possess channels and holes, the 
size of which is mostly determined by the 


large cyanide ions. The large cyanide ions 
also determine the unit cell dimension 
(ranging from 0.1 to 0.109 pm). 

Since many metal hexacyanometalates 
have very similar structures, the formation 
of solid solutions is possible. The positions 

M<0), M (N) j anc [ jypi) can b e 0CCU pi e d no t 

only by one kind of ion, but by a variety 
of similar ions, allowing the existence 
of substitutional solid solutions with a 
random distribution of the different ions 
on their specific positions. Table 2 gives 
an overview of the types of solid solutions 
that can be formed and some examples. 

Very complex mixed crystals with mixed 
occupation of all metal positions by 
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Tab. 2 Types of solid solutions of metal hexacyanometalates 


Type and 

General formula 

Examples 

References 

stability 




Type 1 

Very stable 

Me ( i »{IVIe (N) [Me‘ C, 'Me^V , ( CN )6l} 

K{Cu[Fe x Coi_ x (CN) 6 ]j 

28 

Type la 

Me (i) {Me (N) [Me£ c), Me^/( CN ) 6 ]} 
with Me (C f = Me^"; however, 




in different oxidation states 



Type II 

Me (i, {Me‘ N ''Me^ N, x "[Me (C) (CN) 6 ]j 

K{Ni x Coi_ x [Fe(CN) 6 ]j 

29 

Relatively 


K{Ni x Fei_ x [Fe(CN) 6 ]j 

30 

stable 


K{Cu x Coi- x [Fe(CN) 6 ]j 

31 



K(Ni x Pd 1 _ x [Fe(CN) 6 ]j 

32 

Type lla 

Me (i, {Me‘ N), MeW"[Me (C) (CN) 6 ]J 

with Me (N) ' = Me'®"; however, 




in different oxidation states 



Type III 

Not stable 

Mef'lVle^ x "{Me (N '[Me (C) (CN) 6 ]j 



Type IV 

Me^Me^Me^/' 

K(Cuo. 5 Ni 0 .5 

28 

Combination of 

[Me^Me® (CN) 6 ]} 

[Fe x Coi_ x (CN) 6 ]j 


types 1 (or la) 
and II (or lia) 
Relatively stable 

Type V 

Me< i, 'Mefi;'{Me} N) 'Me| N 4" 



Combination of 
types II and III 

Not stable with 
respect to III 

[Me lC) (CN) 6 ]l 



Type VI 

Me^'Me^lMe^IMeJP' 



Combination of 

Me£? y "(CN) 6 ]} 



types 1 and III 

Not stable with 
respect to III 




Type VII 

Me®'Me®/lMe{ N), Me^>" 



Combination of 

[Mef y Me^ z "(CN) 6 ]j 



all types 

Not stable with 




respect to III 





Fe(II), Fe(III), Cd(II), and K + have been 
described [33]. 

Generally, only the interstitial metal ions 
M (1) can diffuse through the solid polymer 
compounds. So far, the other metal ions 
have not been shown to diffuse, although 
very slow processes of diffusion, especially 


in the structures with a high concentration 
of vacancies, cannot be excluded. 

Mixed crystals of type I are very stable 
and can be used for electrochemical in- 
vestigations. Recently, it has been shown 
that such solid solutions maintain the reg- 
ular cubic structure and only a single 



phase exists rather than a mixture of 
the phases Me ( ' 1) {Me <N) [Me (C ^ , (CN) 6 ]} and 
Me (i) {Me (N) [Me (C) "(CN) 6 ]} [28]. The lat- 
tice parameters obey the Vegard rule, that 
is, the lattice constants vary linearly with 
the composition of the solid solution (cf. 
Fig. 2). 

An interesting fact is that in the case 
of K{Cu[Fei_. Y Co. v (CN)6]}, the potassium 
ions occupy statistically one-half of the 
eight cubes of one unit cell, but with 
a high value of the isotropic temper- 
ature factor indicating a smudgy po- 
sition of the potassium ions. In the 
compound K{Ni[Fei_. Y Co. Y (CN)6]}, an ec- 
centric position of potassium ions was 
found. Such an eccentric position of the 
countercation was also described by Bo- 
carsly et al. for sodium-containing nickel 
hexacyanoferrate(II) [34]. 

The situation is more complex in 
the case of Me^ = Fe 11 and Me (C) = 
Cr m . Obviously, the incorporation of the 
hexacyanoferrate ions is preferred. The 
content of hexacyanochromate in the 
precipitated solid compound is less than 
in the solution used for precipitation [35]. 
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Mixed crystals of type II have been used 
in the form of thin films on electrodes as 
well as in the form of chemically synthe- 
sized powders immobilized on electrodes. 
Depending on the radii of the ions in- 
volved in the synthesis, solid solutions can 
also be formed as single phases. In the 
case of K{CuCo[Fe(CN)6]} films, XRD re- 
sults indicated that a single phase with a 
cubic face-centered symmetry was formed 
[31]. The situation is more complex in the 
case of K{NiPd[Fe(CN)6]} deposited as a 
thin film on electrodes [32]. Kulesza et al. 
have pointed out that there is a critical 
concentration of Pd 2+ below which Pd 2+ 
was taken as the countercation at intersti- 
tial position, while above that value a solid 
solution is formed in which both Ni 2+ and 
Pd 2+ are nitrogen coordinated. 

Mixed crystals of type III, V, VI, and 
VII are not stable, because the interstitial 
countercations can be easily exchanged. 

Mixed crystals of type IV are very 
stable. One example of such mixed crys- 
tal series is K{Nio. 5 Cuo. 5 [Fei_. Y Co Y (CN) 6 ]} 

[28]. Also, in that case only a sin- 
gle phase with a cubic phase centered 



Fig. 2 Lattice constants of (•) K{Ni[Fei_ x Co x (CN) 6 ]j, (A) 
{Fe[Fe-|_ x Co x (CN) 6 ]], (■) K{Cu[Fe 1 ^Co x (CN) 6 ]j, and (T) 
K{Nio.5Cuo.5[Fei_ x Co x (CN)6]) dependent on the molar ratio of cobalt. 
The dashed lines result from a linear fitting. 




708 | 23 Electrochemistry of Polycyanometalates 

symmetry could be indexed. The lattice 
constants obey the Vegard rule (cf. 
Fig. 2). Recently [36], the structure of 
Ko.4{Cuo. 65 Zno.65 [Feo.45 C00.55 (CN) 6 ]1 has 
been described. Whereas the structure of 
K{Cu[Co(CN)6 ]} is cubic face-centered and 
that of K{Zn[Fe(CN)6]} is hexagonal, the 
X-ray powder analysis indicates that the 
structure of the solid solution is of cubic 
face-centered symmetry. 

2. Tetracyanometalates: Solid metal tetra- 
cyanometalates with nickel(II), plat- 
inum(II), and palladium(II) ions as car- 
bon coordinated metals are known. In 
such compounds, Ni, Pt, or Pd are 
bridged with other metal ions (e.g., Er, 
Tl, Nd, Eu, Co) through the cyano 
groups. This arrangement defines a 
square planar coordination environment 
for Ni, Pt, or Pd. The compounds con- 
tain a large amount of crystal water. 
Examples are: Co(H 2 0)[Ni(CN) 4 ] [37], 
Cr 2 [Ni(CN) 4 ]3-10H 2 O [38], Cd(H 2 0) 2 [Ni 
(CN) 4 ]-4H 2 0 [39], Er 2 [Pt(CN) 4 ] 3 -21H 2 0 
[40], Tl 2 [Pt(CN) 4 ] [41], Nd 2 [Pd(CN) 4 ]3-12 
H 2 0 [42], Eu 2 [Pd(CN) 4 ] 3 -H 2 0 [43]. 

3. Dicyanometalates: Dicyanometalates of 
silver and gold are known. Abrahams et al. 
[44] have described a cobalt dicyanoaurate. 
In these compounds, gold ions are carbon 
coordinated and form linear structures. 
Cobalt ions are coordinated by four 
nitrogen atoms of the cyanide group. The 
unit cell has a hexagonal symmetry. 

23.3 

The Electrochemistry of Polycyanometalates 

23.3.1 

General Features 

1. The insertion electrochemistry of PCMs: 
Most of the PCMs possess two charac- 
teristic properties, they have redox-active 
metal centers and they have an open 


structure that allows small cations to en- 
ter the solid crystals and to diffuse inside 
the materials. Therefore, they are prone 
to undergo insertion electrochemical re- 
actions [45]. Insertion electrochemistry 
means that two coupled electrochemical 
processes proceed across two different in- 
terfaces: (1) an electron transfer across the 
interface of the metal PCM with the elec- 
tron conductor (metal, carbon, or, rarely, 
a semiconductor), and (2) an ion transfer 
across the interface of the PCM with an 
electrolyte solution. These two reactions 
are of truly electrochemical nature because 
they involve the transfer of charged parti- 
cles across interfaces. Although, from time 
to time, reports appeared in the literature 
that anions could enter solid PCMs, no 
proof of this has ever been given. Since par- 
ticles that enter the channels and holes of 
PCMs will see practically only the cyanide 
anions, it is hard to believe that anions can 
be forced to enter these locations. Analyt- 
ical data that have indicated the presence 
of anions like chloride, and so on are 
most probably the results of contamina- 
tions since the compounds usually have 
a very low crystallinity and very large in- 
ner surface areas ready for absorption of 
various ions. In numerous studies, it has 
been proven that small cations are able to 
be housed in the PCMs, and thus another 
argument against the anion transfer is that 
in chemistry there is never a case in which 
anions and cations are interchangeable on 
the same places in a given structure. The 
two electrochemical reactions of PCMs can 
be written in one equation: 

Ox'f .. + ne\ . + nC+ ... 

phase II phase I phase III 

^ Red iwn + « C p + haseII (D 

° X phaseII and Red phascll den0te the 

oxidized and reduced metal ions in the 



PCM and C + are the cations exchanged 
between the PCM and the electrolyte 
solution. In Eq. (I), three different phases 
are indicated, phase I being the metal that 
conducts the electrons to or away from the 
PCM, phase II being the solid PCM, and 
phase III being the electrolyte solution. 
The three phases constitute the essential 
feature of a so-called three-phase electrode 
as it is schematically depicted in Fig. 3. 

The Nernst equation corresponding to 
that overall chemical equation is: 


E = 


pO 

Ox/Red/C 


RT ^ 03 phase II Cphase III 

nF n a Red ( r n) :, a c + , 

phase II phase II 

( 1 ) 


This equation can be divided into two 
equilibria, one involving the transfer of 
electrons 


Ox; 


- Y + 

phase II 


ne 


phase I 


Red' 


(x-n)+ 

phase II 

(la) 


and one involving the transfer of ions 


^ /~ , + 

phase III * phase II 


(lb) 


Fig. 3 Situation at a three-phase 
electrode where a phase II possessing 
redox center is in close contact with 
phase I that can provide or take away 
electrons, and with phase III that can 
exchange ions with phase II. 
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with the following Nernst equations 


Eyn 


£ii/iii 


J Ox/ Red n p 


RT a Ox x + „ 

-* v -*• phase II 


fl Red ( "“" ) + 

phase II 


( 2 ) 


d r r &£•+ 

E? + — In phasem 
c F a c + 

phase II 


(3) 


The standard potentials for the electron- 
and ion-transfer reactions are interrelated 
by the following equation: 


r-e- _ r-e- I pTr ( a ) 

C Ox/Red/C _ C Ox/ Red + W 

An important prerequisite for reaction 
(I) to proceed is that both the electrons and 
the ions have the chance to be conducted 
within the PCM. For ions, it is sufficient 
that a system of channels exists in the 
solid material and that these channels need 
to have a sufficiently wide diameter for 
ions to diffuse through. For the electrons, 
there are two pathways that depend on 
the electronic structure of the PCM. Pro- 
vided the PCM is a semiconductor and the 
conduction band is accessible at room tem- 
perature, this conduction band can support 
the electron conduction. When the redox 
centers, that is, the metal ions interact less 
strongly so that the band structure of a 
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semiconductor is not built up, an electron 
exchange is still possible by a hopping 
mechanism. It seems that both pathways 
can be observed in PCMs, sometimes even 
both for one and the same PCM, but in 
different oxidation states. Of course, the 
oxidation state of the metal cations de- 
cides about the electronic structure, and 
hence the electronic properties of PCMs 
can be varied just by that parameter. Un- 
fortunately, no conclusive and exhaustive 
studies of this conduction mechanism for 
PCMs in different oxidation states have 
been performed so far. An electrochem- 
ical impedance study of the reactions of 
copper (II) hexacyanoferrate has shown 
that the dependence of the charge transfer 
and the Warburg coefficients have a pro- 
nounced minimum at the formal potential 
of the redox system [46]. This indicates that 
the bimolecular electron hopping mecha- 
nism is operative. It was concluded in 
that study that the electron transport from 
the electrode to the reaction front inside 
the PCM goes via the conduction band 
of the semiconducting PCM, whereas the 
electron transport in the reaction zone pro- 
ceeds via hopping. 

For the case in which phase II in Fig. 3 is 
a solid, it is not yet clear how the activities 
of the species Ox, Red, and C + in the solid 
have to be defined on a strict thermody- 
namic basis, and how they could be de- 
termined. No experiments are known that 
would lead to a separation of the free ener- 
gies of the equilibria la and lb in the case of 
solids. When phase II is a solution phase, 
the activities of Ox, Red, and C + are in prin- 
ciple accessible; however, in that case also, 
it remains the problem that an extrather- 
modynamic assumption is necessary for 
quantifying the free energy of ion transfer 
between the liquid phases II and III. 

2. Complex mechanisms of electrochemical 
reactions of PCMs: Frequently it can 


be observed that the “simple” insertion 
electrochemical reactions of PCMs are 
associated with complex chemical re- 
organizations, as, for example, bond 
isomerization or metal ion substitu- 
tion reactions. An early example of 
an isomerization reaction prompted by 
an electrochemical reaction was the 
transformation of iron(II) hexacyanochro- 
mate(III) to chromium(III) hexacyanofer- 
rate(II) [47]. This reaction proceeds be- 
cause a reduction of chromium(III) ions to 
chromium(II) leads to the well-known labi- 
lization of ligands that allows the cyanide 
ions to turn into the thermodynamically 
more favorable position with the carbon 
coordinated toward the iron ions and 
the nitrogen toward the chromium ions. 
A similar example was observed when 
iron hexacyanomanganates are subjected 
to electrochemical redox reactions. The 
electrochemical behavior is very similar 
to the chemical isomerizations [48]. 

Examples of electrochemically initiated 
metal ion substitution reactions have been 
described for the case of substitution of 
high-spin iron by cadmium ions [49, 50], 
high-spin iron by nickel, and silver by 
nickel [51] and high-spin iron ions [52]. 
The reasons for the proceeding of these 
electrochemically initiated substitution re- 
actions have been ascribed as well to the 
labilization of the cyanide ions in certain 
oxidation states of the metal ions of the 
involved PCMs. 

23.3.2 

Correlations between the Structures of 
PCMs and the Thermodynamics of their 
Electrochemical Reactions 

The electrochemical properties of PCMs 
can be tuned in certain limits by variation 
of the metal ions constituting the frame- 
work of these compounds. Only for the 



hexacyanometalates, and especially for the 
hexacyanoferrates, both theoretical and ex- 
perimental studies have been performed 
so far to rationalize the dependencies be- 
tween the thermodynamic electrochemical 
data and the structures of the compounds. 
Figure 4 shows a plot of the formal po- 
tentials of the following reactions versus 
the ion potentials of the metal ions Me + , 
Me 2 +, and Me 3 + [53]: 

{K 3 Me I [Fe(CN) 6 ]} {KzMe^FefCNk]} 

+ K+ + e“ (II) 

(Me 1 = Ag) 

{K 2 Me n [Fe(CN) 6 ]} {KMe n [Fe(CN) 6 ]} 

+ K+ + e“ (III) 

(Me 11 = Cd, Zn, Pb, Mn, Ni, Co) 

{KMe m [Fe(CN ) 6 ]} ± > {Me m [Fe(CN) 6 ]( 

+ K+ + e“ (IV) 

(Me 111 = Ga, In, Al, Fe, Cr, Co). 

These reactions are solid-state inser- 
tion electrochemical processes with cou- 
pled electron and ion transfers. Figure 4 
includes the standard potential of hex- 
acyanoferrate in aqueous solution. It is 
rather surprising that the data for the 
solid-state insertion electrochemistry and 
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that of the dissolved hexacyanoferrate in 
water are all situated on one and the same 
straight line. Obviously, this plot shows 
that the factor controlling the magnitude 
of the formal potentials is in the solid com- 
pounds and in the solution the same, that 
is, the ion potential of the nearest neigh- 
bor of the nitrogen end of the cyanide ions. 
These nearest neighbors are the metal ions 
Me 1 , Me 11 , and Me 111 in the solid PCMs, 
and the proton of water in the aqueous 
solution! On the basis of simple thermo- 
dynamic considerations it has been shown 
that the following equation holds [54, 55]: 


E 


■e-' 

A 


k £ a 

zF zF /'Me 


( 5 ) 


(k and £ are constants, a is the charge 
of the nitrogen coordinated metal ions 
Me (i),(n),(ni) an( j rMe j s their radius.) 

The differences in formal potentials of 
different metal hexacyanometalates is the 
basis of tuning the redox properties of 
PCMs by synthesis of mixed solutions, 
as far as that is possible due to the ion 
radii. Examples for a continuous tuning 
of the hexacyanoferrate redox potential are 
mixed nickel/iron hexacyanoferrates [30], 
mixed copper/iron hexacyanoferrates [56], 
and mixed cadmium/iron hexacyanofer- 
rates [33]. 


Fig. 4 Correlation between the formal 
potentials of the hexacyanoferrate units 
of the solid hexacyanoferrates and the 
ion potential (charge/radius) of the 
nitrogen coordinated metal ions [53, 55], 



ar a Vpm 1 
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The formal potential of the hexacyano- 
ferrate systems also shift by inserting 
different metal ions into the channels [57]. 
With the help of Born- Haber cycles, the 
following equation has been derived [55]: 


const 3 <t> b\ 

zF zF n 


( 6 ) 


(const 3 and <t> are constants, b\ is the 
charge of the inserting metal ions Me 1 
and r\ is its radius). 

Figure 5 gives the experimental proof of 
the validity of Eq. 6. However, some hex- 
acyanoferrates exhibit a different affinity 
for the alkali metal ions. An example is 
samarium hexacyanoferrate [58]. The rea- 
sons for the different behavior are not yet 
known. 

The formal potentials of solid hexa- 
cyanometalates can also be correlated with 
the lattice constants, that is, with a param- 
eter that depends mainly on the radii of the 
two metal ions forming the framework of 
the compounds. This theoretically derived 
dependence can be verified when the nitro- 
gen coordinated metal ion and the insert- 
ing metal ions are kept constant and the 
carbon coordinated metal ions are varied, 
for example, when hexacyanoferrate, hexa- 
cyanocobaltate, hexacyanomanganate, and 
so on are compared [53, 55]. The equation 


that has been derived is: 



('F and co\ are constants, (be — bg) is the 
difference of charges of the oxidized and 
reduced forms of the hexacyanometalate 
unit, that is, it is 1, and L is the lattice 
constant of the solid hexacyanometalate). 

Figure 6 shows the experimental data 
that obviously follow Eq. (7). 

The experimental data verifying the 
dependencies of the formal potentials on 
ion parameters, as shown in Figs 4, 5, and 
6 have been accessible only by application 
of voltammetry of immobilized particles 
[59], since that method is the only one that 
allows the study of different compounds 
that have been chemically synthesized and 
completely characterized to be measured 
under the very same conditions. This is 
not, or only to some extent possible with 
electrochemically prepared thin films on 
electrodes. 

23.3.3 

Special Features 

23.3.3.1 Metal Hexacyanoferrates 

1. Metal hexacyanoferrates possessing only 
one kind of redox-active metal ions: Most 
of the metal hexacyanoferrates show only 



0.0060 0.0065 0.0070 0.0075 


£>|/j Vpm 1 


Fig. 5 Correlation between the 
formal potentials of the 
hexacyanoferrate units ofthe 
solid hexacyanoferrates and the 
ion potential (charge/radius) of 
the inserting metal ions [53, 55], 
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Fig. 6 Correlation between the formal potentials of the 
hexacyanometalate units of the solid hexacyanometalates and 
the inverse lattice constant L of the solid compounds [53, 55], 


one electrochemically active system, that 
is, the hexacyanoferrate unit. This is the 
case for the following compounds: Cu 2+ , 
Ni 2+ , Co 2+ , Cd 2+ , Zn 2+ , and other metal 
hexacyanoferrates. This is surprising be- 
cause most of these ions are themselves 
electroactive in aqueous solutions. A for- 
mal reasoning is that the solubility prod- 
ucts of these salts are so small that 
the reduction of the metal ions is sim- 
ply shifted to inaccessible values, because 
even a reductive decomposition of the 
hexacyanometalates is not possible using 
aqueous electrolytes. This is not true for 
silver hexacyanoferrates that can be eas- 
ily decomposed by reduction to metallic 


silver and dissolved hexacyanoferrate ions. 
To this group of hexacyanoferrates belongs 
also vanadium hexacyanoferrate, which 
was described first by Shaojun [60], and 
studied in detail by Carpenter et al. [61], 
who have proved that vanadium is not 
active in these films, although two over- 
lapping redox systems are present in the 
cyclic voltammograms. It can be supposed 
that different vanadium hexacyanoferrate 
phases may be responsible for the two sys- 
tems (cf. cobalt hexacyanoferrate, although 
in that case cobalt is also active). 

2. Metal hexacyanoferrates possessing two 
kinds of redox-active metal ions: Here 
we consider those hexacyanoferrates that 
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possess two redox systems that support 
insertion electrochemical reactions. The 
most prominent member of this group 
is the archetype of metal hexacyanofer- 
rates, Prussian blue. About no other PCM 
so many papers have been published 
as on Prussian blue. Inevitably, there 
are contradictory and inconsistent reports 
among them. One reason is certainly the 
great variety of Prussian blues resulting 
from the ability to (1) house different 
amounts and kinds of cations in the in- 
terstitial cavities (e.g. different alkali metal 
ions and also high-spin Fe ions), and 
(2) the formation of defect structures with 
a considerable number of hexacyanofer- 
rate vacancies. The latter effect is especially 
pronounced when no suitable cations are 
available during the synthesis, as in the 
case of the famous Ludi experiment where 
Prussian blue was slowly crystallized from 
concentrated hydrochloric acid in the ab- 
sence of potassium ions [25]. 

Prussian blue shows two distinct redox 
systems, one at rather positive potentials 


(around 0.8 V vs. SCE) and one at 
considerably more negative potentials 
(around 0.2 V vs. SCE) (cf. Fig. 7). Itaya 
et al. [62] have shown by in situ Mossbauer 
spectroscopy that the more negative sys- 
tem is caused by the nitrogen coordinated 
high-spin iron ions, and the other sys- 
tem is caused by the carbon coordinated 
low-spin iron ions of the hexacyanoferrate. 
It is a very peculiar property of Prussian 
blue that a cyclic electrochemical oxidation 
and reduction involving both redox sys- 
tems, in some electrolyte solutions leads 
to the blocking of the low-spin iron sys- 
tem, that is, that voltammetric response 
vanishes [63]. This happens always when 
Tl + , Rb + , or NH 4 + [64] ions are present 
in the electrolyte solution. The reason for 
that behavior are the small lattice constant 
differences between the three oxidation 
states of Prussian blue and the ion radii of 
the three earlier-mentioned cations. Both 
lead to a trapping of these cations in the 
Prussian blue that blocks ion diffusion for 
the interconversion of Prussian blue and 



Fig. 7 Cyclic voltammogram of Prussian blue immobilized on a graphite 
electrode and using an electrolyte solution containing 0.1 mol L _1 KCI. Scan rate: 
0.01 Vs -1 . 
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Fig. 8 Scheme of the electrochemical and photochemical conversions involved in 
the electrochemistry of cobalt hexacyanoferrate films according to Ref. 65. 


Prussian yellow. This irreversible binding 
of thallium(I) ions is probably related to 
the well-known use of Prussian blue to 
bind thallium ions following poisoning. 

Cobalt(II) hexacyanoferrate, formally 
similar to Prussian blue, exhibits a 
far more complex electrochemistry. Only 
recently, Lezna et al. [65] succeeded in 
elucidating this system by a combination 
of in situ infrared spectroscopy and electro- 
chemistry, and ex situ X-ray photoelectron 
spectroscopy. Figure 8 shows the pathways 
of the three different phases involved in 
the electrochemistry, and their intercon- 
version by electrochemical redox reactions 
and photochemical reactions. 

23.3.3.2 Hexacyanocobaltates, Hexa- 
cyanomanganates, Hexacyanochromates, 
Hexacyanoruthenates 

Hexacyanocobaltate(III) is not reducible 
and hence, most metal hexacyanocobal- 
tates are not electrochemically active. 
A very interesting exception is cop- 
per(II) hexacyanocobaltate(III) that can 


be reduced both chemically and electro- 
chemically to copper(I) hexacyanocobal- 
tate(III) coupled to a transfer of charge 
compensating potassium ions [28]. Hex- 
acyanocobaltate(III) ions can be used 
to prepare solid solutions with hexa- 
cyanoferrate ions. In the case of mixed 
solid solutions of copper(II) hexacyanofer- 
rate /hexacyanocobaltate, this causes small 
shifts of the formal potential of the 
hexacyanoferrate system, and also of the 
copper(II)/copper(I) system. The latter 
is only visible for an excess of hexa- 
cyanocobaltate [28]. Iron hexacyanochro- 
mate is not stable in electrochemical exper- 
iments, but isomerizes to chromium hexa- 
cyanoferrate [47]. Hexacyanomanganates 
exhibit two redox systems, correspond- 
ing to the redox states Mn(III)/Mn(II), 
and Mn(II)/Mn(I) respectively. Whereas 
chromium (II) and iron(II) hexacyanoman- 
ganate are stable in cyclic voltammetry, the 
manganese (II) hexacyanomanganates (III) 
decomposes rapidly when the potential is 
cycled between 0 and —1.5 V vs. Ag/AgCl. 
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The latter compound, however, is com- 
pletely stable when the potential is cy- 
cled only between —0.7 and —1.5 V vs. 
Ag/AgCl, where only the Mn(II)/Mn(I) 
system is active [66]. 

23.3.3.3 Octacyanomolybdates, Octa- 
cyanotungstates 

Octacyanomolybdates and octacyano- 
tungstates exhibit an insertion electro- 
chemistry, which is rather similar to 
that of the hexacyanoferrates, [67] and 
the compounds show a pronounced elec- 
trochromic effect [68]. 

23.3.3.4 Pentacyanonitrosyl Metalates 

Metal pentacyanonitrosyl metalates show 
an electrochemical behavior similar to that 
of hexacyanometalates. The compounds 
show electrocatalytic properties [69]. 

23.4 

Preparation of Electrodes Modified by 
Polycyanometalates and their Applications 

23.4.1 

Preparation of Polycyanometalate Modified 
Electrodes 

For choosing the right way of preparation 
of PCM modified electrodes, the decisive 
question is the intention of preparation. 
There are two principally different goals: 
(1) The electrodes ought to be applied for 
electrocatalysis, for electrochromic devices 
and the like, and (2) modified electrodes 
are prepared to study the electrochemistry 
of the compounds. For the first goal, there 
are two principally different approaches: 
(a) the preparation of films on electrode 
surfaces, and (b) the incorporation of the 
PCM into a matrix, for example, a mixture 
of graphite and a binder, leading to 
composite electrodes. 


1. The preparation of film, electrodes : Prus- 
sian blue films are usually prepared by 
cycling an electrode in a freshly pre- 
pared solution containing iron(III) and 
hexacyanoferrate(III) ions [70-72]. As sub- 
strate, mostly platinum is used, some- 
times glassy carbon [73] is used, and 
very frequently ITO electrodes [74] are 
used because the latter are very useful 
for electrochromism studies. Similar pro- 
cedures using solutions containing metal 
ions and hexacyanoferrate(III) have been 
used to deposit cobalt hexacyanoferrate 
[75] and chromium hexacyanoferrate [76, 
77]. Crumbliss et al. reported a plasma de- 
position of iron species from a plasma 
containing iron pentacarbonyl and ethane, 
followed by electrochemical derivatization 
of the deposited iron sites with the help of 
hexacyanoferrate solutions [78]. 

To prepare metal hexacyanoferrate films, 
very frequently the following procedure 
was followed: first a film of the respective 
metal, for example, cadmium [79], copper 
[80], silver [81], or nickel [82, 83] was elec- 
trochemically plated on the surface of a 
platinum electrode, and that was followed 
by chemical oxidation of the metal film 
in a solution of K 3 [Fe(CN) 6 ], leading to 
the formation of the metal hexacyanofer- 
rates. The same method has been used to 
produce films of nickel hexacyanoruthen- 
ate and hexacyanomanganate using the 
appropriate anions [83]. It is also possible 
to perform the oxidation of the deposited 
metals in solutions containing hexacyano- 
ferrate(II) by cyclic oxidation/reduction of 
the latter. In a similar way, films of cop- 
per heptacyanonitrosylferrate have been 
deposited [84]. 

Sauter and Wittstock [85] have described 
a method for local deposition of cobalt 
and nickel hexacyanoferrates using the 
technique of electrochemical scanning 
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microscopy and sacrificial electrodes from 
cobalt and nickel. 

2. The preparation of electrodes with immobi- 
lized PCM : If the purpose of modifying an 
electrode is the study of the electrochem- 
istry of PCMs, of course, the best choice 
is to use those compounds that have been 
synthesized in larger amounts, and that 
have been characterized by all available an- 
alytical techniques, as, for example, X-ray 
diffraction, infrared spectroscopy, elemen- 
tal analysis, and so on. (This is usually 
rather difficult if not impossible with the 
thin films precipitated on electrode surface 
by the techniques discussed previously.) 
Such well-defined samples can be very ad- 
vantageously investigated by immobilizing 
microparticles on suitable electrodes [59], 
mostly on graphite electrodes. The tech- 
nique of mechanical immobilization has 
been described in detail [59, 86-89], and it 
may suffice here to say that, usually, a very 
tiny amount (around 1 mg) of the powder 
sample is placed on a glass plate or tile 
and a graphite electrode is gently rubbed 
on the sample spot to press some of the 
microparticles into the electrode surface. 
This technique proved to be highly useful 
in systematic studies of the PCMs (see [28, 
47, 50, 53, 54]). The technique of immo- 
bilizing microparticles on electrodes has 
also been utilized for in situ calorimetric 
studies of the insertion electrochemical 
reactions of PCMs [90, 91]. In this case, 
very small gold and graphite electrodes 
had been used and the immobilization 
technique was slightly different from the 
procedure described earlier. 

23.4.2 

Applications of PCM Modified Electrodes 

1. Electrochromic devices: The strong dif- 
ferences in the spectra of the PCMs in 
their various oxidation states, the ease 


with which the insertion electrochemical 
reactions can be performed, their rather 
good reversibility, and the low price of 
the PCMs has lead to serious expectations 
for an exploitation in electrochromic win- 
dows and displays [92]. Prussian blue is 
still the compound exhibiting the most 
pronounced absorption differences, and 
many attempts have been made to code- 
posit Prussian blue with other PCMs [93] 
or with organic conducting polymers to get 
improved electrochromic properties. 

2. Electrocatalysts for electroanalysis: Since 
PCMs contain transition metal ions that 
can easily undergo electron exchange re- 
actions, they can act as effective mediators 
in electron transfer reactions, and thus as 
catalysts to bring about otherwise strongly 
inhibited electrode reactions. Mattos and 
Gorton [94] have recently reviewed the 
vast literature on electrocatalytic appli- 
cations of metal hexacyanoferrate films. 
Although many examples are known, no 
commercial devices are known that uti- 
lize such compounds. PCMs can also be 
used in biosensors in combination with 
enzymes. A first-generation biosensor con- 
sisting of glucose oxidase immobilized 
onto a thin film Prussian blue electrode 
with a Nafion membrane was introduced 
by Karyakin et al. [95]. Wang et al. [96] 
have suggested screen printed electrodes 
containing cupric hexacyanoferrate and 
glucose oxidase. The dispersed cupric 
hexacyanoferrate catalyst offers the detec- 
tion of glucose substrate at very low po- 
tentials (the overvoltage for the reduction 
of the enzymatically liberated hydrogen 
peroxide is decreased to around 0.1 V at 
physiological pH). 

3. Ion Sensitive electrodes: Metal hexacyano- 
ferrate film electrodes as well as metal 
hexacyanoferrate particles incorporated in 
solid composite electrodes have been used 
for the quantitative analysis of the ions 
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that are exchanged between the metal hex- 
acyanoferrate and the aqueous solution. 
Ion selective electrodes for potentiomet- 
ric sensing of intercalating ions have 
been described on the basis of nickel 
hexacyanoferrate [82, 97, 98] and copper 
hexacyanoferrate [99, 100], These elec- 
trodes display a quasi Nernstian response 
toward cesium and potassium ions. Rotat- 
ing disk electrodes modified with cobalt 
hexacyanoferrate or nickel hexacyanofer- 
rate can be used as ion selective electrodes 
in the case of Na + or K + , respectively 

[101] . Nickel or cupric hexacyanoferrate 
film electrodes have been also used for 
amperometric detection of intercalating 
ions in a flow-injection system (K + and 
NH 4 + in urine and K + in blood samples) 

[102] . Composite electrodes with different 
metal hexacyanoferrates incorporated into 
a graphite/paraffin matrix were used for 
the voltammetric determination of potas- 
sium [103]. A graphite silver hexacyanofer- 
rate composite electrode can be used for 
the determination of iron(III) ions in solu- 
tion [52]. Here, the silver ions are reduced 
to silver(0) and the liberated hexacyanofer- 
rate anions can react with iron(III) ions 
to give Prussian blue. Following that pre- 
concentration step, the iron(III) ions can 
be electrochemically determined by evalu- 
ating the characteristic signals of Prussian 
blue. Thallium ions can be determined 
by preconcentration in Prussian blue and 
using anodic stripping voltammetry, that 
is, the thallium ions are reduced to thal- 
lium^), which is subsequently oxidized 
to give the anodic stripping signal [104]. 
Prussian blue immobilized in a composite 
electrode can also be used to determine the 
concentration of NH 4 + by evaluating the 
decrease of the peak system of the carbon 
coordinated iron ion in cyclic voltammetric 
measurements [64]. 


4. Corrosion protection: Metal hexacyano- 
ferrate films also attracted interest as 
corrosion protective layers on metals, espe- 
cially as additives to conducting polymers 
[105, 106]. Kulesza etal. [107] reported 
the coating of steel with an organic anion 
exchanger (poly(4-vinylpyridine)) incorpo- 
rating hexacyanoferrate ions that lead to 
the formation of a Prussian blue layer 
on the metal, providing surprisingly good 
corrosion resistance in strongly acidic 
solutions. This film seems to have even bet- 
ter properties than polyaniline/Prussian 
blue /hexacyanoferrate films [108]. 

5. Batteries: Metal PCMs should be useful 
for making rocking chair batteries because 
one and the same metal ions, for example, 
potassium ions could be shuttled between 
the anode and the cathode when suitable 
compounds are used. The published 
results indicate that such rocking chair 
batteries indeed work [109-113]; however, 
their properties are insufficient to be 
real competitors on the battery market. 
Despite the rather low voltages, it is also 
the presence of as-yet unidentified side 
reactions that reduces the cycleability of 
the batteries. Further problems are due 
to the bad adherence of the PCMs to the 
current collectors. However, it still cannot 
be excluded that technical developments 
may improve the performance of such 
batteries so that applications are possible. 
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This chapter is a supplement to the issue 
of Encyclopedia of Electrochemistry of the 
Elements. Owing to limited space, not 
all relevant work could even be briefly 
discussed. In this review, mainly the recent 
papers published in the last 10 years have 
been presented, with some relation to 
earlier works published after 1977, when 
the chapters on lead, cadmium, and zinc 
electrochemistry appeared. 

24.1.1 

Double-layer Properties of Zinc Electrodes 

Electrical double-layer (edl) properties of 
solid polycrystalline zinc (pc-Zn) elec- 
trodes and single-crystal zinc electrodes 
in aqueous solution were studied in many 
works, which are reviewed in Refs 1,2. 

24.1 .1 .1 Pc-Zinc in Aqueous Solutions 

The pc-Zn electrode was found to be nearly 
ideally polarizable at sufficiently wide neg- 
ative polarization range [3-8]. The differ- 
ential capacitance of zinc electrode was 


studied in aqueous electrolytes: KC1 (pH 
7) [6], Na 2 S0 4 [7], NaCl0 4 , KC1, KN0 3 , 
and Na 2 S0 4 (pH 6.6-7) [9]. Minima on 
the differential capacitance (C-E) curves 
on the pc-Zn electrodes were observed. In 
0.01 M KCl aqueous solutions, the mini- 
mum was broader. 

For pc-Zn/H 2 0, the value of zero 
charge potential (£ pzc ) was found to be 
equal to about —1.15 V (versus saturated 
calomel electrode (SCE)) [10, 11]. The same 
values of £ pzc were obtained by a scrape 
method in a neutral NaCl0 4 aqueous 
solution [12]. 

In the presence of tetrabutylammonium 
iodide (TBAI) in its adsorption region on 
the pc-Zn electrode, the edl capacitance 
decreased with increasing TBAI concen- 
tration and the capacity minimum shifted 
to more negative potentials [13]. At still 
more negative potentials, a well-defined 
adsorption- desorption peak was observed. 
Splitting of this peak was explained by the 
presence of different faces on the surface 
of pc-Zn electrode. 



24.1 .1 .2 Zn Single Crystals in Aqueous 
Solutions 

Zinc crystallizes in a hexagonal 
close-packed system; its basal face (0001) 
was prepared by cleavage of single crystal 
at the temperature of liquid nitrogen, and 
the prismatic face (1010) and the face 
(1120) were prepared by polishing in nitric 
acid [2]. 

The first attempt to determine zero 
charge potential for single-crystal sp metal 
was described for zinc [3, 6] from C-E 
capacitance curves in dilute solutions. £ pzc 
for the face of Zn(0001) was about 80 mV 
more positive than that for Zn(1010). 
Later, it was pointed out [6, 10] that the 
determination of E pzc directly from C-E 
dependencies was not possible for zinc 
because the potential is close to the 
reversible standard potential of zinc in 
aqueous solution. 

Therefore, 2s pzc was determined using 
the indirect methods valid for single- 
crystals electrodes and pc-Zn electrodes [1, 
2, 14, 15]: (1) salting-out of organic com- 
pounds from surface inactive electrolyte 
solutions, (2) from the potential corre- 
sponding to maximum on C-E curves for 
organic compounds with high attractive 
interaction constant a, and (3) from the de- 
pendence of the capacitance minimum on 
thiourea (TU) concentration. The obtained 
values of zero charge potentials were in 
good agreement with other results [7, 8]. 
For various faces of Zn single-crystal elec- 
trode, the maximum difference between 
£ pzc was about 90-100 mV [2, 15, 16]. 

Most investigations on edl of zinc single- 
crystal faces were made in solutions 
containing organic compounds: tetraethy- 
lammonium cations [7], hexanol [17-19], 
tetrabutylammonium cations [13, 14, 18, 
19], camphor [18-20], cyclohexanol [14, 
21], and TU [22, 23]. For these substances, 
dependence of adsorption properties on 
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crystal face was observed. The potential 
of adsorption-desorption peak on C-E 
curves shifts to more negative potentials 
in the order Zn(0001) < Zn(1010) < 

Zn( 1 1 20) , and this sequence was explained 
by increasing the negative values of E pZ c- 
The adsorption-desorption peaks on the 
single-crystal faces were narrower and 
higher than the peaks on the polycrys- 
talline electrodes. 

The adsorption of some neutral organic 
compounds on the individual faces of zinc 
single-crystal electrodes was described by 
the Frumkin-Damaskin theory with the 
use of two parallel capacitors model [14]. 

For pc-Zn electrode, a departure from the 
two parallel capacitors model due to the 
energetic inhomogeneity of the surface 
was observed. 

The edl parameters and adsorption 
parameters for various electrodes are 
presented by Lust et al. [24]. 

24.1.2 

Electrochemical Properties and Kinetics of 
the Zn(ll)/Zn(Hg) and Zn(ll)/Zn Systems 

24.1 .2.1 Electrochemistry in Aqueous 
Solutions 

The electroreduction of Zn (I I) at a mercury 
electrode has been studied in aqueous 
media [25-38]. In noncomplexing media, 
this reaction can be described as 

Hg 

Zn 2+ + 2e“ < > Zn(Hg) (1) 

Two different mechanisms have been pro- 
posed to explain Zn(II) electroreduction 
in aqueous solutions, either a simple two- 
electron transfer in one step [28-30, 32, 

33, 35, 37] or two successive one-electron 
transfer processes [25-27, 30] with Zn(I) 
as an intermediate. 

From the galvanostatic and chronopo- 
tentiometric polarization measurements 
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in both directions of the Zn(Hg)/Zn(II) 
electrode process at 25°C in 1 M chlo- 
ride solutions (1 M Cl - = c(ZnCl 2 ) + 
cfMgCh) + c(HCl)) of pH 3, Hurlen and 
Eriksrud [25] have found that the charge 
transfer occurs in two consecutive steps 
and that both steps are essentially symmet- 
ric. For both steps the quantitative kinetic 
data were presented and discussed. 

Eriksrud [26] has also studied the 
Zn(II)/Zn(Hg) system in x M KI + 
(1 -x) M KC1, 1 M KBr, and 1 M MeCl 
(Me = Li, Na, I<, and Cs) solutions of 
pH 3. The substitution of chloride by bro- 
mide or iodide ions increases the rate of 
the Zn(I)/Zn(Hg) step more significantly 
than that of the Zn(II)/Zn(I) step. At io- 
dide concentrations higher than 0.1 M, the 
rate of the Zn(I)/Zn(Hg) step is too high 
for the used experimental methods to be 
measured. Contrary to the Zn(I)/Zn(II) 
system, the rate of charge transfer for 
Zn(I)/Zn(Hg) step is practically indepen- 
dent of the kind of alkali metal cation 
supporting electrolyte. It can be explained 
by the change of Zn(II) activity in depen- 
dence on a type of cation of the supporting 
electrolyte. 

In work [27], the Zn(II)/Zn(Hg) elec- 
trode process was investigated in 0.5 M 
MgSC >4 solutions at 25°C by ac and 
faradic rectification polarography. The 
Zn(II)/Zn(Hg) electrode reaction was con- 
sidered as a two-step process. The kinetic 
parameters of both steps were evaluated. 

Jindal et al. [28] have determined the ki- 
netic parameters of Zn(II) reduction on 
the dropping mercury electrode (DME) 
in concentrated NaNOj, LiNC> 3 , NH 4 NO 3 , 
Mg(NC> 3 ) 2 , Ca(NC> 3 ) 2 , and NaClC >4 as sup- 
porting electrolytes, using the square-wave 
polarographic method. Diffusion coeffi- 
cient of Zn(II) decreases with increasing 
concentration of supporting electrolyte 
caused by the change of solution viscosity. 


The reversible half wave potential (£ 1 / 2 ) 
values became higher with the increase 
of the concentration of supporting elec- 
trolyte, but the a values were practically 
constant. The rate parameters decreased 
with increase of radius and charge of 
the cation of supporting electrolyte at the 
same ionic strength. The number of water 
molecules associated with zinc ions in the 
solutions and with reactant, which directly 
takes part in the charge-transfer process, 
was estimated and the following reaction 
scheme was proposed. 

Zn(H 2 Oho 2+ Zn(H 2 0) 4 2+ 


+ 6H 2 0 (2) 

Hg 

Zn(H 2 0) 4 2+ + 2e“ Zn(Hg) 


+ 4H 2 0 (3) 

The electrode reaction of Zn(II) on the 
DME was also studied in aqueous so- 
lutions of (NH 4 ) 2 SC >4 and the kinetic 
parameters were determined [29]. 

The double-layer influence on the elec- 
trode reaction of Zn(II)/Zn(Hg) on DME 
in NaNC >3 solutions was studied in the con- 
centration range from 0.01 to 1 M, using 
dc and ac polarography [30]. The apparent 
rate constants of the Zn(II)/Zn(Hg) sys- 
tem increase with dilution of the NaNC >3 
supporting electrolyte. However, after the 
Frumkin correction, the rate constant was 
virtually independent of the supporting 
electrolyte concentration. 

Go and Osteryoung [31] presented the 
alternative interpretation of the data for 
electroreduction of Zn(II) on the mercury 
electrode. They have found that in non- 
complexing media, zinc electroreduction 
may be represented by a single step with 
transfer of both electrons. 

Osteryoung and coworkers [32, 33] opti- 
mized the square-wave voltammetry and 



rapid-scan voltammetry to determine the 
kinetic parameters of the Zn(II)/Zn(Hg) 
system in 1 M NaNC >3 [32] and KNO 3 so- 
lutions with different concentrations [33]. 

Sluyters and coworkers [34] have stud- 
ied the mechanism of Zn(II) reduction on 
DME in NaClC >4 solutions at different wa- 
ter activity (a w ) using faradaic impedance 
method. Do x and E [, 2 were determined 
from dc polarographic curves. Hydration 
numbers of Zn(II) ion were estimated 
from the dependence of E\, 2 on In a w . 
The obtained standard rate constant was 
changing with a NaClC >4 concentration and 
the slope of the dependence of In kf on po- 
tential was changing with potential (see 
Fig. 1). Therefore, the following mecha- 
nisms were proposed: 

1. Fast partial dehydration of electroactive 
species Zn(H 20 )j^ 6 , which loses in 
average 9.3 water molecules. 
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2. Fast transport of reactant from solution 
into diffusion layer. 

3. Slow transfer of first electron with 
a e \ = 0.4. 

4. Fast loss of the remaining 10.3 water 
molecules. 

5. Slow transfer of the second electron 
with a e 2 = 0.4. 

In 7 M NaClC >4 solution, the hydration 
number of Zn(II) decreased to about 8 . 6 . 

The authors believe that the reaction 
plane is situated at a greater distance from 
the electrode surface than the Helmholtz 
outer plane. 

The kinetic parameters of Zn(II) / Zn(Hg) 
electrode reaction in aqueous solution con- 
taining perchlorate, nitrate, chloride, and 
bromide ions were measured at different 
temperatures (5-50°C) [35]. The Arrhe- 
nius activation energy and thermodynamic 
parameters for the Zn(II)/Zn(Hg) system 


-E E 
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Fig. 1 Plots of In kf versus potential for the Zn (I I) reduction in concentrated NaCIC >4 
supporting electrolytes. The molarity of NaCIC >4 is indicated at each curve [34], 
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were determined from the temperature 
dependence of the rate constant and equi- 
librium potential, respectively. Empirical 
correlations between some pairs of ki- 
netic and thermodynamic quantities were 
observed. 

Hendrikx et al. [36] investigated the re- 
action kinetics and mechanism of zinc and 
amalgamated zinc electrode in KOH solu- 
tions in the concentration range 1.5-10 M 
using galvanostatic methods. On the basis 
of Tafel slopes and reaction orders for 
OH - , the following rate determining step 
(rds) in anodic and cathodic processes was 
postulated: 

Zn(OH) 2 “ + OH - ± > Zn(OH) 3 - 

+ e - (4) 


The obtained results are in agreement with 
the mechanism suggested by Bockris and 
Nagy [37]. 

Sluyters and coworkers [38] have stud- 
ied the catalytic influence of adsorbed 
iodide ions on the electroreduction of 
Zn(II) on the mercury electrode. It was 
found that the charge-transfer process 
proceeds through two consecutive one- 
electron transfer steps. Logarithms of the 
rate constant of both steps are linearly 
dependent on the amount of adsorbed 
iodides (Fig. 2). The experimental data 
were compared with the existing theoreti- 
cal anion-binding model used to describe 
the observed results. 

The Zn(II)/Zn(Hg) was also studied 
at dropping mercury microelectrodes. 



Fig. 2 The relationship between the electroreduction rate constant of Zn (II) and the 
amount of specifically adsorbed anion obtained at constant potentials in x M Nal + (1 -x) 
M NaCIC >4 electrolyte [38], The potentials are indicated at each curve. 
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Kinetic parameters were found similar to 
those obtained with classical mercury elec- 
trodes [39]. 

Using the dropping zinc amalgam mi- 
croelectrode, detailed kinetic data were 
obtained [40], and the two consecutive 
electron transfers followed by a chemi- 
cal reaction (EEC) mechanism of Zn(II) 
reduction could be revealed. 

Dropping indium and thallium amalgam 
electrodes [41] were used to determine ki- 
netic parameters of Zn(II) reduction as 
a function of the amalgam composition. 
The formal potentials were shifted to more 
negative values with increasing thallium 
and indium amalgam concentrations. 

The reduction of Zn(II) from 1 M 
NaCl 04 in the presence of 1 mM HCIO 4 
was studied at the dropping gallium and 
mercury electrodes [42]. Zn(II)/Zn(Ga) 
waves were obtained after subtraction of 
the H 3 O+ reduction current recorded in 
the absence of Zn(II)/Zn(Ga) couple. 

Reduction of Zn(II) on the above 
mentioned electrodes [40-42] proceeds 
via the same two-step electron transfer 
mechanism that was established earlier at 
mercury [34]. 

The redox equilibria of the amalgamated 
zinc electrode in unsaturated and saturated 
zincates solutions were studied in the 
cell [43] 

Zn(Hg)|KOH(o) + H 2 0(a) + zincate| 
KOH(fl r ) + H 2 0(t/ r )|Hg, HgO (5) 

where a is the activity of species in the 
working compartment and a r is the activity 
of species in the reference compartment 
solutions. It was found that the equilib- 
rium potential of the amalgamated zinc 
electrode first increases and then decreases 
with increase of zincates concentration in 
the solutions. The influence of zincates 
concentration and its activity coefficient 


on the equilibrium potential of the amal- 
gamated zinc electrode were discussed. 

Temperature effect on the electrode- 
position of zinc on the static mercury 
drop electrode (SMDE) and glassy car- 
bon (GC) electrode was studied in acetate 
solutions [44]. From the obtained kinetic 
parameters, the activation energies of 
Zn(II)/Zn(Hg) process were determined. 

Quantum chemical calculations con- 
cerning reduction of the Zn(II) aqua 
complexes on metal electrodes were also 
presented [45]. 

24.1 .2.2 Electrochemistry in Water-organic 
Solvent Mixtures 

Kinetic parameters of zinc electrode pro- 
cesses in water-organic mixtures depend 
strongly on the composition of the surface 
layer, which is modified by the adsorption 
of organic solvent on the electrode and 
also on reactant solvation [46], which is 
changing with a solvent composition. 

The electrode behavior of the Zn(II)/ 
Zn(Hg) system was investigated in 
mixtures of water with several or- 
ganic solvents - A,A-dimethylformamide 
(DMF) [47], dimethylsulfoxide (DMSO) 
[48-50], hexamethylphosphortriamide 
(HMPA) [51, 52], l,3-dimethyl-3, 4,5,6- 
tetrahydro-2 ( 1 H ) -pyrimidinone ( D M P U ) 
[53], ethylene glycol [54], and 1,2- 
propanediol [55]. The obtained values of 
Gibbs energies of transfer (AGtr) of Zn(II) 
ion from water to water-organic mixtures 
are negative in the case of mixtures with 
DMF [47], DMSO [48], DMPU [53], and 
HMPA [51]. This suggests that Zn(II) ions 
are preferentially solvated by the organic 
components of these mixtures. 

In the mixtures of water with sol- 
vents that are characterized by donor 
numbers (DN) higher than that of wa- 
ter, such as DMF, DMPU, DMSO, and 
HMPA, the rate of the electrode process 
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Fig. 3 (a) Adsorption isotherms of organic solvents on the mercury electrode at the formal potential 

of the Zn(ll)/Zn(Hg) system: (l-»-) HMPA, (2-x-) DMPU, (3- A-) DMSO. (b) Dependence of the 
standard rate constant of the Zn(ll)/Zn(Hg) system on the mixed solvent composition: (1) HMPA + 
water, (2) DMPU + water, (3) DMSO + water mixtures [53], 

of the Zn(II)/Zn(Hg) system decreased at In the mixtures of water with organic 
concentrations corresponding to the ris- solvents of lower than water donicity 
ing part of adsorption isotherm of the such as water -methanol [56, 57] and wa- 
organic component of the mixture on ter-ethanol [58], the rate constant of the 
the mercury electrode (see Fig. 3) [53]. In Zn(II)/Zn(Hg) system changes nonmono- 
these mixtures the following equation was tonically with solvent composition and 
obeyed exhibits a minimum for such concentra- 

tion of organic component in the mixture, 
k s = k w (l — 9) a + k so i& h (6) at which the Zn(II) ions are solvated 

by water molecules but the electrode is 
where k s , k w , and k so \ denote the standard already solvated by the organic solvent, 
rate constants in mixtures, water, and The influence of the composition of such 
organic solvent respectively, and a and mixtures on the rate of the Zn(II)/Zn(Hg) 
b denote the number of molecules of electrode processes was described by the 
water and organic solvents, respectively, equation [56, 57, 59] 
that interact with one reactant ion when it 

is penetrating the surface layer. c s = c b exp[— AG tI /RT] = c h P (7) 



where c s and c b are the reactant concen- 
trations in the surface and bulk phase 
respectively, and P is the partition coef- 
ficient of the reactant between bulk and 
surface phase. 

The influence of concentration and type 
of supporting electrolyte [49, 52] and also 
temperature [50] on the Zn(II) electrore- 
duction was investigated in water-DMSO 
and water-HMPA mixtures. The change 
of kinetic parameters under the influence 
of these factors was similar to that observed 
in pure aqueous solutions. 

The influence of TU on the electrore- 
duction of Zn(II) at the mercury elec- 
trode has been investigated in several 
water-organic solvent mixtures. It was 
found that in water-DMSO 1 M NaCl 04 
solutions [60-63], the presence of TU 
in the solutions accelerated the rate of 
Zn(II) electroreduction. This accelerating 
effect was lower at higher DM SO con- 
tent in the mixture. The acceleration of 
the Zn(II)/Zn(Hg) electrode process is 
connected with the structure of the pri- 
mary solvation shell of Zn(II) ions [61]. 
The kinetics of Zn(II) electroreduction in 
water-DMSO mixtures containing 1 M 
NaCl 04 and TU was also investigated 
as a function of temperature [62]. The 
diffusion coefficients, formal potentials, 
standard rate constants, and the real activa- 
tion energy of the electrode reaction were 
determined. The presence of TU decreased 
the values of real energy of activation in all 
investigated solutions. 

The influence of TU on Zn(II) elec- 
troreduction at the mercury electrode was 
also investigated in mixtures of water 
with DMF [63, 64], methanol [62, 63, 65], 
ethanol, and acetone [66, 67] with NaCl 04 
as a supporting electrolyte. In all these mix- 
tures, the rate of Zn(II)/Zn(Hg) process 
was accelerated by adsorbed TU molecules. 
It was postulated that the composition 
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of the activated complex formed on the 
electrode plays the dominant role in the 
acceleration of the electrode processes. 

The kinetics of Zn(II) electroreduction 
in water -methanol mixtures containing 
1 M NaClC >4 and TU was also investigated 
as a function of temperature [62]. The 
values of activation energy of Zn(II) 
electroreduction in these mixtures reached 
a maximum in the solution with 20 vol % 
of methanol. The apparent and true rate 
constants of the first and second electron 
charge transfer of Zn(II) electroreduction 
on Hg electrode in aqueous solution, and 
in the mixtures of water with methanol 
91 vol %, DMSO 70 vol %, and DMF 90 
vol % containing TU were estimated [63]. 

The data have shown acceleration of Zn(II) 
electroreduction in examined solutions. 

Very high catalytic influence of TU was 
observed in the mixtures in which Zn(II) 
ions were specifically hydrated. 

The influence of p-toluidine [68], 1,5- 
diaminonaphthalene (DAN), and N,N'- 
diphenylthiourea (DFTU) [69] in water- 
organic mixtures on the two-step 
electroreduction of Zn(II) was also exam- 
ined. The presence of p-toluidine accel- 
erated the first electron transfer in water 
—90 vol % DMF and water —91 vol % 
methanol [68]. DAN and DFTU had no 
effect on Zn(II) electroreduction in aque- 
ous solutions but they also catalyzed this 
process in water-methanol mixtures [69]. 

24 . 1 . 2.3 Electrochemistry in Nonaqueous 
Solvents 

The behavior of the Zn(II)/Zn(Hg) sys- 
tem in nonaqueous solvents containing 
tetraalkylammonium perchlorate ions was 
presented in works [70-73]. The data show 
that the standard rate constant, k s , in DMF 
and DMSO [70] solutions changes with 
size of the electrolyte cation in the order 
k s (TPA+) > k s (TBA+) > k s (TEA+); k s 
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values also become lower with increasing 
concentration of the electrolyte [70, 71]. 
The rate of the reaction for a given support- 
ing electrolyte is always lower in DMSO 
than in DMF. It is connected with a 
stronger solvation of Zn(II) ions by DMSO 
than by DMF. In DMSO solutions [71] 
the dependence of the logarithm of the 
rate constant on the electrode potential 
indicated a two-step process. The possi- 
ble mechanisms were discussed, namely, 

(1) two one-electron reduction processes 
and (2) cation transfer through the double 
layer. 

The electrochemical rate constants of the 
Zn(II)/Zn(Hg) system obtained in propy- 
lene carbonate (PC), acetonitrile (AN), and 
HMPA with different concentrations of 
tetraethylammonium perchlorate (TEAP) 
decreased with increasing concentration of 
the electrolyte and were always lower in AN 
than in PC solution [72]. The mechanism 
of Zn(II) electroreduction was proposed; 
in PC and AN the electroreduction process 
proceeds in one step. In HMPA, the Zn(II) 
electroreduction on the mercury electrode 
is very slow and proceeds according to 
the mechanism in which a chemical re- 
action was followed by charge transfer in 
two steps (CEE). The linear dependence of 
logarithm of heterogeneous standard rate 
constant on solvent DN was observed only 
for values corrected for the double-layer 
effect. 

The electrode kinetics of the Zn(II)/ 
Zn(Hg) system was investigated in PC 
+ DMSO mixtures [73] containing 0.1 M 
TEAP. It was found that the log k scon 
varies linearly with the Gibbs energy of 
transfer of the Zn(II) ion. 

Anastopoulos [74-76] has investigated 
the inhibition of the Zn(II) electroreduc- 
tion in organic solvents. The electroreduc- 
tion of Zn(II) on the mercury electrode 
was inhibited by the adsorbed molecules 


of triphenylphosphine oxide (TPO) in PC 
and AN [74, 76] andformamide [75, 76] so- 
lutions. The reaction rate decreased with 
increasing electrode coverage, 6, by TPO 
molecules. The dependences of In kf on 
In (1-0) at constant potential were lin- 
ear [74] with different slopes, r^. The size 
parameter, r^, of the activated complex 
was changing from 3.0 to 5.5. It was con- 
cluded that the most probable mechanism 
for electroreduction Zn(II) on the mer- 
cury electrode in AN, PC, and formamide 
solutions is the ion transfer-adsorption 
mechanism. 

24. 1.2.4 The Influence of Organic 
Compounds on the Electrode Processes 

The organic substances adsorbed on the 
mercury electrodes exert either inhibiting 
or catalytic influence on the process 
of Zn(II)/Zn(Hg) system. The inhibiting 
influence was observed in the presence 
of butyl acetate [77] and was dependent 
on the electrolyte concentration probably 
owing to the “salting-out” effect. 

The catalytic influence of several organic 
substances on the electrode process of the 
system Zn(II) / Zn(Hg) was investigated in- 
tensively. In the presence of anthranilic 
and thiosalicylic acids [78], the rate con- 
stant of the first electron transfer k s \ 
increased with increasing surface concen- 
tration of acids, while the rate constant 
of the second electron transfer decreased. 
The catalytic effect of thiosalicylic acid is 
higher than that of anthranilic acid. 

In the presence of TU [79, 80], the 
rate constant of Zn(II) electroreduction 
changes nonmonotonically with surface 
concentration of TU and a maximum was 
observed for Tfu = 3 x 10~ 7 mol m -2 . 
The accelerating effect of TU was larger at 
more negative potentials. The adsorbed TU 
molecules accelerated the first and second 
electron transfer. The activation enthalpies 
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of both steps were determined from the studied [87-90]. «-Butanol (BU) is an 
measurements at different temperatures. inhibitor of the Zn(II)/Zn(Hg) electrode 
The catalytic effect of AhiV'-dial- process, whereas TU accelerates this 
kylthioureas on Zn(II) electroreduction process [87]. With the increase of TU 
was also observed by Dalmata [81]. In concentration, the standard rate constant 
this case, the rate constant of the first values increased to the maximum value 
electron transfer increased with increasing of 0.1 cm s _1 , which is reached at the 
concentration of AhfV'-dialkylthioureas, concentration of 0.33 M TU. When BU 
whereas the rate constant of the second was added to TU solutions, the rate of the 
electron transfer was largely dependent on Zn(II) / Zn(Hg) process decreased. For the 
the double-layer effect. molar concentration ratio [BU]/[TU] ~ 12, 

The studies on catalytic influence of di- the inhibition was compensated by the 
aminotoluene isomers on zinc reaction accelerating effect. 

have shown the highest accelerating effect A similar influence was observed for 
for 3,4-diaminotoluene [82-85]. The dif- mixed adsorption layers of BU/toluidine 
ference in catalytic activity of these isomers isomers [88, 89]. 

resulted from the difference in complex The obtained values of true standard rate 

formation with Zn(II) ions because the ad- constants of transfer of the first electron, 
sorption properties of these isomers on the k' s v and second electron step, lc' s 2 , show 
mercury electrode are similar [82, 84]. Two that the charge transfer in the first step is 
steps of Zn(II) electroreduction were pos- stronger accelerated by toluidine than the 
tulated in the presence of diaminotoluene second one [89]. Greater catalytic activity 
isomers, with the first electron transfer as of p-toluidine compared with m -toluidine 
a rate-determining step. The influence of was observed (see Fig. 4). 
diaminotoluene isomers and pH on this In the presence of poly(ethyleneglycols) 
electrode process was studied in acetate (PEG)-TU layers [90], the Zn(II)/Zn(Hg) 
buffers [86], process could be accelerated by TU, 

The influence of mixed adsorption layer inhibited by PEG, or the compensation 
on the Zn(II) electroreduction was also of these effects could occur depending on 



Fig. 4 Natural logarithms of corrected rate constant versus <t> r forthe Zn(ll)/Zn(Hg) system in 
1 M NaCIC >4 + 0.1 1 M n-butanol and various concentration of (a) m-toluidine, (b) p-toluidine [89]. 
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the ratio of the molar concentrations of 
PEG to TU. 

The quasi-reversible electroreduction 
processes of Zn(II) in the absence and 
in the presence of A.A'-dimethylthiourea 
(DMTU) were quantitatively compared by 
Sanecki [91]. It has been shown that in the 
presence of DMTU enhanced response 
of cyclic voltammetry and normal pulse 
polarography was complex and could be 
resolved into its regular reduction part and 
a part caused by the catalytic influence of 
adsorption of organic substance. 

24.1.2.5 The Electrochemical Properties 
of the Zinc Complexes 

The early electrochemical studies of Zn(II) 
complexes with inorganic ligands were 
reviewed in Volume 5 of the Encyclope- 
dia [92]. In this part, only the later studies 
are covered. 

Kinetics and mechanism of electrore- 
duction of Zn(II) ammonia and hydroxy- 
ammonia complexes on the DME were 
investigated by Kravtsov and cowork- 
ers [93]. The reduction of Zn(II) on 
DME in solution of pH 9.2-12 and 
[NH3] = 0.05-2 M occurred in one irre- 
versible diffusion-limited cathodic wave. 

In dilute supporting electrolyte, the max- 
imum on the polarographic waves was 
observed, which is connected with accu- 
mulation of insoluble reduction product 
on the electrode surface. The apparent 
rate constant for cathodic reduction pro- 
cess of ammonia complexes of Zn(II) was 
obtained. 

The equilibrium potentials of saturated 
zinc amalgam were determined [94] as a 
function of concentration of free ethylene- 
diamine in the solutions of pH 9.5, 10.5, 
and 11.5. The stability constants of com- 
plexes with different compositions, which 
were formed, have been estimated. 


The effect of ligands on the character 
and degree of the inner-sphere reorgani- 
zation during electroreduction of aqua-, 
aquahydroxy-, hydroxy-, and ethylene- 
diamine tetraacetic acid (EDTA) com- 
plexes of Zn(II) [95] and electrochemical 
process of Zn(II) complexed by diff- 
erent ligands - glycinate [96], ethanol 
amine [97], azinyl methyl ketoximes [98], 
aspartame [99], glutathione [100, 101] and 
several cephalosporin antibiotics [102] - 
were studied at mercury electrodes in 
aqueous solutions. 

The polarographic method has been 
used to determine the stability constants 
and kinetic parameters of ternary com- 
plexes of Zn(II) with L-lysine, L-ornithine, 
L-serine, L-phenylglycine, L-phenylalanine, 
L-glutamic acid, and L-aspartic acid as pri- 
mary ligands and picoline as secondary 
ligand at pH 8.5 [103] and also of zinc 
complexation by extracellular polymers ex- 
tracted from activated sludge [104]. 

Zn(II) complexes with glycine, V-acetyl, 
and A -benzoyl glycine were investigated in 
DMSO, CH3CN, and DMF solutions [105], 
Voltammetric study of the redox chemistry 
of 2,3-dihydroxy-quinoxaline and its zinc 
complexes in nonaqueous medium was 
also presented [106]. 

Metal ions, especially Zn(II), play an 
important role in many enzyme-catalyzed 
reactions involving nucleic acids, such as 
DNA cleavage by zinc nuclease. There- 
fore, the binding of Zn(II) to a 19-mer 
double-stranded oligodeoxyribonucleotide 
was investigated to understand the role of 
zinc in DNA cleavage catalyzed by mung 
bean nuclease [107]. 

Also, the electrochemical behavior 
of copper-zinc superoxide dismutase 
(Cu2Zn2SOD) [108] and porcine superox- 
ide dismutase (PESOD) [109] were studied 
on the mercury electrode. 



Metallothioneins (MT), low molar mass 
proteins, have been studied electrochemi- 
cally alone and in the presence of Cd(II) 
and Zn(II) ions [110-115]. The electro- 
chemical behavior of zinc MTs from rabbit 
liver, with respect to solution pH , as well as 
the influence of the addition of zinc [116] 
and also zinc MT from rat liver, was 
investigated [117] using electroanalytical 
techniques. Studies of complexing prop- 
erties of the alpha-MT with Zn(II) were 
carried out using differential pulse po- 
larography [118]. 

The Zn(II) complexes with acetyl- 
acetone - Zn(acac) 2 , Zn(OEt) 2 (acac) 2 , 
Zn(OBu) 2 (acac) 2 , and also Zn(OR )2 
[119] as well as binuclear bis{ 1- 
phenylglyoxal bis ( 3 -piperidylthiosemicar- 
bazone) Zn(II)}, [Zn(C 2 oH 26 N 6 S 2 )] 2 , 
complexes [120] were synthesized electro- 
chemically using zinc metal as an anode. 

The series of Zn(II) complexes with 1- 
amidino- 3-aryl-substituted-thioureas [121], 
acetamidomalondihydroxymate [122], 
benzilbisthiosemicarbazone [123], novel 
fluorene-substituted terpyridine [124], per- 
fluoroalkoxy-substituted phthalocyanine 
[125], and 3-carboxylacetonehydroxamic 
acid [126] were synthesized. The beha- 
vior of these complexes was investi- 
gated by spectroscopic and electrochemical 
methods. 

The preparation of a novel pentadentate 
ligand, 2-hydroxy-5-methylisophthalalde- 
hyde bis(p-methoxy thiobenzoylhydra- 
zone), was described together with the 
chloro-bridged Zn(II) complexes [127]. 
Synthesis and electrochemical properties 
of some long-chain 1,4,8,11,15,18,22,25- 
octa-alkylated metal-free and zinc phtha- 
locyanines were presented by Swarts 
et al. [128]. The zinc derivatives show 
higher liquid crystalline behavior than the 
free-metal compounds. 
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In the last three decades, the com- 
plexes formed with macrocyclic ligands 
were intensively studied. The thermody- 
namic data of Zn(II) -macrocyclic com- 
plexes were collected and presented by 
Izatt et al. [129-131]. Examples of studies 
of Zn(II) complexes with macrocyclic lig- 
ands were described ( [132-137] and works 
cited therein). 

Macrocyclic ligands of biological impor- 
tance as thiophenolate-containing Schiff- 
base macrocycles and their amine analogs 
(see review [138]) and new helical com- 
plexes with bis(bidentate) Schiff-base lig- 
and [139] were also described. 

The metalloporphyrins were very 
intensively studied and their properties are 
presented in monographs [140-142]. The 
synthesis and properties of Zn(II)-por- 
phyrin complexes are presented in selected 
works [143-154]. 

24 . 1 . 2.6 Properties of Zinc Oxide Electrode 

A number of works are devoted to the elec- 
trochemical preparation of ZnO, which 
may have application in photocatalysis, 
ceramics, piezoelectric transducers, chem- 
ical sensors, photo voltaics, and others. 

ZnO has the same band-gap energy as 
Ti 02 , and the oxygenation capacities for 
both compounds should be similar. Ya- 
maguchi etal. [155] prepared photoactive 
zinc oxide films by anodizing a zinc plate. 

Such films could decompose gaseous ac- 
etaldehyde with the aid of black lights. 

Izaki [156] has developed the two-step 
electrolysis technique in order to prepare 
a transparent and conductive ZnO film. 

Pauporte and Lincot [157, 158] have de- 
veloped the preparation of zinc oxide thin 
films by cathodic deposition at 70° C from 
chloride aqueous solutions with dissolved 
zinc(II) chloride and hydrogen peroxide. 

Potential modulation method in elec- 
trodeposition of ZnO on indium tin oxide 
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(ITO) electrode was used by Lee and 
Tak, [159]. Zinc oxide with strong pho- 
toluminescence at room temperature was 
prepared by electrolyzing a zinc plate in 
ethanol solution [160]. The particles of 
ZnO were initially suspended in the solu- 
tion and later deposited on the Pt cathode 
by electrophoresis. A similar method was 
used by Tang et al. [161] 

ZnO thin films doped with In or Al were 
electrodeposited at a constant potential at 
80°C from aqueous solutions of Zn(N0 3 )2 
with InCl 3 or A1(N0 3 ) 3 [162], 

ZnO-based organic (eosin) inorganic hy- 
brid semiconductor compounds have been 
grown heteroepitaxially in one step at low 
temperature by a simple electrochemical 
method from an oxygenated zinc chloride 
aqueous solution [163]. 

Karappuchamy et al. [164] have de- 
scribed cathodic electrodeposition of 
porous ZnO thin film modified with the 
dye in an aqueous solution of zinc nitrate 
and riboflavin 5’-phosphate. 

The surface morphology of films was 
dependent on the dye concentration, 
suggesting its strong interaction with the 
growing surface of ZnO. 

Recently, the mechanism of cathodic 
electrodeposition of ZnO thin films from 
aqueous Zn(N0 3 )2 baths has been studied 
using a rotating disc electrode [165], Non- 
electrochemical methods of preparation of 
ZnO were also described, but they are not 
covered in this review. 

Photocurrent generation was observed 
after illumination of the cell with ZnO 
electrode; see for instance, Refs 166-169. 

24.1.2.7 Electrode Processes in Molten 
Salts 

The combination of quaternary ammo- 
nium chloride salt, such as l-ethyl-3- 
methylimidazolium chloride (EMIC), with 


anhydrous metal chlorides generally pro- 
duces molten salts that exhibit a melt- 
ing point much lower than that of the 
conventional inorganic molten salt sys- 
tems [170, 171]. The low melting tem- 
peratures of such molten salt systems 
make them easier to handle, and these 
molten salts can be very useful for 
the electrodeposition of pure metals and 
alloys. Studies on electrodeposition of 
zinc have been carried out in acidic 
A1C1 3 -EMIC melt [172] and in acidic 
Al B r 3 - dimethylethylphenylammonium 
bromide (DMEPB) melt [173]. While good 
zinc deposits could be obtained from 
the acidic AlCl 3 -EMIC melt [172], alu- 
minum was codeposited with zinc from 
the AlBr 3 -DMEPB melt [173], 

The electrodeposition of zinc on poly- 
crystalline Au, Pt, and tungsten electrodes 
was preceded by underpotential deposi- 
tion (UPD) [172]. The formal potential of 
Zn(II)/Zn(0) couple and diffusion coeffi- 
cient of Zn(II) were also determined [172]. 

The mixtures of ZnCl 2 -EMIC also ex- 
hibit a lower melting temperature than the 
conventional inorganic molten salts. The 
Lewis acidity of ZnCl 2 -EMIC ionic liquid 
can be adjusted by varying the molar ratio 
of ZnCl 2 to EMIC [174]. The ionic liquids 
that have a ZnCl 2 mole fraction higher 
than 33 mol % are acidic because there are 
not enough chloride ions to fully coordi- 
nate with Zn(II). The melts containing less 
than 33 mol % ZnCl 2 are basic. In such 
liquids, the major zinc species is proba- 
bly ZnCh 2- . Underpotential deposition of 
zinc was observed on Pt and Ni electrodes 
in acidic liquids. 

The electrodeposition of zinc on 
GC, nickel, and tungsten electrodes 
was investigated in ZnCl 2 - EMIC, and 
A1C1 3 -EMIC [175, 176].Thenucleationon 
GC required a larger overpotential than on 
the other used electrodes. The addition of 



PC [175] or benzene [176] as a cosolvent 
in the plating solution hinders the zinc 
nucleation. 

The zinc electrodeposition on Au(lll) 
from molten salts containing 58-42 mol % 
AICI 3 - l-methyl-3-butylimidazolium chlo- 
ride (MBIC) and 1 mM Zn(II) was in- 
vestigated also using scanning tunneling 
microscopy (STM) [177]. In the underpo- 
tential range, three successive Zn mono- 
layers were resolved, and the thickness of 
the Zn layers in the UPD range had a value 
of 2.4 ± 0.2 A. 

The influence of ethylene glycol 
and water content on the zinc 
electrodeposition from ZnBr 2 -l-ethyl- 3 - 
methylimidazolium bromide (EM IB) was 
investigated [178]. The structure of the 
deposits was dependent on the mole ratio 
of ZnBr 2 to EMIB, water concentration, 
and presence of ethylene glycol. 

The zinc electroreduction investigated 
[179] in urea-chlorides melts was found to 
be reversible with two-electron transfer. 

In ZnC^-EMIC (1:1) melt containing 
Cu(I), the electrodeposition of Cu-Zn 
alloys on tungsten and nickel electrodes 
was carried out [180]. The composition 
of the Cu-Zn deposit was changed by 
deposition potential, temperature, and 
Cu(I) concentration in a plating bath. 

Zinc telluride was obtained by deposi- 
tion on the nickel electrode from 40 to 
60 mol % ZnCl 2 -EMIC melt containing 
Te(IV) and PC [181]. The composition of 
the Zn-Te deposits was dependent on the 
deposition potential and Te(IV) concentra- 
tion in the plating solution. 

Electrodeposition of Zn-Co alloys on Ni, 
W, and GC electrodes from 40 to 60 mol % 
ZnCl 2 -EMIC melt containing Co(II) was 
investigated [182]. X-ray measurements 
indicated that Zn-Co alloy deposits with 
low zinc content are amorphous and 
the crystalline nature of Zn-Co alloys 
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increases as the zinc content in deposits 
rises. 

The Zn-Cd alloys were obtained from 
ZnCl 2 -EMIC melt containing Cd(II), dur- 
ing reduction on Pt, Ni, or W electrodes 
at the potentials sufficient to reduce Zn(II) 
to metal [183]. The composition of Zn-Cd 
alloys was dependent on the deposition 
potential, temperature, and Cd(II) concen- 
tration. 

The same researchers [184] studied elec- 
trodeposition of Zn-Sn alloys on tungsten 
and GC electrodes from ZnCl 2 -EMIC 
ionic liquid containing Sn(II). The Zn-Sn 
codeposits consist of two-phase mixtures 
of Zn and Sn. 

Also, the Pt-Zn electrodeposition on 
tungsten electrode was studied in ZnCl 2 - 
EMIC melts containing Pt(II) [185]. The 
morphology of Pt-Zn alloys is dependent 
on the deposition potential and Pt(II) 
concentration in the plating solution. 
Pt-Zn alloys were also obtained on the 
electrode surface when Zn(II) was reduced 
on Pt electrode. 

For Zn-Mg alloys in ZnBr 2 -EMIB- 
ethylene glycol melts [186] and ZnBr 2 - 
EMIB-glycerin containing Mg(II) [187], 
the grayish metallic colored electrode- 
posits were obtained. The Mg content in 
Zn-Mg electrodeposits varied from 12 to 
25 mol % [187]. 

Zn- Fe alloys were deposited and studied 
on the nickel electrode in ZnC^-EMIC 
melts [188]. The composition of Zn-Fe 
alloy was also dependent on the deposition 
potential and Fe(II) concentration in the 
plating solution. 

The electrolysis of a mixture of ZnCh 
with alkaline chlorides and the effect of 
different elements were investigated as 
a method to extract zinc from ores and 
industrial wastes. The studies on electroly- 
sis of ZnCl 2 in molten ZnCl 2 -KCl-NaCl 
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chlorides at 450°C have shown ohmic lim- 
itations [189]. The energy consumption is 
to a large extent determined by the anodic 
process of chlorine evolution. 

24.1.3 

Deposition and Underpotential Deposition 
of Zn on Solid Electrodes 

24.1.3.1 Underpotential Deposition 
of Zinc 

There was significant interest in zinc UPD, 
since zinc plays a major role in plating 
technology. Underpotential deposition of 
zinc in acidic solutions on polycrystalline 
Pt electrode was shown by using cyclic 
voltammetry [190]. Later, Zn UPD was also 
demonstrated on Au and Pd electrodes in 
acidic and alkaline solutions [191, 192]. 

In recent years, there have been a 
number of works on Zn UPD on single- 
crystal electrodes. 

UPD of various metal ions is accom- 
panied by the adsorption of anions. Evi- 
dently, such additional adsorption makes 
stoichiometric calculations based on the 
determined charge value misleading. 

24.1.3.1.1 Zn UPD on Pt Underpoten- 
tial deposition of zinc was observed on 
Pt( 1 1 1 ) in alkaline solution as a sharp cyclic 
voltammetric (CV) peak, in contrast to the 
behavior on polycrystalline Pt, when sev- 
eral broad UPD peaks were observed [193], 
The changes of the peak potential with 
concentration of ZnC> 2 2- were equal to 
60 mV/log [ZnC> 2 2_ ] and led to the appar- 
ent electron transfer number n a = 1 . 

This value is discussed in terms of two- 
electron transfer when Zn 2+ is reduced to 
free zinc on Pt(lll) surface with a true 
electron transfer number of n = 2. Also, 
induced adsorption of OH - ions takes 
place to give OH ads in an oxidative process. 


Therefore, the overall UPD process may 
be represented by the reaction 

Pt(lll) 

ZnC> 2 2_ + 2 H 2 O + e~ < > 

OH ads / Zn UPD / Pt + 30H- ( 8 ) 

to give the apparent electron transfer 
number « a = 1 . 

The UPD of Zn on Pt(lll) electrode in 
phosphate solutions (pH 4.6 or 3.0) was 
studied by Aramata and co workers [194] 
in the presence of adsorbed anions. In 
phosphate solutions, the Zn UPD obeyed 
the Langmuir adsorption mechanism. On 
the addition of 10 ~ 3 M Br _ ions, the 
Zn 2 + ion UPD potential shifts 120 mV 
to more negative values. The desorption of 
specifically adsorbed anions is suggested 
to trigger the UPD of Zn. 

The effect of adsorbed anions on Zn 
UPD has been studied using CV [195] in 
0.1 M KH 2 PO 4 of pH 4.4 with and in the 
absence of halide ions. The charge transfer 
to Zn 2+ was initiated near the desorption 
potential of adsorbed anions. The Zn UPD 
potentials moved to more negative values 
following the order of the anion adsorption 
strength H 2 PO 4 - < Cl - < Br~ < I - . In 
the presence of Br“ and 1“ ions, the CV 
peaks were narrower than in the presence 
of Cl - or H 2 PC> 4 _ anions. The number of 
transferred electrons to one Zn 2+ ion was 
estimated to be about two by correlating 
with the number of electrons for the anion 
discharge with and without Br“ ions. 

The specific adsorption of H 2 PO 4 - ions 
that accompany the UPD of Zn 2+ ions 
on Pt (platinized electrodes obtained by Pt 
electrodeposition on the gold-plated plastic 
foil) electrodes was studied by using a 
radiotracer method with 32 P phosphate 
species in the presence of a great excess 
of C10 4 “ ions [196]. It was found that 
the specific adsorption of species induced 



by Zn adatoms depends on the pH 
value and at constant potential on Zn 2+ 
concentration. 

The same authors [197] have studied 
the specific adsorption of other anions, 
which accompany the Zn UPD on Pt 
electrodes. Again, radiotracer technique 
with 35 S-labeled sulfate and 36 Cl-labeled 
chloride ions has been used. It was found 
that sulfate ions adsorb on the top of Zn 
adatoms, and the adsorption strength of 
Cl - ions on the Zn adlayer is significantly 
lower than that of HSO 4 - (SO 4 2- ) ions. 

Comparative studies of Zn UPD on 
Pt(lll) and Au(lll) electrodes were 
carried out with consideration of the anion 
adsorption/desorption process [198]. 

In the case of Zn UPD, the number of 
electrons transferred, n, was two, which 
implies that adsorbed anions are desorbed 
in the UPD region and readsorbed on the 
UPD metal in a similar amount. 

Underpotential codeposition of Cu 2+ 
and Zn 2+ at Pt(lll) was examined using 
voltammetry [199]. In phosphate solutions 
of pH = 4.5, the codeposition of Cu 2+ 
and Zn 2+ was found to occur when Cu 2+ 
concentration was lower than that of Zn 2+ 
ions. 


Fig. 5 Cyclic voltammograms of the 
Zn (II) /Zn system obtained at 1 mV s _1 
on Au(l 1 1) in the solutions with 
0.1 M K 2 H 2 PO 4 , 1 mM Zn (II), and 
various Kl concentrations [201], 
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24.1.3.1.2 Zn UPD on Au In the case of 
Au(lll) [198], specifically adsorbed anions 
are not present in the UPD region, and 
the value « a equal to one was explained 
by the anion adsorption on the UPD Zn 
by the oxidative process. 

The UPD of Zn 2+ on Au(lll), Au(100), 
and Au(110) was studied in phosphate 
buffer with addition of NaCl 04 and 
NaCl [200]. The apparent number of elec- 
trons transferred in the UPD process was 
nearly one, irrespective of the single-crystal 
face. Although UPD shift potential A£ p 
was independent of the kind of solutions, 
the CV characteristics were altered in dif- 
ferent solutions. In NaCl solutions, two 
UPD peaks appeared in contrast to the case 
of phosphate and perchlorate solutions. 

The influence of anion adsorption on Zn 
UPD on Au(l 1 1) was further studied in the 
presence of halide ions [201]. The order 
of the adsorption strength of the anions 
on Zn UPD was found to be different 
from that of specific adsorption on a 
substrate Au electrode C 1 C> 4 _ < SC> 4 2_ < 
PC> 4 3_ < Cl - < Br~ < I - . In phosphate 
solutions, chloride and bromide ions did 
not influence the Zn UPD, and iodide ions 
inhibited this process (see Fig. 5). 
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The UPD of zinc on Au(lll) in phos- 
phate solutions at pH 4.6 was also studied 
using the STM method [202]. It was shown 
that the oxidative adsorption of phosphates 
occurs on the UPD Zn at Au(lll) by the 
UPD-induced adsorption. 

24.1 .3.2 Zinc Electrodeposition on Solid 
Electrodes 

Various processes are generally involved in 
metals electrodepositions - ion transport, 
ion adsorption, nucleation and growth 
from adions, and multistep charge trans- 
fer [203-206]. The electrodeposition pro- 
cess can be perturbed by the presence of 
inhibiting species adsorbed at the elec- 
trode. The impedance spectroscopy was 
used for elaboration of the reaction mod- 
els accounting for the experimental data 
obtained during electrodeposition from 
various electrolytes. In alkaline solutions, 
the discharge of zincate ions takes place 
in multisteps [36, 37, 207, 208]. In acidic 
solutions, the electroreduction of Zn(II) 
ions proceeds in several steps with the 
participation of the intermediate adions 
Zn + a d [25]. Usually, small amounts of 
organic additives improve the homogene- 
ity and the surface state of the zinc 
deposit. 


24.1.3.2.1 Electrodeposition on Zn 
Electrodes Rezaite and Vishomirskis 
[209, 210] have investigated the effect of 
potassium cyanide on the electrodeposi- 
tion of zinc from zincate solutions on the 
Zn electrode. It is known that cyanide 
added to the zincate solution led to high- 
quality zinc coatings. The presence of KCN 
decreased the limiting current of Zn(II). 

The behavior of zinc and zinc oxide 
electrode in 5.3 M KOH in the presence 
of alkaline earth oxides, SnO, Ni(OH )2 
and Co(OH) 2 , was examined using cyclic 
voltammetry by Renuka et al. [211]. 

The aging behavior of the porous zinc 
electrode in 6 M KOH in the presence 
of different electrolyte additives such as 
ZnO, LiOH, and KF has been studied 
using cyclic voltammetry by Shivkumar 
et al. [212]. The mechanism of the elec- 
trode reaction in all these electrolytes was 
investigated. 

Wang et al. [213] investigated the effect 
of bismuth ion and tetrabutylammonium 
bromide (TBAB) on the dendritic growth 
of zinc in alkaline zincate solution on 
Zn electrode. It was found that this 
growth is inhibited by the synergistic 
effect of Bi(III) and TBAB at higher 
overpotentials. The zinc electrodeposits 



Fig. 6 Zi nc electrodeposits at ;; = —0.200 V (a) from the alkaline solutions, (b) from the alkaline 
solutions containing 0.1 g I -1 Bi (I II) [21 3], (c) as in b but with addition of 0.02 g I -1 TBAB. 
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obtained at the cathodic overpotential of zinc electrode with a smooth sur- 
equal to —200 mV in alkaline solutions face. A new autocatalytic mechanism 
with and without additives are presented was proposed [216] to explain these 
in Fig. 6. phenomena systematically. 

Using the rotating disk electrode, Seliv- The influence of Pb 2+ ions on the 
anov et al. [214] have investigated the zinc kinetics of zinc electrodeposition on Zn 
electrodeposition from zincate electrolyte electrode in acidic sulfate electrolyte was 
containing polyethylene polyamine. The discussed [217] in terms of a reaction 
limiting current density of [Zn(OH) 4 ] 2_ model involving hydrogen adsorption and 
ion diffusion through a film of zinc oxides evolution, a multistep mechanism for zinc 
and hydroxides is shown to be responsible deposition and the overall reaction for zinc 
for the formation of dark zinc deposits in dissolution. The strongly adsorbed Pb a( j s 
the potential range from —1.33 to —1.47 V. inhibited all the reactions taking place on 
The thermal phenomena - heat flux, the zinc electrode, 
heat quantity, and temperature gradient - The kinetics of zinc deposition on Zn 
occurring at the zinc electrode during the electrode from a concentrated ZnCl 2 + KC1 
electrolysis from aqueous solutions con- electrolyte containing commercial long- 
taining zinc salt were investigated [215]. chain polymer additives was investigated 
Zinc electrodeposition on zinc electrode using impedance spectroscopy [218], The 
with rough surface exhibited potential additive modifies the deposit morphology 
oscillations accompanied by fern-leaf- by changing some specific rates of the elec- 
shaped deposits, contrary to the case trode reaction surface steps (see Fig. 7). 



0-| ■ 1 r r - —I 1 1 ■ I 

-1.02 -1.04 -1.06 -1.08 -1.10 -1.12 

E vs Ag/AgCI 
[V] 


Fig. 7 Experimental steady state polarization curves ofZn(ll) electroreduction for various 
electrolytes: (SI) additive-free bath (1.6 M ZnCh + 5.3 M KCI); (S2) industrial bath (1.6 M 
ZnCh + 5.3 M KCI + long-chain polymer + pH buffer of pH 4.7); solution (S3) (1 .6 M ZnCh + 5.3 M 
KCI + long-chain polymer with the same additive at the concentration of 10~ 3 M in volume) [21 8]; 
t = 62°C. 
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Zhu et al. [219] have also investigated 
the influence of surfactants on the elec- 
trochemical behavior of zinc electrodes in 
alkaline solutions. In the presence of sur- 
factants, the dendrite growth is reduced 
and the zinc deposit is more uniform and 
compact. Therefore, perfluorosurfactants 
can be used for decreasing the corrosion 
of zinc batteries. 

The influence of the nonionic surfac- 
tant Forafac FI 110 on the kinetics of 
zinc deposition in sulfate or chloride solu- 
tions was investigated using voltammetry 
and impedance spectroscopy [220]. The 
additive slightly modifies the rate of the 
reactions corresponding to the adsorption 
and evolution of hydrogen on the zinc elec- 
trode, thus affecting very little the current 
efficiency of zinc deposition. The addi- 
tives (1) inhibit different steps of charge 
transfer leading to the zinc deposit and 
(2) modify the kinetic parameters of the 
slow reactions involved in the formation 
and destruction of the active sites for zinc 
deposition. 

The electrochemical properties of sec- 
ondary zinc electrodes after La addition 
(by the solid-phase diffusion method) 
have been investigated by Yang et al. [221]. 
The results showed that the La addition 
to the zinc electrode significantly im- 
proved the life cycle. After 80 cycles at 
100 mAg -1 , the zinc electrode with 0.5 
atom % La addition showed the best 
cyclic behavior. La addition significantly 
suppressed the corrosion behavior of sec- 
ondary zinc electrodes, and the growth 
of zinc dendrites was effectively inhib- 
ited and the formation of zinc deposition 
was changed. On the Zn electrode sur- 
face, La 203 /La( 0 H )3 was formed and this 
prevented the discharge products of zinc 
electrodes from dissolving in the alkaline 
electrolyte and suppressed the dendrite 
growth during charging. 


Similar results were obtained by Zhu 
et al. [222], who have investigated the 
influence of lanthanum and neodymium 
hydroxides on the properties of secondary 
alkaline zinc electrode. 

The kinetics of cathodic deposition and 
anodic dissolution of zinc on Zn or 
Pt electrodes in DMSO, DMF, and AN 
solution was investigated by Biallozor and 
Bandura [223]. 

24.1.3.2.2 Electrodeposition on Other 
Electrodes Trejo et al. [224] have investi- 
gated the influence of the zinc chloride con- 
centration on the zinc nucleation process 
on GC electrode in KC1 solutions under 
conditions close to those employed in com- 
mercial acid deposition baths for zinc. The 
results show that the nucleation process 
and the density number of sites are depen- 
dent on ZnCh concentration. The deposits 
are homogeneous and compact, although 
a change in morphology is observed as a 
function of ZnCl 2 concentration. 

Trejo et al. [225, 226] have also investi- 
gated the influence of several ethoxylated 
additives (ethyleneglycol and PEG poly- 
mers of different molecular weights) on 
the nucleation, growth mechanism, and 
morphology of zinc electrodeposited on 
GC from an acidic chloride bath. Results 
have shown that the presence of additives 
modifies the nucleation process and deter- 
mines the properties of the deposits. 

Chronoamperometric experiments on 
zinc electroreduction on GC from acetate 
solutions showed that the nucleation den- 
sity increases with increase of tempera- 
ture [44]. Moreover, the nucleation rate con- 
stant is always very large, equal to 1.41 x 
10 9 s _1 . This indicates that the mecha- 
nism of zinc electrodeposition on the GC 
electrode follows a three-dimensional in- 
stantaneous nucleation and growth model 
within the controlled temperature range. 



The same mechanism of zinc electrode- 
position on the GC electrode was observed 
in sulfate, chloride, and acetate ion solu- 
tions [227]. The anions mainly affected the 
nucleation densities during zinc deposi- 
tion, which resulted in a different surface 
morphology. The nucleation rate constant 
was the same in the chloride and sulfate so- 
lutions and was equal to 1.22 x 10 9 s -1 . In 
the presence of acetate and chloride ions, 
the deposited zinc film tends to grow in a 
multilayered pattern, while in sulfate so- 
lution, the zinc deposition forms irregular 
grains. A new approach to the estimation 
of zinc electrocrystallization parameters on 
the GC electrode from acetate solutions 
was described by Yu et al. [228]. 

The influence of convection, pH, and 
Zn(II) of solution on electrodeposition 
on GC electrode of zinc -cobalt alloys 
was studied by Gomez and Valles [229], 
The presence of zinc in the bath always 
decreases the rate of the cobalt deposition. 

The influence of quaternary aliphatic 
polyamine (QAA) on zinc electrodeposi- 
tion from an alkaline non-cyanide bath 
was investigated [230]. In the presence of 
QAA, the exchange current density de- 
creased and zinc deposit had a smaller 
grain size. 

The electrodeposition of Zn on highly 
oriented pyrolytic graphite from ZnSC> 4 + 
Na 2 SC >4 solution was analyzed in the 
presence and absence of gelatin [231]. The 
morphology of the Zn-formed crystals was 
affected by the gelatin adsorption and the 
nucleation rate was decreased. 

An experimental study of zinc electrode- 
position on copper wire from 0. 1 M zincate 
solution in 1.0 M KOH was presented by 
Simicic et al. [232]. A possible mechanism 
of the formation of spongy zinc deposits 
was considered. Also, it was shown that 
in the case of a square-wave pulsating 
overpotential regime, the deposit was less 
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agglomerated than the one obtained in the 
case of direct overpotential regime. 

The Zn electrodeposition [233] on gold 
electrode was investigated in a solution 
of H3BO3+ NH 4 CI + Na 2 S0 4 at pH 
4.4 using electrochemical impedance spec- 
troscopy and electrochemical quartz crystal 
microbalance (EQCM). 

Also, the influence of benzylideneace- 
tone on the mechanism of zinc electrode- 
position on Pt electrode in a chloride acidic 
bath was studied [234], 

Rodriguez-Torres et al. [235] have used 
ammonia-containing baths for Zn-Ni al- 
loy electrodeposition on Pt. Zinc and nickel 
species exist in the form of [Zn(NH 3 ) 4 ] 2+ 
and [Ni(NH 3 ) 6 ] 2+ complexes in such so- 
lutions. The deposition at pH 10 was 
investigated and compared with deposition 
from ammonium chloride baths at pH 5. 

The Ni content in the alloys was found 
to be 40-60% higher from the ammonia- 
containing bath than from the acidic baths. 

The deposition mechanism was found to 
be affected by complexation of the metal 
cations by ammonia. 

Raeissi et al. [236, 237] showed that 
temperature, pH, and current density 
affected the morphology and texture, as 
well as the nucleation mechanism of the 
zinc deposits on carbon steel electrode. 

Zn 3 N 2 reversibly reacts with lithium 
in electrochemical conversion reaction to 
give LiZn and a matrix of /TkhN [238]. 
Upon oxidation, LiZn transformed into 
metallic Zn, while /TkhN contributed to 
the transformation into LiZnN. 


24.1.4.1 Anodic Dissolution 
and Passivation of Zinc 

The electrochemical behavior of zinc an- 
ode was intensively investigated. A survey 


24.1.4 

Passivation and Corrosion of Zinc 
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of the literature data indicates that the 
nature and mechanism of the zinc passi- 
vation in alkaline solutions is the subject 
of debate. Various mechanisms involving 
several intermediate species have been 
proposed for passivation of Zn in al- 
kaline solutions [36, 37, 92, 207, 208, 
239-246]. In some works, Zn(OH )2 has 
been proposed to be the passivating 
species [243, 244], while other authors as- 
sume that this role is played by ZnO [240, 
245]. Moreover, in certain cases, the 
passive film consists of a dual layer, 
composed of ZnO and Zn(OH )2 [243, 
247, 248] or of two types of ZnO [240, 
243, 247, 248]. The oxide growth on 
the zinc electrode under prevailing ex- 
perimental conditions could be explained 
on the basis of the following reactions 
[249, 250]: 

Zn + OH - ± > Zn(OH) ads + e“ (9) 

Zn(OH) ads + 20H“ ± > Zn(OH) 3 “ 

+ e“ (10) 

Zn(OH) 3 “ + OH - ± > Zn(OH) 4 2_ 

( 11 ) 

Zn + 20H“ ± > Zn(OH) 2 + 2e“ (12) 

Zn + 20H - < > ZnO + H 2 O + 2e“ 

(13) 

The thickness of the passive layer formed 
on Zn electrode in alkaline solutions 
changes with operating conditions and 
reaches about 50 nm [244, 251], Recently, 
it was found that the rate of oxide 
growth in the passive region increases 
with decreasing concentration of borate 
and increases with the imposed current 
density [252]. 

Influence of pH, solvent composition, 
type of anions and surfactants on zinc 
electrochemical dissolution, and passiva- 
tion was studied intensively. The nature 


of the passive state on zinc was inves- 
tigated in alkaline [253-256] and borate 
solutions [253, 257]. It was found that the 
metal is covered by a duplex film compris- 
ing a highly defective ZnO barrier layer 
covered by a precipitated outer layer of 
ZnO or Zn(OH) 2 - The formation of the 
latter can be inhibited by optimal solution 
composition. 

Zinc dissolution was also investigated 
in phosphate solutions over a wide pH 
range of 4.5-11.7 [258], in aerated neu- 
tral perchlorate [259], and in sulfate so- 
lutions [260, 261]. In the phosphate solu- 
tions [258], zinc phosphates were present 
in a passive layer of zinc electrode, while 
for sulfate solutions a kinetic model of 
spontaneous zinc passivation was pro- 
posed [261]. 

The anodic dissolution of bulk zinc [262] 
and zinc-coated steel sheet [263] in aerated 
sulfate media was studied. During this 
process, a compact nonstoichiometric zinc 
oxide layer was formed on the surface of 
zinc. 

The anodic dissolution of zinc [233, 264] 
was investigated in solution H 3 B0 3 + 
NH 4 CI + Na 2 SC >4 at pH 4.4 using 
electrochemical impedance spectroscopy 
and EQCM. In the same solution, zinc 
anodic dissolution of different galvanized 
steel sheets of zinc [265] was studied. 
The postulated [41, 266] mechanism of Zn 
oxidation in acidic solution corresponds to 
two consecutive monoelectronic transfers. 

The anions such as halogenides stimu- 
late the active dissolution of zinc and tend 
to break down the passive film. Therefore, 
the effect of halogenide anions [267-270], 
thiocyanate [271], and sulfur-containing 
anions [272-274] in different media was 
studied. There are also anions that in- 
hibit active dissolution and pitting cor- 
rosion, and this effect decreases in the 



order Cr 2 C> 7 2 > Cr0 4 2 > WO 4 2 > 

M 0 O 4 2- [274], 

Addition of sodium dodecyl benzene 
sulfonate to dilute alkaline electrolyte 
depresses the passivation of zinc sur- 
face [275]. Owing to the dodecyl benzene 
sulfonate adsorption, the passive layer on 
zinc has a loose and porous structure. 
Zinc electrodissolution was inhibited by 
the presence of sodium metasilicate [276] 
and some acridines [277]. The protection 
effect was described by a two-parameter 
equation. 

The anodic dissolution experiments of 
zinc rotating disk electrode were carried 
out in alkaline electrolyte [278] and in 
solution at pH 5.5 containing NH 4 CI and 
NH 4 CI + ZnCl 2 [279], NH 4 CI + NiCl 2 , 
and NH 4 CI + NiCl 2 + ZnCl 2 [280, 281], 
The zinc electrode was covered by a 
porous film composed of a mixture of 
metallic zinc and zinc hydroxide [279]. In 
Ni-containing solutions, the passivation of 
Zn was a result of Zn-Ni alloy formation 
and Zn(OH ) 2 precipitation [280]. 

The influence of illumination [255, 282] 
and magnetic field [256] on the passive 
layer behavior and anodic current oscilla- 
tions was also studied. 

24.1.4.2 Corrosion 

Zinc and zinc-coated products corrode 
rapidly in moisture present in the at- 
mosphere. The corrosion process and 
its mechanism were studied in differ- 
ent media, nitrate [283], perchlorate [259], 
chloride ions [284], and in simulated acid 
rain [285]. This process was also investi- 
gated in alkaline solutions with various 
iron oxides or iron hydroxides [286] and 
in sulfuric acid with oxygen and Fe(III) 
ions [287]. In the solution with benzothia- 
zole (BTAH) [287], the protective layer of 
BTAH that formed on the electrode surface 
inhibited the Zn corrosion. 
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Youssef et al. [288] studied the corrosion 
of nanocrystalline zinc produced from 
chloride electrolyte with polyacrylamide 
and TU as additives. 

The influence of several anions such as 
perchlorate [259], halogenide [267-270], 
sulfate ions [272, 273], and their con- 
centration on breakdown of the passive 
layer and pitting corrosion was also 
analyzed. 

A great research interest concerns zinc 
corrosion inhibition. Chromate solutions 
were used [289-293] for the inhibition of 
zinc corrosion. The surface film contained 
a mixture of zinc oxide and hydroxide 
of chromium(III). Different behaviors of 
the passivated zinc electrode was observed 
depending on the cation of the used 
chromate [293]. 

Because Cr(VI) is very toxic, the chro- 
mate ions were replaced by other solutions 
or reagents in corrosion protection. There- 
fore, a chromate-free, self-healing protec- 
tive film was prepared on a zinc electrode 
using as inhibitors Ce(NC> 3)3 and sodium 
phosphate Na 3 P 0 4 . [294-299]. The film 
was composed of an inner layer of Ce 2 C >3 
with small amounts of Ce 4+ and an outer 
layer of Na 3 P 0 4 containing CeP0 4 . The 
formed layer suppressed the cathodic pro- 
cess. The anodic process was inhibited 
by coverage of surface with precipitates of 
Zn(OH) 2 , Zn 3 (P0 4 ) 2 • 4 H 2 0, and CeP0 4 . 

The corrosion of zinc was also in- 
hibited by Al 3+ , La 3+ , Ce 3+ , and Ce 4+ 
cations [300]. 

An important group of zinc corrosion 
inhibitors are compounds that are ad- 
sorbed on the metal surface and/or that 
form precipitate with Zn(II) on the zinc 
surface together with zinc hydroxide and 
oxide [301-307]. 

Synergistic influence of Ce(III) ions 
and sodium silicate Na 2 Si 2 Os, [308] and 
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octylthiopropionate [302] was also dis- 
cussed. 

Some ligands chelating Zn(II) ions 
were also found to be effective corrosion 
inhibitors [309, 3 10] owing to the growth of 
an organometallic layer strongly attached 
to the metal surface, which prevent the 
formation of porous corrosion products. 

The corrosion behavior of zinc-coated 
steel electrodes electrochemically modified 
by polypyrrole [311] and zinc electrode 
in solution containing reducing polymer 
(Polyox WSR-301) [312] was investigated. 

Photocorrosion of zinc [282, 313] and 
zinc alloys [314-316] was studied in NaCl 
solution. 

The spatial distribution of Zn(II) during 
galvanic corrosion of a Zn/steel couple 
in 0.01 M NaCl was studied by Tada 
etal. [317]. 

Park and Szpunar [318] have shown 
that the texture, surface morphology, 
alloy composition, and phase composition 
of zinc-based coatings strongly influence 
corrosion resistance. 

24.1.5 

Applied Electrochemistry 

24.1.5.1 Batteries 

There is significant interest in the devel- 
opment of batteries, which have zinc as 
one of the electrodes. General information 
about such devices is given in the book of 
Vincent and Scrosati [319]. In recentyears, 
several types of batteries, which use zinc, 
were developed and/or improved. 

24.1.5.1.1 Ni-Zn Cells These alkaline 
storage batteries exhibit good perfor- 
mance. They are based on the following 
electrochemical processes: 

Zn + 40H“ ± > Zn(OH) 4 2 “ + 2e“ 

(14) 


and 

NiOOH + e“ + H 2 0 ± > Ni(OH) 2 

+ OH“ (15) 

and the overall reaction is 

Zn + 2NiOOH + H 2 0 < > ZnO 

+ 2Ni(OH) 2 (16) 

In a rechargeable battery, the initial 
material is the ZnO powder, which is 
dissolved in KOH to form Zn(OH) 4 2_ . 
Zincate is reduced to Zn during the 
charging process. 

The progress in sealed-type Ni-Zn cells 
has been reviewed by Jindra [320, 321]. In 
the first paper, the period 1991-1995 and 
in the second paper the period 1996-1998 
was covered. One may find here the 
novelties in the development of this type 
of batteries. 

Later, a polymerized zinc electrode was 
developed [322] using wetting polymer 
and plastically shaping polymer materi- 
als, which improved the performance of 
batteries for many cycles. 

There were also studied processes that 
cause passivation of the zinc electrode in 
many cycling operations of Ni-Zn bat- 
teries [323]. Positive effect for increasing 
the reaction reversibility was found when 
zinc-ion additives were introduced to the 
positive electrode [324]. 

The same group have also studied [325] 
a mechanism of zinc(II) transfer from the 
negative to positive electrode of a Ni-Zn 
battery. 

The influence of zinc intercalation on 
processes in nickel oxide electrode and on 
the long life of Ni-Zn batteries was also 
studied. 

Also, an improved method for the 
fabrication of zinc electrodes was pre- 
sented [326], which consists of electrolytic 



deposition of active zinc material on very 
thin microfibrous copper substrates. Such 
zinc electrodes with various additives were 
examined and tested for performance. A 
new structure of electrode design was 
employed. 

24.1.5.1.2 Zn-Air Batteries The reac- 
tions occurring in these batteries may be 
represented by the following equations: 

0 2 +2H 2 0 + 4e“ > 40H“ (17) 

2Zn + 40H“ > 2Zn(OH) 2 + 4e“ 

(18) 

2Zn(OH) 2 » 2ZnO + 2H 2 0 (19) 

Overall reaction is 

2Zn + 0 2 » 2ZnO (20) 

with the theoretical voltage 1.65 V. 

For good performance of the battery, 
both reactions, oxygen reduction (positive 
electrode) and zinc oxidation (negative 
electrode), should be fast. It is known 
that the oxygen electroreduction reaction 
is quite complex and relatively slow. 
Therefore, the acceleration of the rate 
of this reaction in the Zn-air battery is 
important for the good performance of the 
battery. For this purpose, Wang et al. [327] 
prepared a perovskite-type Lao. 6 Cao. 4 Co 03 
compound as a catalyst, which improves 
such properties as discharge capacity. 

Earlier, such catalyst was used for 
the preparation of a 100 W rechargeable 
bipolar zinc-oxygen battery [328]. Also, 
nanostructured Mn0 2 combined with 
mesocarbon microbeads was prepared 
and used [329] in such batteries as a 
catalyst for oxygen reduction, which has 
a very good electrocatalytic activity with 
respect to oxygen, and in comparison 
with electrolytic Mn0 2 . Prepared with this 
material, the all solid-state zinc -air cell 
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has good discharge characteristics at room 
temperature. 

For the development of a long-lived, 
electrically rechargeable zinc -air battery, 
the structure and wettability of pasted zinc 
electrodes (with 1-10% cellulose) were 
optimized [330]. It was found that the 
addition of 10 wt % cellulose to the pasted 
zinc electrode, improved the life cycle and 
peak power drain capacity of the battery 
substantially. 

The zinc electrode in such batteries 
was also modified by making porous 
zinc anodes from a mixture of zinc 
and graphite powder using gelatinized 
agar solution [331] as a binding agent. 

In the cell design, a thin agar layer 
was introduced between the electrode- 
gelled electrolyte interfaces, which resulted 
in substantial improvement of a cell 
discharge performance. 

Such thin KOH-treated gelatinized 
agar electrolyte was also applied be- 
tween the electrode-gelled electrolyte in- 
terfaces [332]. 

The agar layer improved the interface 
and simultaneously served as the elec- 
trolyte reservoir to both electrodes. 

Modeling of rechargeable alkaline 
Zn-air batteries was also described [333], 
useful for optimizing zinc cell designs for 
specific applications. 

24.1.5.1.3 Zn-Mn0 2 Batteries Though 
this classical type with the Leclanche elec- 
trolyte has now decreasing importance, 
its improved modifications based on Zn 
(anode) and Mn0 2 (cathode) as basic ma- 
terials are in wide use. 

The reaction of such a cell with alkaline 
electrolyte may be represented by the 
following reaction: 

Zn (S ) + 2Mn0 2 ( S ) + 2H 2 0 > 

2MnOOH (s) + Zn(OH) 2(s) (21) 
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The nature of reactions that occur in 
the Leclanche cell [334] and Zn0-Mn02 
alkaline cell [335] have been studied and 
discussed. 

Such alkaline cells have become the 
standard by which primary cells are 
judged in North America, Europe, and 
Japan. Approximately 12 billion cells were 
produced worldwide in 2001 [336]. 

The zinc powder has new alloying 
elements such as bismuth and indium 
to control zinc corrosion and reduce 
hydrogen evolution and leakage [337, 338], 
Kumar and Sampath [339] have prepared a 
gel-polymer electrolyte based on a zinc salt 
for applications in a rechargeable solid- 
state zinc battery. The charge -discharge 
behavior of the cells with such zinc 
electrode and MnC >2 showed no significant 
changes during 70 cycles. 

The same authors [340] have proposed 
another polymer gel electrolyte for 
Zn-MnC >2 cells. 

Also, a new composite consisting of a 
mixture of zinc and hydrated ammonium 
zinc sulfate has been elaborated and 
studied [341] as anode material for all 
solid-state protonic cells. Zn-MnC >2 cells 
with this composite have a relatively high 
specific capacity. 

An application of thick-film print- 
ing technology for the fabrication of 
a Zn-MnC >2 alkaline batteries [342] was 
also described. The mechanism of the 
capacity fade of rechargeable alkaline 
zinc-manganese cell was studied and dis- 
cussed [343]. Zinc electrode with addition 
of several oxides (HgO, Sb 2 C> 3 ) for alkaline 
Zn-MnC >2 cells [344] was also studied. 

Czerwinski and coworkers [345] re- 
viewed the electrochemical applications of 
reticulated vitreous carbon (RVC). Special 
attention was paid to the use of RVC as an 
electrode support in zinc-manganese and 
zinc-halogen batteries. 


24. 1.5.1. 4 Zn-Ag Batteries The cell may 
be represented by the scheme 

Zn( S )|ZnO( S )|KOH(aq)|Ag 2 0(s), C( S ) (22) 

Zn (S ) + A g 2 °(S) > ZnO (S) + 2Ag (s) 

(23) 

The electromotive force (EMF) of this cell 
calculated from the potentials of the half- 
cells is equal to 1.593 V. Basic information 
about this cell are given by Vincent and 
Scrosati [319]. 

Though these alkaline silver-zinc bat- 
teries are quite expensive, they are fre- 
quently used in aerospace and military 
applications because they have high spe- 
cific and volumetric energy density. These 
batteries may be kept in a dry state for 
several years and may be activated by intro- 
ducing the electrolyte into the cells. Their 
status of technology and applications was 
presented by Karpinski et al. [346] 

Various problems related to the con- 
struction and performances of these bat- 
teries, such as changes in materials of 
membranes and additives both to the elec- 
trode materials and to the electrolyte, were 
studied in recent years. Some instabil- 
ity of the silver electrode during such 
storage period and the ways of avoid- 
ing these difficulties were studied and 
discussed [347]. Reserve activated silver 
oxide-zinc cells were constructed [348] 
with synthetic Ag20 and Pb-treated zinc 
electrodes were produced by a nonelec- 
trolytic process. The cells were tested 
before and after thermally accelerated 
aging. 

The study on the characterization of 
alkaline silver-zinc cells and compos- 
ite electrodes for such cells was carried 
out [349, 350]. The improved silver-zinc 
battery with new developments in addi- 
tives (Bi 2 C> 3 ) to the negative electrode 
and separator coatings for underwater 



applications was also described [351]. A 
micromachined battery based on liquid 
electrolyte with gold as the positive elec- 
trode and zinc as the negative electrode 
was described [352]. 

24.1.5.1.5 OtherCells Several other cells 
with zinc as an active material have 
been studied in recent years. The zinc- 
containing compounds were used as an- 
odes in lithium-ion batteries [353-355]. 
One such compound is nanocrystalline 
ZnFe 204 and Ag x ZnFe 204 (.r = 0.16, 
0.37, and 0.50) [355], which have been pre- 
pared as thin films, by reactive pulsed laser 
deposition. Especially good performance 
in the battery of the Ago. 37 ZnFe 204 film 
electrode has been shown. 

ZnO displays similar redox and alloy- 
ing chemistry to the tin oxides on Li 
insertion [353]. Therefore, it may be an 
interesting network modifier for tin ox- 
ides. Also, ZnSnC >3 was proposed as a 
new anode material for lithium-ion bat- 
teries [354]. It was prepared as the amor- 
phous product by pyrolysis of ZnSn(OH)6. 
The reversible capacity of the ZnSnC >3 
electrode was found to be more than 
0.8 Ah/g. Zhao and Cao [356] studied an- 
timony-zinc alloy as a potential material 
for such batteries. Also, zinc-graphite com- 
posite was investigated [357] as a candidate 
for an electrode in lithium-ion batteries. 
Zinc particles were deposited mainly onto 
graphite surfaces. Also, zinc-polyaniline 
batteries were developed [358]. The au- 
thors examined the parameters that affect 
the life cycle of such batteries. They found 
that Zn passivation is the main factor of 
the life cycle of zinc-polyaniline batteries. 
In recent times [359], zinc-poly(aniline- 
co-o-aminophenol) rechargeable battery 
was also studied. Other types of bat- 
teries based on zinc were of some 
interest [360]. 
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24.1.5.2 Electrowinning The earlier 
works on electrowinning of zinc from ore 
or waste are well described [92]. 

The electrowinning process is connected 
with higher power consumption; but, on 
the other hand, the electrolytically pro- 
duced zinc has higher purity. Therefore, 
further investigations are in progress. 

The main factors that must be consid- 
ered in electrowinning process are (1) the 
electrochemical properties of the cathode 
materials, (2) the effect of ionic impuri- 
ties in the electrolyte, and (3) the cohesion 
strength between the deposited metal and 
its substrate. 

Metallic impurities complicated zinc 
electrowinning [361-368] from acidic sul- 
fate solutions and can adversely affect the 
cathodic current efficiency, cell potential, 
power consumption, deposit quality, and 
the overall polarization behavior of the 
cathode. 

This effect was mainly studied for 
cadmium, iron, copper [369], nickel [370, 

371], antimony [372-378], manganese 
[371, 379], and iron impurities [376]. 
Electrowinning of zinc from acidified zinc 
chloride solutions was investigated [380]. 

The deposits having lesser surface 
defects, which act as the active sites 
of hydrogen adsorption, exhibited higher 
current efficiency. The presence of 
gelatin inhibited the H 2 evolution 
and significantly improved the current 
efficiency (see Fig. 8). 

The organic additives have been em- 
ployed to counteract the harmful effects 
of different metallic impurities. Such ad- 
ditives act by increasing the induction 
period, by complexing the harmful im- 
purities, or by suppressing the hydrogen 
evolution reaction. The additives also in- 
crease the current efficiency, reduce the 
power consumption, and improve the sur- 
face morphology. 




Fig. 8 Surface morphology of zinc deposits from (a) the gelatin-free solution 0.5 M ZnCl2 + 2 M 
HCI and (b) gelatin-containing solution 0.75 M ZnCl2 + 1.5 M HCI [380], 


Traditionally, glues [362, 381-383] and 
arabic gum [384] were used as or- 
ganic additives in the electrowinning 
of zinc. Hosny [385] and Karavasteva 
et al. [386, 387] used surfactants to im- 
prove the deposit morphology and current 
efficiency. 

The influence of a number of organic ad- 
ditives-2-butyne-l,4-diol [388], 2-picoline 
[389], sodium lauryl sulfate [372], 

4-ethylpyridine, 2-cyanopyridine [373], 

hydroxyethylated-butyne-2-diol- 1 ,4 [3 76, 
377, 379] - on the zinc electrowinning was 
studied. This influence is also presented 
and discussed in a review paper [390]. 

MacKinnon and coworkers [391-393] 
have studied a number of organic com- 
pounds as additives and have shown that 
tetrabutylammonium chloride improves 
surface morphology and current efficiency 
during zinc electrowinning from acidic 
chloride solutions. A similar influence 
was observed using other tetraalkylammo- 
nium compounds as additives [371, 374, 
375, 394], 

The applications of commercially avail- 
able perfluorinated compounds have been 
reported in a number of recent pub- 
lications [395-397]. In the presence of 
perfluorocarboxylic acids, the current effi- 
ciency increased, and surface morphology 


of zinc was better during its electrowin- 
ning from acidic sulfate solutions [378]. 
The perfluorocarboxylic acids were found 
to be better additives for zinc electrodepo- 
sition when Sb(III) was absent from the 
zinc electrolyte. 

Fluorinated organic compounds have 
also been used as suppressant of hydrogen 
evolution on zinc [395, 398]. 

The influence of orthophenylene di- 
amine and sodium lignin sulfonate on 
zinc electrowinning from industrial zinc 
electrolyte was studied [399]. A very nega- 
tive effect of orthophenylene diamine on 
current efficiency was found. 

The effect of antimony, germanium, 
and nickel ions, and the organic additives 
on the zinc electrowinning from sulfuric 
acid electrolytes was also studied by 
Ivanov [400]. 

Also, the influence of aluminum sulfate, 
animal glue, and an extract of horse- 
chestnut nuts on zinc electrowinning from 
a weak acidic sulfate electrolyte prepared 
from an industrial waste product was 
investigated [401]. The use of additives 
mixture has a beneficial effect on zinc 
electrowinning and results in smooth, 
slightly bright zinc deposits. 

Synthetic and pure zinc(II) solu- 
tions produced from laboratory leached, 


oxidized zinc ores, under controlled 
temperature and pH were subjected to con- 
tinuous electrowinning operations [402, 
403]. Copper and iron additives were 
found to decrease the current efficiency 
and worsen the quality of the deposited 
zinc, while manganese and silica slightly 
influenced the properties of the deposit. 
Organic additives, gelatin, and TU have 
good leveling effects on the cathode 
deposits. 

Lead- cobalt anodes used for electrowin- 
ning of zinc from sulfate solutions were 
investigated by Rashkov et al. [404]. 

The zinc electrowinning was also stud- 
ied in alkaline solutions [405-407]. 

24 . 1 . 5.3 Zinc Electroplating 

The deposits of zinc on different metals, 
especially on steel, have special relevance 
because of their anticorrosive properties by 
the formation of passive layers on contact 
with air, and in aqueous medium. 

Mechanism of zinc electrodeposition on 
steel in acidic solution of zinc chloride 
was investigated [408] as a function of 
pH, grain-refining additives, and current 
density. 

The effects of organic additives, such 
as benzoic acid (BA) and PEGs, on the 
initial stage of the zinc electrodeposition 
on iron have been investigated [409, 410] 
in an acidic zinc chloride solution. Benzoic 
acid molecules control the deposition rate 
at the dendritic sites by blocking the active 
surface through adsorption. PEGs are 
adsorbed with a well-ordered structure on 
the iron surface and appear to desorb in the 
underpotential deposition region of zinc, 
which helps to inhibit proton reduction by 
effective blocking of the electrode surface. 

Effects of other additives such as 
o-vanilline [411], Triton X-10, sodium 
methylene bis (naphthalene sulfonate), 
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phenylbenzylketone, and a CH-1 bright- 
ener [412] on the electrodeposition of zinc 
were studied. It was found that the elec- 
trocrystallization mechanisms of zinc and 
microstructure of deposits are sensitive to 
the identity of organic additives. 

Zinc electrodeposition was studied 
using three-dimensional electrodes [413, 

414] or rotating disc electrodes (Cu, Al, 
and stainless steel) [415]. 

The effect of potential on the cathodic 
efficiency of a zinc electrodeposition in 
a cyanide-free alkaline bath was also 
investigated [416]. 

Chandran et al. have intensively studied 
electrodeposition of zinc on steel from 
noncyanide plating bath [417] and bromide 
electrolytes [418, 419]. 

The details of zinc plating from 
an acetate-based electrolyte were also 
presented [420]. 

24 . 1 . 5.4 Zinc Alloys Electroplating 

The earlier papers on zinc alloys plating 
were described by Brodd and Leger [92]. 

In the last 10 years, the electrodeposition 
of the new Zn-Me alloys and ternary 
alloys was studied. The influence of plating 
conditions and different additives for 
deposition of alloys of Zn with iron group 
metals was studied in detail. 

Electrochemical behaviors of Zn-Fe al- 
loy and Zn-Fe-TiC >2 composite electrode- 
position were studied in alkaline zincate 
solutions [421]. From the results, it can be 
concluded that Zn shows underpotential 
deposition. The content of Fe in the Zn- Fe 
coating changes with the composition of 
the electrolyte. 

Electrodeposition of Zn-Ni alloys at- 
tracted considerable attention. The influ- 
ence of electrolyte composition [422-428] 
hydrodynamic conditions [424] and the 
electrochemical polarization mode [424, 

426, 428] on the properties of Zn-Ni 
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deposit were studied. The composition, 
morphology, and structure of the Zn-Ni 
alloys coatings, cathode current efficiency, 
and corrosion resistance were determined. 
Corrosion resistance of compositionally 
modulated multilayered Zn-Ni alloys de- 
posit from a single bath was investi- 
gated [427]. Thermal stability of Zn-Ni 
alloys [425] and also their structures using 
X-ray diffraction [422] were studied. 

Relative contributions of Ni(II) and 
Zn(II) reduction to anomalous electrode- 
position of Zn-Ni alloys from solutions 
containing and not containing organic ad- 
ditives were reported [429]. 

In the presence of organic additives 
such as benzyl triethanol ammonium 
bromide [430], the smooth and uniform 
deposits that exhibited superior corrosion 
resistance were obtained. 

The composition, surface morphology, 
and appearance of Zn-Co alloy deposits 
were studied as a function of experimen- 
tal conditions [431-435]. These alloys were 
also found to be more corrosion resis- 
tant than zinc but less resistant than 
cobalt [432]. 

The influence of benzylidene acetone 
on the electrodeposition mechanism of 
Zn-Co alloy was investigated [436], A 
relationship between corrosion resistance, 
micro structure, and cobalt content in 
Zn-Co alloys was investigated [437] using 
X-ray photoelectron spectroscopy (XPS) 
and Auger spectroscopy [438]. The role 
of vitreous carbon, copper, and nickel 
substrates in Zn-Co deposition from 
chloride bath was analyzed [439]. 

The electrodeposition of Zn-Sn al- 
loys was studied using the EQCM 
method [440]. The influence of elec- 
trolyte composition on the Zn-Sn al- 
loys properties was investigated and dis- 
cussed [440-442]. 


The electrodeposition of zinc and iron 
group metal alloys (Zn-Co, Zn-Ni, 
Zn-Fe) on Cu electrode was also studied 
in methanol bath [443], 

In addition, other zinc binary 
Zn-Te [444, 445] and ternary alloys such 
as Zn-Co-Cu [446], Zn-Ni-Co [447], 
Zn-Cu-Sn [448], Zn-Co-Ti0 2 [435], and 
Ni-Zn-P [449] were also investigated. 

24.1.5.5 Electrochemical Sensors 
and Modified Electrodes 

24.1.5.5.1 Potentiometric Sensors The 

ion-selective electrodes have seen spec- 
tacular achievements in the last decade. 
Selective complexation of ligands and 
Zn(II) was used in the construction of 
chemical sensors, using different excluder 
and solvent mediators. 

Using a typical poly (vinyl chloride) 
(PVC)-based membrane with different 
ionophores - Zn-bis(2,4,4-trimethylpen- 
tyl) dithiophosphinic acid complex [450], 
protoporphyrin IX dimethyl ester [451], 
porphyrin derivative [452] and hemato- 
porphyrin IX [453], tetra(2-aminophenyl) 
porphyrin [454], cryptands [455, 456], 12- 
crown-4 [457], benzo-substituted macro- 
cyclic diamide [458], 5,6,14,15-dibenzo-l, 
4-dioxa-8, 12, diazacyclopentadecane-5 , 14- 
diene [459], and (lV-[(ethyl-l-pyrrolidinyl- 
2-methyl)] methoxy-2-sulfamoyl-5-benza- 
mide [460] - the sensors for zinc ions were 
prepared and investigated. The armed 
macrocycle, 5 ,7,7, 12, 14, 14-hexamethyl- 

1 ,4,8, 1 1-tetraazacyclo tetradeca-4, 1 1-diene 
dihydrogen perchlorate was used for the 
preparation of polystyrene-based Zn(II)- 
sensitive electrode [461]. 

Dumkiewicz et al. [462, 463] have in- 
vestigated the ion-selective electrode with 
a chelating pseudo-liquid membrane for 
zinc determination. 



These electrodes exhibit a working 
concentration range from 1.0 x 10“ 5 to 
1.0 x 10 -1 M with a Nerstian slope of 
29 d= 1 mV per decade activity and a fast 
response time (10-30 s). In some cases, 
the slope was lower [455, 456, 459]. 

The tetraphenylborate ion-doped poly- 
pyrrole electrode was sensitive to zinc 
ions [464, 465], and its sensitivity was 
dependent on the polymer macrostructure. 

Zinc-selective electrodes based on a solid 
solution of Na2_ x Zn x Vi2O30 (x = 0.4 or 
0.6) [466] as well as sensor containing 
highly lipophilic [(CH3)3N(C43H79C>3)]2 
Zn(SCN)4 ion exchanger [467] were ex- 
amined. A zinc-selective electrode with 
low detection limit was used for the de- 
termination of Zn(II) in environmental 
samples [467]. 

The ion-selective electrodes based on 
different types of zinc-Schiff s bases were 
used for the determination of SO4 2- [468] 
and thiocyanate ions concentration [469]. 

Zirconia solid electrolyte and zinc oxide 
sensing electrodes were used as a high- 
temperature NO x sensor [470, 471]. The 
response of the electrode potential was 
linear for the logarithm of NO x (NO) 
concentration from 40 to 450 ppm. 

A solid-state potassium-selective elec- 
trode based on potassium zinc hexacyano- 
ferrates, K2Zn3[Fe(CN)6]2, ion exchanger 
is described [472]. The sensor can be used 
in the determination of K + ion in concen- 
tration range 10~ 4 — 1 M KC1. 

24.1 .5.5.2 Voltammetric/Amperometric 
Sensors Thick-film carbon-containing 
screen-printed electrodes modified with 
formazan [473] were used for zinc deter- 
mination. 

The electrochemical properties of immo- 
bilized copper, zinc superoxide dismutase, 
and their interaction with super oxide rad- 
icals were investigated [474]. 
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The modified Zn/polytetrafluoroethy- 
lene electrode can be used at high 
negative potentials (to —2.5 V versus 
Ag/AgCl) without significant hydrogen 
evolution [475]. Such electrode was used 
to detect organochloride compounds in 
water-AN mixtures. 

Zinc hexacyanoferrate was supported on 
the surface of Ti(IV) oxide grafted on a sil- 
ica gel [476]. Electrochemical behavior of 
this electrode was dependent on alkaline 
metal cations and acetate anion concentra- 
tions. 

24.1.5.5.3 Modified Electrodes A car- 
bon paste electrode modified with zinc 
diethyldithiocarbamate was used for selec- 
tive accumulation and stripping analysis 
of mercury(II) [477]. 

Electrochemical and electrocatalytic be- 
havior of zinc hexacyanoferrate directly 
formed on Zn electrode [478] and on car- 
bon substrates [479] were studied. 

Also, the catalytic ability of Zn electrode 
modified by Pt-doped nickel hexacyano- 
ferrate for methanol electrooxidation was 
investigated [480]. 

Preparation, electrochemical, and spec- 
troscopic properties of zinc-porphyrins 
and anthraquinone-based polymers [481] 
and also conducting polymers with Zn(II)- 
5 -vinyl- 10,1 5 ,20-triphenylporphyrin [482] 
coated electrodes were described. 

Electropolymerized thin films ofZn(II)- 
4,9,16,23 -tetraaminophthalocy anine im- 
mersed in a solution of relatively high pH 
have been studied using electrochemistry 
and spectroelectrochemistry [483]. 

The ZnO/eosinY hybrid films were pre- 
pared by cathodic electrodeposition from 
a hydrogen peroxide oxygen precursor in 
chloride medium [484,] and the role of 
reduced eosin bound to ZnO in the elec- 
trocatalysis was discussed. 
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The electrochemical formation of zinc 
selenide from acidic solutions [485] and 
electrodeposition of zinc telluride thin 
films, its properties, and photoelectro- 
chemical applications were presented and 
discussed by Mahalingam et al. [486, 487]. 
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24 . 2.1 

Double-layer Properties of Cadmium 
Electrodes 

The electrical double-layer (edl) properties 
pose a fundamental problem for electro- 
chemistry because the rate and mecha- 
nism of electrochemical reactions depend 
on the structure of the metal-electrolyte 
interface. The theoretical analysis of edl 
structures of the solid metal electrodes 
is more complicated in comparison with 
that of liquid metal and alloys. One 
of the reasons is the difference in the 
properties of the individual faces of the 
metal and the influence of various de- 
fects of the surface [1]. Electrical double- 
layer properties of solid polycrystalline 
cadmium (pc-Cd) electrodes have been 
studied for several decades. The depen- 
dence of these properties on temperature 
and electrode roughness, and the adsorp- 
tion of ions and organic molecules on 
Cd, which were studied in aqueous and 
organic solvents and described in many 
works, were reviewed by Trasatti and 
Lust [2]. 

In recent years, similar studies have 
been carried out for Cd single crystal 
electrode. Korotkov et al. [3] showed that 
the zero charge potential (E pzc ) of a 
Cd(1120) in surface inactive electrolytes, 
NaF and Na 2 SC> 4 , was shifted slightly in 
the negative direction in comparison with 
Ep Z c of pc-Cd. 


Naneva and Popov et al. [4, 5] have 
studied Cd(0001) grown electrolytically in 
a Teflon capillary in NaF aqueous solu- 
tion. A value of £ pzc equal to —0.99 V 
(versus saturated calomel electrode (SCE)) 
was evaluated from minimum potential 
(£min) on the differential capacity C-E 
curves obtained in dilute electrolyte. The 
zero charge potential was found to be prac- 
tically independent of the crystallographic 
orientation. The £ pzc and the inner layer 
capacity of Cd(0001) single crystals were 
determined in KF solution as a func- 
tion of temperature [5]. The positive values 
of A£' pzc /AT indicated that the water 
dipoles in the inner part of the double 
layer were orientated with their negative 
part to the electrode surface. It was found 
that the hydrophilicity of the electrodes 
was increasing in the order Cd(0001) < 
Ag(100)< Ag(lll). 

The capacitance-potential dependences 
of Cd(0001) in dilute solutions of CIO 4 - , 
N0 2 “, and NO 3 - were also studied [ 6 ]. 
A weak specific adsorption of anions 
increasing in the order CIO 4 - < N0 2 - < 
NO 3 - was observed. The adsorption of 
halides on the Cd(0001) single crystal 
electrode was studied [7], and was found 
to increase in the sequence Cl - < Br - < 
1“ [ 8 ]. Analysis of the impedance data does 
not point to the specific adsorption of Cl - 
ions, and shows that the surface excess 
(F) of halide ions changes with potential 
and increases from Br - to I - (Fig. 1) [7] 



Fig. 1 Surface concentration of 
adsorbed ions versus rational 
electrode potential curves for 
the Cd (0001 ) electrode in 
aqueous solution with constant 
ionic strength O.lx M 
KA* + 0.1(1 -x) M KF, where 
A* is the surface-active halide 
ion (Br~ curves 1-3) and (I - 
curves 4-6), and x is its mole 
fractions, x = 0.1 (curves 1,4); 
x = 0.5 (curves 2, 5); and 
x= 1.0 (curves 3, 6) [7], 
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in accordance with the hydration energy 
of the anions. To describe adsorption 
of halide ions, the cluster model and 
quantum chemical calculations were used. 

The double-layer structure at the electro- 
chemically polished and chemically treated 
Cd(0001), Cd(1010), Cd(1120), Cd(10ll), 
and Cd(1121) surface electrodes was stud- 
ied using cyclic voltammetry, impedance 
spectroscopy, and chronocoulometry [9, 
10]. The limits of ideal polarizability, E pzc , 
and capacity of the inner layer were estab- 
lished in the aqueous surface inactive solu- 
tions. The values of E pzc decrease, and the 
capacity of the inner layer increases, if the 
superficial density of atoms decreases. The 
capacity of metal was established using 
various theoretical approximations. The ef- 
fective thickness of the thin metal layer in- 
creases in the sequence of planes Cd(1120) 
< Cd(1010) < Cd(0001). It was also found 
that the surface activity of CIO4 - was 
higher than that of F _ anions [10]. 

The experimental data concerning ca- 
pacitance of edl at the selected faces of Bi, 
Sb, and Cd single crystals in solutions of 
surface inactive electrolytes in water and 
organic solvent were analyzed in terms of 
various models [11]. From these data, it fol- 
lows that the interface electrode/electrolyte 
properties depend both on the crystallo- 
graphic and electronic characteristics of 
the metal and on the nature of the solvent. 


Lust et al. have also investigated the ad- 
sorption of cyclohexanol [12] and various 
organic compounds [13, 14] on several cad- 
mium single crystal electrodes. It was also 
found that the zero charge potential de- 
pended on the crystallographic structure 
(plane) of the electrode surface and on 
the nature of the solvent studied [12]. The 
Gibbs energy of metal-water interaction 
depends weakly on the chemical nature 
of the metal and aliphatic organic com- 
pound [13]. The edl properties of cadmium 
electrode were studied [15, 16] in terms 
of the Debye length dependent rough- 
ness theory recently developed by Daikhin 
etal. [17, 18]. This theory was used for 
the interpretation of capacitance data for 
cadmium electrode with various surface 
roughness and energetic inhomogeneity. 

Structural aspects of electrochemical 
adsorption of inorganic ions and neutral 
organic molecules and water dipoles on 
quasi-perfect cadmium electrode were also 
studied [19]. 

The edl structure of a Cd-Ga (0.3 atom 
% Cd) liquid electrode in aqueous [20, 
21], methanol, and propylene carbonate 
(PC) [21, 22] solutions with inactive elec- 
trolyte (LiClC>4, LiBF4) was investigated. 
The double layer at the liquid Cd-Ga alloy 
differs from that of a Ga electrode, and 
was virtually identical with edl at the Cd 
electrode. 
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24.2.2 

Electrochemical Properties and Kinetics of 
the Cd(ll)/Cd(Hg) Systems 

24.2.2.1 Electrochemistry in Aqueous 
Solutions 

24.2.2.1.1 Kinetics of Simple Ions The 

electroreduction of Cd(II) ions to its amal- 
gam was investigated in aqueous 1 M 
KF [23] and 1 M (KF + KC1) mixed elec- 
trolyte solutions at dropping mercury elec- 
trode (DME) using the faradaic impedance 
method [24]. From the analysis of the 
impedance data, it follows that the elec- 
trode process is described by mechanism 
with chemical step followed by two one- 
electron transfers (CEE). The kinetic pa- 
rameters of both steps are reported and 
discussed. The rate constant of the chem- 
ical step increases rapidly with chloride 
concentration. 

In mixed (0.8 - x) M NaClC >4 + x M NaF 
supporting electrolyte the electroreduc- 
tion of Cd(II) was also studied by Saalces 
et al. [25]. The kinetic parameters were 
analyzed using CEE mechanism. The ob- 
tained chemical rate constants k £ 0 at 
both steps, k s ,i and k s , 2 , decreased with 
increasing NaF concentration. The data 
were corrected for nonspecific double-layer 
effect (Frumkin correction). The interpre- 
tation of CEE mechanism with parallel 
pathways connected with coexisting cad- 
mium complexes was presented. 

The mechanism of the reduction of 
cadmium ions at DME in NaClC >4 solu- 
tions with varied water activity was also 
studied [26]. In these solutions, the elec- 
trode process of the Cd(II) /Cd(Hg) system 
was described by the mechanism that in- 
cludes: (1) fast loss of 12.5 water molecules 
in a preceding equilibrium, (2) a slow 
“chemical” step, which is not a desolva- 
tion, (3) slow transfer of the first electron. 


i , (4) fast loss of four water molecules, 
(5) slow transfer of the second electron 
k Si 2 , and (6) fast loss of the remaining nine 
water molecules. The k s , i and k s 2 values 
increase with decreasing water activity. 

The reduction of Cd(II) ions on DME 
was also investigated in 1 M perchlorate, 
fluoride and chloride solutions using 
dc, ac admittance, and demodulation 
methods [27]. It was found that in the 
perchlorate supporting electrolyte, the 
reduction mechanism is also CEE, and 
that the rate constant of the chemical step 
is quite close to the value characteristic for 
fluoride solutions. The theories available at 
present could not be applied to the Cd(II) 
reduction in chloride solution because 
of the inapplicability of the Randles 
equivalent circuit. 

The combination of three transient tech- 
niques - coulostatic, modified coulostatic, 
and galvanostatic methods was applied 
for the study of the electrode reaction 
Cd(II)/Cd(Hg) in aqueous solution of 1 M 
Na 2 S0 4 , pH 4 [28]. 

Recently, Darowicki [29, 30] has pre- 
sented a new mode of electrochemical 
impedance measurements. This method 
employed a short time Fourier trans- 
formation to impedance evaluation. The 
digital harmonic analysis of cadmium- 
ion reduction on mercury electrode was 
presented [31]. A modern concept in 
nonstationary electrochemical impedance 
spectroscopy theory and experimental ap- 
proach was described [32]. The new in- 
vestigation method allows determination 
of the dependence of complex impedance 
versus potential [32] and time [33]. The re- 
duction of cadmium on DME was chosen 
to present the possibility of these tech- 
niques. Figure 2 illustrates the change of 
impedance for the Cd(II) reduction on the 
hanging drop mercury electrode obtained 
for the scan rate 10 mV s -1 . 
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Fig. 2 Changes of impedance during reduction of 2 mM Cd (II) in 0.5 M Na 2 S 04 on 
HDME. Potential scan rate 10 mV s -1 [32], 


A uniform approach to trace the analysis The dropping mercury microelectrode 

and evaluation of electrode kinetics of the (DM^E) technique was used for the 
Cd(II)/Cd(Hg) system with fast Fourier mechanistic study of Cd(II) reduction in 
transform electrochemical instrumenta- aqueous KF [38] and 0.5 M Na 2 SC >4 [39] 
tion was presented by Schiewe et al. [34]. solutions. 

The principles of thin-layer anodic 

stripping voltammetry were discussed, 24.2.2.1.2 Influence of a Catalyst From 
and a model for the stripping stage was the data obtained with impedance and de- 
developed for anodization by a linear modulation voltammetry for a solution of x 
potential ramp [35]. The experimental test M KC1 + (1 - x) M KF [40], it follows that 
of the theories was carried out for chloride ions catalyze the Cd(II)/Cd(Hg) 
cadmium and lead amalgams. process (Fig. 3); the cadmium reduction 

The convolution-deconvolution voltam- proceeds according to several chemical (C) 
metry, combined with digital simulation and charge transfer (E) steps, so-called CE- 
techniques, was applied [36] to deter- CEC mechanism. The catalyst accelerates 
mine the electrochemical and chemical specifically the first chemical and the first 
parameters for the Cd(II)/Cd(Hg) system electrochemical step, 
in aqueous NaNC >3 solution. The agree- The adsorption of reactant in the system 
ment between experimental and theo- Cd(II) +1 M KBr/Cd(Hg) was investigated 
retical data indicated that the reduction by using chronocoulometry [41]. The 
mechanism at the mercury electrode pro- values of the reactant surface excess were 
ceeds via consisting in chemical step (C) calculated. The authors proposed the ad- 
followed by charge transfer step (E)-so- sorption isotherm, which allows the ad- 
called CE mechanism [37]. sorption of the reactant and ligand to 
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Fig. 3 The natural logarithms of “true” rate constants of Cd(ll)/Cd(Hg) system versus E- <p 2 , 
depending on: (a) Cl - concentration - (x); (b) surface excess of Cl - ions - (/cl - ) and (C)/3 0 x values 
at each curve [40], 


be correlated. A statistical thermodynamic 
approach to the study of anion-induced 
adsorption of Cd(II) from halide solutions 
was also presented by Guaus et al. [42] . The 
simultaneous adsorption of metal com- 
plex and ligand was introduced in the 
isotherms by considering two possible 
mechanisms (1) competitive adsorption 
of metal complex and (2) surface com- 
plexation. These isotherms were tested 
for the Cd(II)-KBr system at sev- 
eral ionic strengths. It was found that 
CdBr 3 - and CdBr,* 2- are the adsorbed 
species. 


This approach was also applied for the 
investigation of anion-induced adsorption 
in the Cd(II)-KI system at several ionic 
strengths [43]. 

The adsorption of reactant in 
the Cd(II)-I - system [44], and the 
influence of electrolyte concentration 
(1-6 M NaCl 04 ) on the parameters 
of the Frumlcin isotherm system were 
investigated [45]. The obtained data 
indicated that the maximum surface 
concentration of Cdl 2 (,T max = 1 x 
10 -10 to (2.2 d= 0.2) xlO -10 mol cm -2 ), 
adsorption constant (/3 = 3.1 x 10 5 to 



(1.55 ± 0.35) xlO 7 1 mol -1 ) and Frumkin 
coefficient (a = 0 to 0.5 zb 0.1) all increase 
with increasing electrolyte concentration. 

The catalytic effect of thiourea on the 
electrochemical reduction of Cd(II) ions at 
the DME from aqueous 1 M KF solutions 
was investigated [46] and described by the 
equation k £ = /q° (1 + BFj u ), where B 
is a proportionality constant, 7 t u is the 
surface excess of thiourea, while k £ and k^° 
denote the true rate constant determined 
at certain potential in the presence and 
absence of thiourea, respectively. Because 
of the stepwise reaction mechanism, an 
explanation in terms of the bridging 
or the surface reaction model fails. A 
possible alternative interpretation of the 
effect was given. 

The formalism developed to de- 
scribe current-potential characteristics for 
the Cd(II)/Cd(Hg) multistep electrode 
reaction [47] was used for the investiga- 
tion of catalytic and inhibiting influence 
connected with variation of electrolyte 
composition. 

A theoretical model of square-wave 
voltammetry (SWV) combined with ad- 
sorptive accumulation of reactant was 
presented [48]. 

24.2.2.1.3 Influence of Inhibitors The 

Cd(II) reduction at the mercury electrode 
from aqueous 1 M NaClC >4 in the pres- 
ence of sucrose was described [49] by 
CEE mechanism. An attempt was made 
to correlate the individual standard rate 
constants that became lower with increas- 
ing concentration of sucrose, with (1) the 
surface coverage by sucrose, and (2) the 
viscosity of the solution layer adjacent to 
the electrode surface. 

Catalysis and inhibition of the elec- 
troreduction of cadmium ions at a par- 
tially blocked DM^E by 1-butanol was 
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studied [50]. The rate constant showed 
nonlinear dependence on the coverage; 
it was enhanced by the adsorption of 
1-butanol at potentials E < —0.85 V ver- 
sus SCE, whereas it was inhibited at 
E > —0.75 V. A statistical model interpret- 
ing both the catalytic and the inhibiting 
influence was proposed. 

The mechanism of Cd(II) discharge and 
cadmium amalgam dissolution in the ab- 
sence and presence of adsorbed aliphatic 
alcohols and acids [51], and also the in- 
hibiting influence of the adsorbed aliphatic 
alcohols and acids on the kinetics of the 
Cd(II)/Cd(Hg) system was studied [52, 53]. 

The role of the steric factors on the elec- 
trode reaction occurring in the presence of 
adsorbed inhibitors was investigated. 

The behavior of the Cd(II)/Cd(Hg) 
system in the absence and presence 
of H-pentanol in noncomplexing media 
was analyzed using reciprocal derivative 
and double derivative chronoamperome- 
try with programmed current (RDCP and 
RDDCP respectively) [54], The RDCP and 
RDDCP are very versatile in the determi- 
nation of kinetic parameters of electrode 
processes. 

Marczewska [55] has found that the 
Cd(II) electroreduction in water-A, N- 
dimethylformamide (DMF) + NaClC >4 so- 
lutions was inhibited in the presence of 
thiourea. 

The inhibiting influence of cyclodextrins 
on the Cd(II)/Cd(Hg) electrode processes 
was studied [56]. It was found that the 
inhibition coefficient increases in the 
series a-cyclodextrin < y -cyclodextrin < 
/J-cyclodextrin. It was observed [57] that 
the reduction current of Cd(II) ions 
was affected by the condensed film of 
a-cyclodextrin formed on the mercury 
electrode. 

In the presence of methylated f- 
cyclodextrin [58,] the reaction rate of 
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the Cd(II)/Cd(Hg) system decreases 
in the order per- (2,3 -di-0 -methyl) -/?- 
cyclodextrin > per-(2,3,6-tri-0-methyl)- 
d -cyclodextrin > per-(6-amino-2,3-di- di- 
methyl) - d -cyclodextrin. 

24.2.2.2 Electrochemistry in Mixed and 
Nonaqueous Solvents 

For the rapid electron transfer process, 
which follows a reversible chemical step 
(CE), a procedure is presented for the 
determination of chemical and electro- 
chemical kinetic parameters. It is based 
on convolution electrochemistry and was 
applied for cyclic voltammetry with digital 
simulation [59] and chronoamperometric 
curves [60]. The analysis was applied to 
both simulated and experimental data. As 
an experimental example, the electrore- 
duction of Cd(II) on HMDE electrode 
in dimethylsulphoxide (DMSO) [59] and 
DMF [60] with 0.5 M tetraethylammonium 
perchlorate (TEAP) was investigated. 

The electrode process of the Cd(II) / 
Cd(Hg) system was investigated in wa- 
ter-DMSO [61] and hexamethylphosph- 
ortriamide (HMPA) solutions [62]. The 
formal potentials, charge-transfer rate con- 
stant, and diffusion coefficients were deter- 
mined. In the presence of adsorbed HMPA 
molecules, the rate constant was found to 
be dependent only on the surface phase 
composition. 

It was concluded that the change in 
the kinetics of the Cd(II)/Cd(Hg) system 
with mixed solvent composition may be 
described by different model equations 
in water-DMSO [61], and water-HMPA 
solvents [62]. 

Generally, the influence of solvent 
adsorption and reactant solvation 
on electrochemical rate constants of 
the Cd(II)/Cd(Hg), Zn(II)/Zn(Hg), and 
Pb(II)/Pb(Hg) systems in mixed solvents 


was theoretically described and compared 
with experimental data [63]. 

The kinetics of the Cd(II)/Cd(Hg) re- 
action was also studied in organic sol- 
vents [64-66]. The double-layer effect on 
electroreduction of Cd(II) ions at mer- 
cury electrode was investigated in DMF 
solution with various concentrations of 
tetraalkylammonium salts [64]. The stan- 
dard rate constant decreased with increas- 
ing concentration of TEAP, tetrapropy- 
lammonium perchlorate (TPAP), and 
tetrabutylammonium perchlorate (TBAP), 
while the diffusion coefficient and ca- 
thodic transfer coefficient of the cadmium 
electrode process changed only slightly. 
At constant concentration of the elec- 
trolyte, the standard rate constant de- 
creased with increase in the size of the 
supporting electrolyte cation in the or- 
der k s (TEA+) > k s (TPA+)> k s (TBA+). 
The change of the kinetic parameters 
with the nature of the base electrolyte 
was discussed in terms of double-layer 
effect and nature of the rate-determining 
step. The low values of the transfer co- 
efficients were explained, assuming slow 
transfer of the reactant across the inner 
layer. 

In DMSO solution, the standard rate 
constant and cathodic transfer coeffi- 
cient of the Cd(II)/Cd(Hg) system de- 
creased with increasing concentration of 
TEAP [65]. It was found that a chemical 
reaction, probably partial desolvation of 
the reactant, precedes the electron trans- 
fer, and Cd(II) is reduced according to the 
CEE mechanism. The kinetic parameters 
of this process were determined. 

The standard rate constants of the 
Cd(II) /Cd(Hg) system measured in several 
solvents [66] corrected for the double-layer 
effect, decrease in the order k s , a , AN > k S SL , 
PC > £ s a , formamide > k s , a , DMF > £ s a , 
DMSO > k s , a , HMPA (see Fig. 4). Solvent 
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Fig. 4 Dependence of the logarithm of 
standard rate constant corrected for the 
double-layer effect of the Cd(ll)/Cd(Hg) 
system on donor number of the 
solvents [66]. 

effects were analyzed in terms of the 
solvation parameters of the cation and 
dynamic properties of the solvent. 

The double-layer effect in the electrode 
kinetics of the amalgam formation reac- 
tions was discussed [67]. The dependences 
on the potential of two reduction (EE) 
mechanisms of divalent cations at mercury 
electrode, and ion transfer-adsorption 
(IA) were compared. It was suggested that 
a study of temperature dependence of the 
course of these reactions would be helpful 
to differentiate these two mechanisms. 

The half-wave potentials of Cd(II), 
Zn(II), and Pb(II) ions electroreduction 
in 22 nonaqueous solvents were used in 
the analysis of solvent effect on electrode 
potential [68]. 

The literature data on the kinetics of 
Cd(II), Zn(II), and Pb(II) electrodeposition 
on mercury electrode in different organic 
solvents were also analyzed [69]. 

The solvation number of reactants and 
reaction orders of the electrode processes 
of Cd(II)/Cd(Hg), Zn(II)/Zn(Hg), and 
Pb(II)/Pb(Hg) systems were evaluated in 
nonaqueous media [70]. 

The mechanism of Cd(II) transfer in 
methanol across saturated organic com- 
pounds monolayers adsorbed on the mer- 
cury electrode was also studied [71]. 



24.2.2.3 Electrochemical Properties of the 
Cadmium Complexes 

The electrochemical properties of Cd(II) 
complexes with inorganic ligand pre- 
sented in early papers were discussed by 
Hampson and Latham [72]. Later, elec- 
trochemical investigations of cadmium 
complexes were oriented on the mecha- 
nism of complex formation, determination 
of stoichiometry and stability constants, 
mechanisms of reduction on the elec- 
trodes, and evaluation of kinetic param- 
eters of these processes. The influence of 
ligands and solvents on stability and ki- 
netic parameters of electroreduction was 
also studied. 

Electroreduction of Cd(II)-nitrilotriace- 
tic acid and Cd(II) -aspartic acid systems 
was studied on DME using SWV [73]. 
The CE mechanism in which the 
chemical reaction precedes a reversible 
electron transfer was established. Also, 
the rate constants of dissociation of the 
complexes were determined. Esteban and 
coworkers also studied the cadmium 
complexes with nitrilotriacetic acid [74, 
75] and fulvic acid [76]. The complexation 
reaction of cadmium by glycine was 
investigated by different electrochemical 
methods using HMDE and mercury 
microelectrode [77, 78]. 
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The electrode reaction of Cd(II) com- 
plexes with acetyloacetone (acac) was in- 
vestigated on the mercury electrode in the 
absence and in the presence of n-pentanol 
and H-octanol [79]. The kinetics parame- 
ters were evaluated, and the ionophoretic 
effect of acac was postulated on the basis 
of the interaction of the reactant with the 
adsorbed surface layer. 

The electrochemical behavior of Cd- 
oxine complexes was analyzed by square- 
wave stripping voltammetry [80] from 
the mechanistic point of view, applying 
the theoretical model developed previ- 
ously [81-83]. Influence of ligand and 
reactant adsorption, and the ligand concen- 
tration on the Cd-oxine electroreduction 
were also examined [84] using SWV. Typ- 
ical curves recorded and calculated for 
several E sw are shown in Fig. 5. 

The reduction of Cd(II) on mercury 
electrode was used to study the interaction 
of Cd(II) ions with (5 -cyclodextrin. It was 
found that [Cd(/l-cyclodextrin)(OH) 2 ] 2- 
complex is formed in alkaline solutions 

[ 85 ]- 


Fig. 5 Experimental ( - ) and calculated 
(symbols) square-wave voltammograms 
(SWV) for 3.9 x 10~ 7 M 
Cd(NC> 3)2 + 1.35 x 10 -5 M oxine in 
0.1 M buffer solution pH 
6.7 E a = -0.1 V. The SWV were 
obtained for frequency -/ = 300 Hz, 
step height - dE = 5 mV and varied E sw : 

(a) 8; (b) 35; (c) 80; and (d) 130 mV [84], 

The reduction of the Cd(2,2,2) 2+ com- 
plex on mercury electrodes was studied in 
aqueous solutions free and saturated with 
«-pentanol and H-octanol [86] and also in 
acetonitrile [87]. The corresponding reduc- 
tion mechanism was established and the 
kinetic parameters were calculated. 

The synthesis, structure, and complex- 
ing properties of new triazacoronands with 
respect to Cd(II), were presented [88]. 

The Cd(II)/Cd(Hg) system was investi- 
gated in the presence of 2-mercaptoacetic 
acid as a function of pH [89]. The bidentate 
complexes of Cd(II) with 2-mercaptoacetic 
acid are stable and undergo a reversible 
two-electron reduction on the mercury 
electrode. 

The effect of the solvent properties 
on the polarographic behavior of Cd(II) 
complexes with glycine, A-acetyl, and N- 
benzoylglycine was studied in DMSO, 
acetonitrile (AN), and DMF solutions [90]. 
The stability constants were found to 
depend linearly on the acceptor numbers 
of the solvents. 

Synthesis, photophysical, and elec- 
trochemical properties of dinuclear 
Cd(II) diimine complexes with bridging 
chalcogenolate ligands were described [91]. 

The reduction mechanism of Cd(II)-fer 
rone complexes accumulated on static 
mercury electrode was studied using 
square wave voltammetry (SWV) [92]. 
The electrochemical behavior of Cd(II) 
complexes with cysteine and folic acid 
was investigated. Folic acid forms adducts 
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with cysteine thiolate at the electrode 
surface, which influence the process 
of electroreduction of Cd(II)-cysteine 
complex [93]. The kinetics of cadmium 
binding by surface groups of chlorella 
marina cells [94, 95] was studied, and 
stability constants were determined. 

An important mechanism of metal- 
detoxification involves intercellular thiol- 
containing compounds, such as glu- 
tathione (y-glutamyl-cysteinyl glycine, de- 
noted as GSH) and phytochelatins. There- 
fore, different electrochemical techniques 
and multivariate curve resolutions were 
used by Esteban with coworkers [96-103] 
for the investigation of Cd(II) complexes 
with such ligands. Complexes of Cd(II) 
with GSH [96-98], were studied and used 
as a model for coordination of Cd(II) by 
thiol-containing peptides [97]. Two com- 
plexes, Cd(GSH )2 and Cd 2 (GSH )2 were 
formed in this system. The complexa- 
tion of Cd(II) by GSH fragments [99], 
phytochelatine (y-Glu-Cys) 3 Gly [100, 101], 
and C-terminal hexapeptide of mouse 
metallothionein [102, 103], were also in- 
vestigated. 

The polarographic characteristics of 
Cd(II) and Zn(II) complexes with phy- 
tochelatin extracted from marine alga 
phaedactylum tricornutum [104] were pre- 
sented. 

The peptide fragments of metalloth- 
ioneins Lys-Cys-Thr-Cys-Cys-Ala [56-61] 
(FT) were studied by different electro- 
chemical techniques. The cyclic voltam- 
metric behavior of the peptide fragment 
in the presence of Cd(II) indicated two 
reversible electrochemical processes due 
to the oxidation of the mercury electrode 
in the presence of CdFT and reduc- 
tion of CdFT complex, both from the 
dissolved and adsorbed state [105]. The in- 
fluence of the experimental conditions on 
electroreduction of Cd-metallothioneins 


complexes was also studied [106-111]. The 
cadmium(II) complexes with two differ- 
ent metallothioneins from rabbit liver 
were investigated by cyclic voltammetry 
[ 112 ]- 

24.2.2.3.1 Determination of Stability 
Constants For the determination of 
the complexing ability of Cd(II) ions, 
the potentiometric and different polaro- 
graphic methods were used [113-116]. 
The composition and the stability con- 
stants of Cd(II) complexes with phthalic 
acid [113], some benzene polycarboxylic 
acids [114], glycinamide [115] and crystal 
structure of Cd(II) phthalate hydrate were 
determined. The influence of basicity of 
ligand on the stability of Cd(II) mixed lig- 
and complexes with glycine, alpha-alanine, 
L-valine, L-leucine, L-asparagine, and L- 
glutamine as the primary ligands and 
vitamin E>6 as secondary ligand was studied 
[116]- 

A polarographic study of the 
composition and stability constant of 
2-aminoquinoxaline complex with Cd(II) 
in methanol-water mixtures was 
published by Pratihar [117]. 

The polarographic experimental and cal- 
culated curves of complex formation with 
the following ligands: N, A'-bis(2-pyridyl 
methyl)-l,2-diaminoethane [118], picolinic 
acid [119], A-(2-hydroxyethyl)ethylenedi- 
amine [120], 1-hydroxyethylenediphospho- 
nic acid [121], and A-(2-hydroxyethyl)imi- 
nodiacetic acid [122] was used for mod- 
eling the Cd(II)-ligand systems. The 
stoichiometry and stability constants of 
formed complexes were evaluated. The 
same method was used for determinations 
of stability constants of Cd(II) complexes 
with monoaza-12-crown-4 ether in aque- 
ous solution in the presence of an excess 
of sodium ions [123]. 
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A polarographic study of Cd(II) com- 
plexes with macrocyclic ligands 18- 
crown-6, l,10-diaza-18-crown-6 and crypt- 
and (222) [124] and 18-crown-6 [125], 

dicyclohexano-18-crown-6 [126] in water- 
organic mixtures and aza-18-crown-6 and 
dibenzopyridino-18-crown-6 in nonaque- 
ous solvents [127] was presented and sta- 
bility constants were evaluated. 

The cadmium complexes were also in- 
vestigated potentiometrically. Using this 
method, the complexes of cadmium with 
asparagine [128], taurine [129], A-(6-ami- 
no-3-methyl-5-nitroso-4-oxo-3,4-dihydro- 
pyrimidin-2-yl) glycine [130], succinate and 
malate [131], acetate at different tempera- 
tures [132], pyridine oxime ligands [133], 2- 
hydroxypropene- 1 , 3 -diamin e-N,N,N',N'- 
tetraacetic acid [134] were studied. The sto- 
ichiometry and stability constants of these 
complexes were determined. 

The stability constants of the formed 
chloro- cadmium complexes in aqueous 
solution [135] and water-2-butanone mix- 
tures [136] were also determined, using 
potentiometric measurements. The influ- 
ence of hydrogen bonding of the solvent 
on the stability of Cd(II)-ethylenediamine 
complexes in water- DM SO mixtures was 
analyzed using pH and calorimetric mea- 
surement [137]. In five water -acetonitrile 
mixtures, the stability constants of Cd(II) 
and Zn(II) cyanide complexes were deter- 
mined [138]. 

The complexation of Cd(II) with poly- 
methacrylic acid, and humic acid [139] was 
studied potentiometrically using the Cd(II) 
ion-selective electrode. 

In the last three decades, the com- 
plexes of many metal ions including Cd(II) 
with macrocyclic ligands were studied 
intensively. The thermodynamic data of 
Cd(II) -macrocyclic complexes were pre- 
sented by Izatt et al. ([140-142] and litera- 
ture cited therein). 


24.2.2.3.2 Electrochemical Preparation of 
Cadmium Complexes The application of 
electrochemical procedures for the prepa- 
ration of cadmium complexes was studied 
intensively. In these syntheses, the cad- 
mium metal or its amalgam was anodically 
oxidized in the presence of a ligand in 
an appropriate solution. Electrochemical 
synthesis of cadmium with 4-methyl-6- 
trifluoromethylpyrimidine-2-thione [143], 
6-tert-butyldimethylsilylpyridine-2-thion- 
ate [144], 2,6-bis(l-salicyloylhydrazonoeth- 
yl)pyridine [145], and pentadentate ligand 
l,6-bis(T[2-(tosylamino)phenylimino]eth- 
yljpyridine [146] were carried out. Using 
the same method, the cadmium complexes 
with N— [(2-hydroxyphenyl) methylidine]- 
A'-tosylbenzene-l, 2-diamine were ob- 
tained. When 1,10-phenantroline or 2,2’- 
bipyridine was added to the cell, mixed 
ligand complexes were formed [147]. 

Pedrido et al. [148] also described 
the electrochemical synthesis and 
characterization of new neutral Zn(II), 
Cd(II), and Pb(II) complexes with bis(4-7V- 
methylthiosemicarbazone)-2,6-diacetylpy- 
ridine. The properties and crystal structure 
of the obtained complexes were studied. 

Electrochemical oxidation of cadmium 
in a solution of [(4-methylphenyl)sulfonyl]- 
2-pyridylamine] (HL) in acetonitrile/di 
chloromethane mixtures resulted in CdL2 
complex formation [149]. The electro- 
chemical oxidation of cadmium amalgam 
in nonaqueous solvents CH2CI2, 1,2- 
C2H4CI2, and PC was also used for the 
preparation of cadmium complexes with 
18-membered macromonocyclic ligands, 
18-0 6 , 18-S 6 , I8-N2O4, and 18-N 6 [150], 
The stoichiometry and stability of resulted 
complexes were determined. The same 
method was used to examine the com- 
plexation of Cd(II) cation with 12-crown- 
4 ether, azacrown ether 1,4,8,11-tetra- 
azacyclotetradecane, and thiaazacrown 



ether 1,4,6,11-tetrathiacyclotetradecane in 
dichloromethane [151]. 

The electrochemical synthesis of cad- 
mium and zinc thiolate complexes and 
their properties were reviewed in addition 
to other metal ion complexes [152]. 

24.2.2.4 Preparation and Electrochemical 
Properties of Cadmium Chalcogenides 

24.2.2.4.1 CdS CdS is a typical example 
of semiconductor material; its properties 
and applications were presented in a 
review by Koval and Howard [153]. 

Cadmium chalcogenides CdS, CdSe, 
and CdTe (CdX) are important in a va- 
riety of applications ranging from solar 
cells to chemical/biological sensors. Thin 
films of these materials can be prepared 
by using many methods (e.g. vacuum 
evaporation, chemical bath deposition, 
and electrodeposition). Three types of 
electrochemical methods were used for 
growing thin films of CdX: (1) anodic 
oxidation of cadmium in a chalcogenide- 
containing electrolyte, (2) cathodic core- 
duction of Cd(II) and a chalcogenide 
oxyanion on an inert substrate, and 
(3) cathodic reduction of Cd(II) ions in 
nonaqueous solvent containing chalco- 
gen in elemental form [154-156]. An 
alternative two-step method is based on 
initial electrochemical modification of the 
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substrate, usually polycrystalline gold, with 
the chalcogen. Then voltammetric strip- 
ping of the chalcogen (X) in an aqueous 
solution containing Cd(II) ions generates 
the CdX compound in situ on the electrode 
surface. This approach was used for CdS 
and CdSe formation [157-159]. 

The two-step synthesis of CdS on 
sulfur or thiol modified polycrystalline 
gold electrode was described [160]. The 
morphologies of CdS formed in both cases 
and the electrochemical behavior of these 
compounds were compared. 

An electrochemical scanning probe mi- 
croscopy and Raman spectroscopy inves- 
tigation of thin CdS films grown by elec- 
trochemical atomic layer epitaxy (ECALE) 
aimed at understanding the role played 
by the order of deposition on film quality 
were reported [161]. 

Using the ECALE method, thin films 
of CdS were deposited on Ag (111). 

The deposit and its morphology were 
characterized [162], 

Synthesis and characterization of nearly 
monodispersed CdX semiconductor nano 
crystallites were studied [163], 

The hybrid electrochemical/chemical 
synthesis of epitaxially oriented CdS 
nanocrystallites-size selectively on graphite 
surface was described by Anderson 
etal. [164]. A schematic diagram of such 
synthesis is presented in Fig. 6. 


Cd° nanocrystals 


Step 1 

Electrochemical 

reduction 

1.0 mM Cd 2+ ^ 


Cd(OH) 2 


Step 2 
Oxidation 


pH oo 6.2 


7 


Step 3 

OH- 
displacement 

Aqueous 0.1 
M Na 2 S 
pH = 10.5 


♦ 


CdS 



Fig. 6 Schematic diagram illustrating the three-step electrochemical/chemical expitaxial synthesis of 
CdS nanocrystals [164], 



780 | PART A: Electrochemistry of Zinc, Cadmium, Lead 

Synthesis and characterization of CdS 
nanoparticles embedded in a polymethyl- 
methacrylate matrix was presented [165]. 
The assembly of CdS semiconductor 
nanoparticle monolayer on Au electrode 
was obtained, and its structural proper- 
ties and photoelectrochemical applications 
were studied [166]. 

Rapid formation of CdS thin films 
by microwave-assisted chemical bath 
deposition and electrical properties of the 
films were studied [167]. 

Uniform thin films of CdS were pre- 
pared by template-assisted electrochemical 
deposition on Au electrodes covered with 
Langmuir-Blodgett (LB) films of cadmium 
arachidate [168]. It was found that different 
CdS films could be produced depending on 
the type of LB film used. 

CdS thin films were also prepared 
on indium tin oxide (ITO)-covered glass 
by successive ionic layer adsorption and 
reaction (SILAR) techniques [169]. The 
thickness of the CdS film increased with 
the number of SILAR cycles. The surface 
roughness increased with the growth of 
CdS films. To increase the film thickness 
and to reduce roughness, the chelating 
agent was added to the solution. The effect 
of the chelating reagents, triethanolamine 
and cysteine, on the layer by layer CdS 
film formation in the electroless and 
electrochemical deposition process was 
studied [170, 171]. 

Thin films of CdS were also pre- 
pared by the SILAR method on the 
(100)GaAs [172-174], ITO [174], and glass 
[175, 176] substrates. 

The electrodeposition of CdS films on 
conductive substrates from aqueous so- 
lutions is a low-cost process, which is 
well suited for the preparation of film 
solar cells. Polycrystalline CdS films of 
good quality were obtained by electroly- 
sis with rectangular voltages on indium 


tin oxide/glass substrate from low con- 
centration CdSC >4 and Na 2 S 2 C >3 aqueous 
solutions [177]. 

CdS thin films were prepared by elec- 
trodeposition from an aqueous solution 
containing Cd(II) and Na 2 S 2 C >3 in the pres- 
ence of colloidal sulfur [178]. 

The electrodeposition of cadmium sul- 
fide thin films was carried out by the elec- 
troreduction of the aqueous thiocyanate 
complex of Cd(II). Formation of CdS is 
supposed to proceed by metal-catalyzed 
ligand reduction [179]. 

Studies of the kinetics and photoelec- 
trochemistry of nanocrystalline composite 
films of CdS/Ni in aqueous sulfite [180] 
and thin film CdS/electrolyte interface 
were carried out [181]. 

Thiols were adsorbed on a CdS surface 
and used to control the growth of CdS 
particles [182]. 

The Cd/CdS electrode was also pre- 
pared in solutions containing cadmium 
sulfate and sodium thiosulfate using the 
potentiodynamic method [183]. The elec- 
trochemical behavior of such electrodes 
in electrolytes containing sulfide ions was 
studied. 

24.2.2.4.2 CdSe CdSe was deposited on 
different substrates. The two-step method 
of the electrosynthesis of CdSe films, 
based on the initial chemical modifica- 
tion of polycrystalline gold surface with 
selenium overlayer was described [157]. 
In the second step, this overlayer was 
cathodically stripped as a Se 2- in a Se(IV)- 
free electrolyte medium that was dosed 
with the requisite amounts of Cd(II) 
ions. 

The electrochemical preparation of CdSe 
nanoparticles at gold electrodes modi- 
fied with molecular templates was re- 
ported [159]. The molecular templates 
were obtained by arranging thiolated 



ft -cyclodextrin self-assembled monolayers 
on gold electrodes. 

The ECALE method was used for the 
growth of CdSe on Ag(lll) electrode [184], 

The thermodynamic analysis of Se(IV) 
electroreduction and CdSe electrolytic for- 
mation on Ni, Ti, and Pt cathodes in acidic 
aqueous solution were presented [185], 

Semiconducting thin films of CdSe were 
electrochemically deposited on Ti sub- 
strates [186, 187]. The film electrodes were 
characterized with photoelectrochemical 
imaging, optical microscopy, and scan- 
ning electron microscopy (SEM)/energy- 
dispersive X-ray analysis. 

The CdSe was used as a photoelectrode 
in photoelectrochemical cells. The CdSe 
film doped with Zn, has favorable states 
in band gap and enhances charge-transfer 
kinetics at the interface. 

CdSe thin films and CdSe nanocrystal 
layers were electrodeposited on Ti or ITO 
substrates in solutions containing CdSC >4 
and H 2 Se0 3 at pH 2.5 [188, 189]. The 
influence of different deposition potentials 
on the surface morphology and crystal 
structure of CdSe films was studied. 

Under potentiostatic conditions, CdSe 
films were deposited on titanium substrate 
from a bath containing sodium seleno- 
sulfite, cadmium sulfate, and sodium 
citrate [190]. 

CdSe films of variable composition were 
prepared using electrochemical codeposi- 
tion under potentiostatic control [191,] and 
the photoelectrochemical behavior of such 
films was investigated. 

The structure, morphology, and photo- 
electrochemical properties of CdSe and 
CdSe. v Tei_ v semiconductor thin films pre- 
pared by cathodic electrodeposition on Ni 
and Ti electrodes from acidic solution 
containing CdSC> 4 , Se0 2 , and Ti0 2 were 
investigated [192]. 
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In sulfuric acid solution containing sele- 
nous acid and uncomplexed Cu(II) and 
Cd(II) ions, the formation of ternary 
Cu-Cd-Se thin film layers on a polycrys- 
talline Pt electrode during the voltammet- 
ric scanning was studied [193]. 

24.2.2.4.3 CdTe The mechanism of 
CdTe electrodeposition was studied 
intensively [194-197]. Electrodeposition of 
CdTe semiconductor thin films was car- 
ried out in acidic aqueous solutions at pH 
1-3 [195-197]. To prevent accumulation 
of tellurium in CdTe film, the concentra- 
tion of Te(IV) ions in acidic electrolyte 
must be much lower than the concentra- 
tion of Cd(II). 

The electrochemical aspects of CdTe 
growth on Ag(lll) by ECALE were stud- 
ied [198], 

The electrodeposition of CdTe films 
from various ammonia-alkaline solutions 
at low cathodic overpotential [199, 200] was 
also studied, and the mechanism of CdTe 
formation was discussed [201, 202]. The 
properties of films were electrochemically 
characterized. 

The nucleation and growth mechanism 
of CdTe thin films at polycrystalline gold 
surface [203] and on the rough face side 
of a Si(100) were studied as a function 
of different potential steps. Schematic 
representation of CdTe formation is shown 
in [204], 

CdTe was also obtained using rotating 
disc electrode; the kinetics of tellurium 
deposition process on solid tellurium 
electrode was analyzed, and the kinetic 
parameters were calculated [205]. 

Electrodeposition and stripping of tel- 
lurium and CdTe in sulfate electrolyte was 
studied by voltammetric and electrogravi- 
metric experiments [206]. 

Cathodic electrodeposition of CdTe in 
acidic solutions with higher tellurium 
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concentrations was studied [207]. The ef- 
fects of the deposition potential and the 
hydrodynamic regime were investigated. 

Voltammetry at a glassy carbon (GC) 
electrode was used to study of the elec- 
trochemical deposition of CdTe from the 
Lewis basic l-ethyl-3-methylimidazolium 
chloride/tetrafluoroborate room tempera- 
ture ionic liquid [208]. 

Electrochemistry and electrogenerated 
chemiluminescence of CdTe nanoparticles 
was also studied [209]. 

Electrodeposition of Cd^Hgi _ v Te films 
on a titanium [210] and stainless steel sub- 
strates [211] from abath containing CdSC>4 
and TeC>2 and HgCl2 was investigated. 
Film composition and band-gap energy 
were evaluated. 

24.2.2.5 Properties of Cadmium 
Intermetallic Compounds 

The mechanism of the formation of in- 
termetallic compounds between cadmium 
and nickel during the storage of charged 
cadmium electrodes and the kinetics 
and mechanism of anodic dissolution of 
Cd2iNi5 in alkaline solutions were investi- 
gated [212]. This study helped to eliminate 
the negative effect of Cd2iNis on the dis- 
charge characteristics of nickel -cadmium 
batteries. 

The structural and electrochemical char- 
acteristics of cadmium electrodes with 
nickel introduced in metallic state into the 
active material of the electrode by electro- 
less plating were studied [213]. The specific 
role played by hetero phase interactions 
between nickel and cadmium in the mech- 
anism of the Cd electrode activation was 
substantiated experimentally. 

The identification of intermetallic com- 
pounds in electrodeposition of cop- 
per-cadmium alloys by electrochemical 
techniques was described [214]. 


The mechanism of anodic dissolu- 
tion of the intermetallic compound CdSb 
was studied in concentrated KOH solu- 
tions [215]. 

The properties of Cd species formed 
by the dissolution of cadmium metal in 
molten cadmium halides and at electrode 
interface were investigated [216]. 

24.2.3 

Cadmium Underpotential Deposition and 
Electrodeposition on Solid Electrodes 

24.2.3.1 Deposition of Cd on Cadmium 
Electrode 

The cadmium electrodeposition on the 
solid cadmium electrode from the sulfate 
medium was investigated [217]. The fol- 
lowing kinetic parameters were ob- 
tained: cathodic transfer coefficient a = 
0.65, exchange current density /o = 
3.41 mA cm -2 , and standard rate constant 
k s = 8.98 x 10~ 5 cm s -1 . The electro- 
chemical deposition of cadmium is a com- 
plex process due to the coexistence of the 
adsorption and nucleation process involv- 
ing Cd(II) species in the adsorbed state. 

Surfaces of cadmium with various mor- 
phological properties were electro-formed 
on the Cd electrode from sulfate solutions 
by varying current densities, temperature, 
and pulse electrolysis conditions [218]. The 
surface properties were defined by the val- 
ues of slopes of quasi-steady state E versus 
logarithm current density dependencies 
and exchange current densities in 0.5 M 
CdSC>4 + 0.15 M H2SO4 solution. The de- 
pendence of the slope values on surface 
properties was explained in terms of the 
influence of crystallization overpotential. 

Thermal phenomena at the Cd electrode 
during the electrolysis of aqueous solu- 
tions of Cd(II) were investigated [219]. The 
determination of heat flux, heat quan- 
tity, and temperature gradient at the 



Cd/solution interface under galvanostatic 
conditions was carried out. 

The blocking effect of benzyl and sub- 
stituted benzyl alcohol additives on the 
electrodeposition of cadmium [220] and 
stabilization of cadmium electrode prop- 
erties [221] were studied voltammetrically. 

The cadmium electrodeposition on the 
cadmium electrode from water-ethanol 
[222, 223], water-DMSO [224], and wa- 
ter-acetonitrile mixtures [225-229] was 
studied intensively. It was found that pro- 
motion of Cd(II) electrodeposition [222] 
was caused by the formation of unsta- 
ble solvates of Cd(II) ions with adsorbed 
alcohol molecules or by interaction with 
adsorbed perchlorate anions. In the pres- 
ence of 1“ anions, the formation of acti- 
vated Cd(II)-I~ complex in adsorbed layer 
accelerated the electrode reaction [223]. 

In water-DMSO mixtures in the 
presence of Cl04 _ and I - anions, 
the electroreduction of Cd(II) ions was 
influenced by competitive adsorption 
of DMSO molecules and anions [224] 
and the rate of the Cd(II) /Cd process 
changed nonmonotonically with solvent 
composition. In water-rich mixtures, 
the electrode process was accelerated 
by the formation of activated complex 
Cd(II)-anion (C10 4 — , I - ). At higher 
DMSO concentration, the rate of 
the Cd(II)/Cd process was found to 
decrease and reach minimum at DMSO 
concentration equal to 9 M. At cdmso > 
9 M, the rate of the process increased 
again. 

The effect of perchlorate ions on cad- 
mium electrodeposition was investigated 
in water-AN mixtures [227, 228]. The for- 
mation of ionic associates in the surface 
layer inhibited cadmium electrodeposi- 
tion, and promoted the formation of higher 
quality coatings. 
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It was found that the competitive ad- 
sorption of 1“ and AN molecules on the 
Cd electrode affected the kinetics of the 
Cd(II) electroreduction [226]. The physico- 
chemical properties of coatings and effects 
of organic additives on cadmium depo- 
sition from iodide-water-AN mixtures 
were also studied by Kuznetsov et al. [225]. 

The same authors have found that the 
inhibition effect of crown ethers [230] 
and crown esters [229] on cadmium elec- 
trodeposition from water-AN mixtures 
was caused by the competitive adsorp- 
tion of macrocycles and organic solvents 
molecules. The effect of structure and con- 
centration of crown ethers on the cadmium 
electrodeposition from aqueous sulfate so- 
lutions was also studied [231]. 

The solution composition and the nature 
of particles adsorbed and reduced on the 
electrode, as well as £ -caprolactam additive, 
affected the electroreduction of cadmium 
ions [232, 233], 

The experimental data for the rate of 
stationary two-dimensional nucleation in 
electrocrystallization of cadmium on the 
surface of the Cd(0001) crystal face in 
2.5 M CdSC>4 aqueous solution at 45 °C 
were presented [234]. The overpotential 
dependence of the nucleus size was 
determined. 

A method was proposed for electrolytic 
cadmium refining in molten CdCl2 using 
electrolyzer with bipolar cadmium elec- 
trode [235]. The results demonstrated that 
high-purity Cd could be obtained in a sin- 
gle electrolysis cycle. 

24.2.3.2 Electrodeposition of Cd on Other 
Solid Substrates 

24.2.3.2.1 Gold Electrodeposition of Cd 
on gold was studied by many Sci- 
entists (early papers [72, 236-239]). A 
considerable effort was made to study and 
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understand the underpotential deposition 
(UPD) processes, both on single crystal 
and polycrystalline gold surfaces [240]. The 
influence of Cd-Au alloy formation on 
gold electrodes was underlined [241-245], 
and details were studied on the basis 
of electrochemical and electrochemical 
quartz crystal microbalance (EQCM) re- 
sults [246]. The two-step process of fast 
turnover reaction - replacement of surface 
atoms and slow solid-state diffusion was 
postulated. The influence of anions on 
UPD process of polycrystalline electrodes 
was analyzed on the basis of voltammetric 
and EQCM data [247]. 

The UPD process was studied most 
intensively on Au(lll) plane, where scan- 
ning tunneling microscopy (STM) mea- 
surements revealed a series of linear 
structures [248, 249]. The influence of 
coadsorbed anions on deposit morphology 
based on electrochemical and STM data, 
was also discussed [250, 251]. In the pres- 
ence of chloride ions, nanostructures such 
as “nanowires” were observed by STM, the 
surface alloy structure following the mor- 
phology of Au(lll) reconstruction [252], 
The UPD process was affected not only 
by the applied potential and electrolyte, 
but also by its concentration, as shown for 
H 2 SO 4 solutions using specular X-ray re- 
flectivity measurements [253]. The mecha- 
nism of the process has been described in 
other papers. These works [254-259] also 
point to UPD process on reconstructed 
Au(lll) surface and its relation with lift- 
ing the reconstruction. The early stages 
of Cd-Au alloy growth accompanying 
UPD were studied recently by del Barrio 
et al. [260] and Schmuki with cowork- 
ers [257-259]. Atomic size clusters start to 
nucleate at a relatively high underpotential, 
close to 0.35 V. Two-dimensional islands 
can grow and coalesce with the formation 
of new two-dimensional islands on top of 


the partially formed first monolayer [260]. 
Alternatively, the growing clusters arrange 
linearly until overgrowth takes place and 
a complete layer is formed at underpoten- 
tial close to 80 mV [257]. Atomic resolution 
images revealed a hexagonal structure with 
an interatomic distance of 0.29 nm [260]. 
Owing to alloying, the UPD layer contains 
both Cd and Au atoms. Dissolution of the 
Cd layer is coupled with dealloying and 
formation of mono- or 2-3 atomic holes 
resulting in surface roughening [259, 260]. 
Figure 7 presents STM images of Cd nan- 
oclusters, produced at different potentials, 
and their anodic dissolution, confirming 
the presence of the interfacial dealloying 
process. Higher deposition potentials re- 
sult in smaller and less stable clusters. The 
site selective mechanism of early- stage 
Cd clusters nucleation at the elbow sites of 
the Au (111) herringbone reconstruction 
was also postulated [258]. This process can 
result in self-organized patterning consist- 
ing of Cd nano-islands on the surface. 
Cd UPD process was also studied in 
organic solvents such as PC, tetrahydrofu- 
ran, and dimethoksyethane [261, 262]. The 
observed differences, compared to aque- 
ous solutions, were ascribed to differences 
in anion adsorption and the influence of 
solvent on metal -substrate interactions, 
resulting from the partial discharge state 
of Cd adatoms. Electrocatalytic influence 
of Cd UPD on nitrate reduction [251, 263] 
or glucose oxidation [264] was described. 

UPD Cd can also be used to obtain 
cadmium sulfide, an important semicon- 
ductor for electronics. Electrochemical epi- 
taxial growth of organized CdS structures, 
involving underpotentially deposited Cd 
on Au(lll) was thus reported [161, 265]. 

The atomic structures corresponding to 
Cd UPD on Au (100) plane were re- 
vealed using electrochemical atomic force 
microscopy (AFM) technique [241, 266]. 
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Within the potential range from —0.3 
to —0.45 V, a quick surface-alloying pro- 
cess occurs, with dynamics depending on 
polarization conditions [266]. A turnover 
mechanism was proposed for the surface- 
alloying process, while for long polariza- 
tion times, the surface alloy formation 
process was determined by solid-state dif- 
fusion of Cd or Au atoms across the 
alloy phase [242, 267]. In sulfuric acid 
solutions, the diffusion coefficients cor- 
responding to the fast process occurring 
within two monolayers is approximately 
10-16 cm 2 s -i ;W hile the second slow solid 
diffusion process is characterized by diffu- 
sion coefficient in the range 10 -18 [243] 
or 1(P 19 cm 2 s _1 [245]. The alloying pro- 
cess was also studied using EQCM and 
X-ray diffractometry techniques [268]. On 
the basis of temperature dependence of 
the inward diffusion rate, activation ener- 
gies of the surface and bulk solid-state 
processes were estimated [268]. In the 
presence of chloride ions in solution, the 
inward diffusion of Cd to the Au(100) 
phase is promoted [269]. Electrochemical 
atomic force microscopy (EC-AFM) ob- 
servations for the Cd stripping process 
confirmed that the removing of Cd from 
the alloy phase resulted in surface rough- 
ening [266]. 

Cadmium bulk deposition was found 
to occur according to Stranski-Krastanov 
mechanism, with the Cd(0001) plane 
parallel to Au(100) [241, 266]. 

CdUPD process on Au(100) andAu(llO) 
was also studied in the presence of Te, 
leading to CdTe formation [270-272]. 

For Au (111) coated by self-assembling 
monolayers of allcanethiols, the Cd UPD 
process occurs if the alkyl chain of the thiol 
is shorter than eight carbon atoms [273]. 

The electrochemical deposition of metal 
(Cd, Zn, Pb) from Me(II)-ethylenedia- 
minetetraacetic acid (EDTA) complexes 


studied by quartz crystal microgravime- 
try [274] may be important for the develop- 
ment of environmental cleanup processes. 

24.2.3.2.2 Platinum Electrodeposition 
of Cd on platinum has been described 
in early papers [for example [72, 239, 275]. 
Considerable attention has also been paid 
to UPD processes. This process occurring 
on Pt(lll) was studied using electro- 
chemical and radiotracer methods [276]. 
Bisulfate ions adsorption promotes the 
formation of a Cd adlayer, at potentials 
much lower than those typical for the bare 
Pt(lll) surface. This effect was explained 
by lower work function for Cd, compared to 
Pt. Voltammetric and charge displacement 
(Cd displaced by anions and CO) studies 
of Gomez and Feliu pointed out the depo- 
sition of two UPD layers before the onset 
of the bulk deposition process [277]. The 
first layer was found open (surface cov- 
erage degree near 0.31), probably due to 
Cd-Cd repulsion, while the second layer 
was found more compact. Due to strong 
attractive interactions with adsorbing Br~ 
or Cl - anions, voltammetric peaks are very 
sharp. 

The process of Cd UPD on polycrys- 
talline Pt was investigated by Machado 
etal. [278-280], and adsorption electrova- 
lence of Cd adions was found to be close 
to 0.5 [280]. The detailed mechanism was 
also studied, using electrochemical and 
EQCM measurements [281, 282]. The for- 
mal partial charge number was found to 
vary between 1 and 2, for higher and 
lower potentials, respectively. A mecha- 
nism involving two adsorption sites and 
the presence of Cd + adsorbed ions was 
proposed. 

The influence of surface roughness, 
surface diffusion of metal atoms, and ex- 
change current density of the Cd(II) /Cd 



couple on the early stages of cad- 
mium deposition was analyzed [283], 
Studies of the Cd UPD process from 
ionic liquid: acidic zinc chloride- 1-ethyl- 
3-methylimidazolium chloride were also 
reported [284]. 

24.2.3.2.3 Silver Early descriptions of 
Cd deposition process on Ag can be 
found in Ref. 285. Cadmium UPD studies 
were carried out on Ag(lll) and Ag(100) 
single crystals. For Ag(lll) at high un- 
derpotentials (up to 0.3 V), the process 
is characterized by a quasi-reversible ad- 
sorption/desorption of Cd, while at lower 
underpotentials (below 50 mV), Ag-Cd 
alloy formation occurs [286]. The influence 
of different anions (sulfate, perchlorate, 
citrate) was also studied [287]. In the pres- 
ence of adsorbed chloride ions, the Cd 
UPD occurs by replacement of Cl adatoms 
(not desorption), which remain adsorbed 
and discharged on top of Cd layer [288]. 
The first combined electrochemical and 
STM studies revealed some details of the 
UPD process [289]. It starts with a forma- 
tion of an expanded adlayer, which at lower 
underpotentials transforms to a condensed 
close-packed Cd monolayer. This mono- 
layer is not quite stable, because it slowly 
transforms with place exchange between 
Cd and Ag surface atoms. A formation 
of a second monolayer and a significant 
Ag-Cd surface alloying occurs at under- 
potentials lower than 50 mV. The anodic 
process is connected with dealloying re- 
sulting in the appearance of 2D islands 
and monoatomically deep pits, quickly 
disappearing at higher underpotentials, 
pointing to high surface mobility of Ag 
atoms. Cd UPD process was also studied 
in organic solvents such as PC, tetrahydro- 
furan, and dimethoksyethane [261, 262]. 
Similarly, as for Au(lll), the observed dif- 
ferences, compared to aqueous solutions, 
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were ascribed to difference in anion ad- 
sorption and influence of solvent on 
metal-substrate interactions, resulting 
from the partial discharge state of Cd 
adatoms. Electrochemical epitaxial growth 
of organized CdS structures involving 
UPD Cd on Ag(lll) was described [290]. 
Electrocatalytic influence of Cd UPD on 
nitrate ions reduction was revealed, as for 
Au (111) [263]. 

For Ag(100) crystals, a similar elec- 
trochemical behavior was observed with 
quasi-reversible adsorption/desorption of 
Cd and surface alloying, faster than for 
Ag(lll) [286]. Electrochemical and AFM 
experiments have shown that the alloying 
process consisted of two steps: a very fast 
reaction occurring within a few atomic lay- 
ers, and a much slower one, represented 
by a solid-state diffusion process [244]. 

UPD process and surface Cd-Ag alloy- 
ing were also studied on polycrystalline 
Ag electrode [285, 286]. The surface al- 
loy formation rate was similar to that for 
Ag(100) [286]. The dynamics of surface al- 
loying promoted by Cd UPD was studied 
on irregular Ag substrates, dendritic, and 
columnar Ag deposits [291]. 

24.2.3.2.4 Copper Early studies of elec- 
trochemical deposition of Cd have been 
described in Refs 236, 239. These stud- 
ies were also carried out on single crystal 
Cu(lll), Cu(110), and Cu(100) planes. 

On Cu(lll) different structures were pro- 
posed. The bulk deposited cadmium forms 
a close-packed hexagonal lattice in perchlo- 
rate solutions, growing according to modi- 
fied Stranski-Krastanov mechanism [292]. 

UPD of Cd has been described in a 
few papers. Ge and Gewirth [292], using 
voltammetric methods and AFM, found 
the interatomic distance 0.343 nm for 
UPD Cd(4 x 4) structure, with a slightly 
open structure due to retained partial 
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charge of Cd adatoms, while Stuhlmann 
et al., using voltammetry and ultrahigh 
vacuum (UHV) based spectroscopy, re- 
ported 0.371 nm for (^/19 x ^19) R23.4° 
structure [293]. In both cases, this distance 
is higher than that for bulk Cd. In situ 
STM studies confirmed the (a/19 x 
R23.4° structure [294]. The reduction pro- 
cess is characterized by two pairs of UPD 
peaks, where the peak at lower poten- 
tial, close to reversible Nernstian potential, 
corresponds to Cd-Au alloying [295]. The 
role of adsorbed chloride ions was dis- 
cussed, pointing to stabilization of open Cd 
structure [293] and surface site exchange 
between Cl - ions and Cd 2+ cations [294, 
295]. The influence of potential on Cd UPD 
structure studied by STM and comparison 
of results with predictions of hard sphere 
model (Cd-Cd distance 0.38 nm) was re- 
cently discussed [296], Deposition ofCuCd 
alloys was also studied [297, 298]. 

For Cu(100) in the presence of chloride 
ions, the structure of UPD Cd is dependent 
on the deposition rate [296]. For high 
deposition rate, nearly defect-free films 
were obtained with domains as large 
as Cu(100) terraces previously coated by 
chloride ions. For low deposition rate, 
Cd films with a high density of domain 
boundaries can be obtained. 

The Cd UPD behavior on Cu(110) was 
found similar to that for Cu(lll), with 
more pronounced alloying, resulting in 
irreversible changes of the original (110) 
surface of copper [295]. 

Electrodeposition of Cd on polycrys- 
talline copper was analyzed from the point 
of view of oxide influence [299], and a 
comparison of electrochemical data with 
results of numerical calculations was pre- 
sented. 

24.2.3.2.5 Silicon The Cd deposition 
process was studied on H-terminated 


M-Si(lll) plane [300]. Because the redox 
potential of the Cd 2+ /Cd couple is much 
lower than the flat band potential of 
Si substrate, the surface electron con- 
centration is sufficiently high. Thus the 
process occurs similarly as on a metal 
surface at relatively low cathodic over- 
potentials. The initial stages of Cd de- 
position were explained by progressive 
nucleation and cluster growth controlled 
by hemispherical diffusion. CdTe depo- 
sition on Si was also studied due to 
interest in application in IR radiation de- 
tectors. Mechanisms of this process on 
different planes of «-Si(100) was also dis- 
cussed ([203, 301, 302] and references 
given therein). 

24.2.3.2.6 Other Substrates Deposition 
of cadmium was also studied on Bi, Sn 
and Pb [303], Ni [304], reticulated vitreous 
carbon [305], Ti [306], and indium tin ox- 
ide [307]. UPD of Cd on tellurium results 
in CdTe formation [270, 308]. Electrodes 
coated with conducting polymers were also 
used to deposit cadmium electrochemi- 
cally. In the case of polyaniline, the metal 
reduction potential corresponds to the neu- 
tral (nonconducting) state of the polymer, 
therefore cadmium was found to deposit 
on the substrate-glassy carbon electrode 
surface, in the open pores of the polymer 
film [309, 310]. 

The electrowinning of cadmium from 
dilute sulfate solution was studied using 
rotating GC and spiral wound steel elec- 
trodes [311]. 

The electrochemistry of Cd(II) was 
investigated at different electrodes (GC, 
polycrystalline tungsten, Pt, Ni) in a basic 
1 -ethyl- 3 -methylimidazolium chloride / tet- 
rafluoroborate, at room temperature mol- 
ten salt [312], and in acidic zinc chloride- 
l-ethyl-3-methylimidazolium [284], 
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24 . 2.4 

Passivation and Corrosion of Cadmium 

24 . 2 . 4.1 Passivation of Cadmium 
Electrode 

The electrochemical behavior of the cad- 
mium electrodes in alkaline solutions 
was intensively studied [313-318]. It was 
suggested [314-318] that during anodic 
dissolution of the Cd electrode in alka- 
line solutions, a passive layer consisting of 
Cd(OH )2 and CdO is formed, and Cd(II) 
soluble species are also generated. The 
composition of the anodically formed layer 
on cadmium in alkaline solution was de- 
pendent on the electrolyte cation [319]. In 
1 M NaOH and KOH solutions, both (i- 
Cd(OH )2 and y-Cd(OH )2 were formed, 
while in 1 M LiOH, /i-Cd(OH )2 was the 
only product. 

The electrochemical behavior of Cd 
electrode in 1 M NaOH solutions was 
studied in detail [320]. It was found that 
the passive film formed on Cd electrode 
was composed of two layers: a barrier layer 
CdO and/or Cd(OH )2 covered with porous 
layers of Cd(OH) 2 - 

The influence of concentration of KOH 
and separator materials on the soluble cad- 
mium compounds, for example, cadmium 
hydroxyl complexes formed near the Cd 
electrode during the anodic process was 
also studied [321, 322]. 

The passivating layer formed on Cd 
electrode in alkaline solution in the pres- 
ence of Na 2 S was studied voltammetri- 
cally [323]. At low Na 2 S concentrations, 
CdO, Cd(OH) 2 , and CdS layer were pro- 
duced during the anodic oxidation of the 
Cd electrode. At higher Na 2 S content, a few 
monolayers of thick CdS film were formed. 

24 . 2 . 4.2 Corrosion of Cadmium 

From the point of view of environ- 
mental stability, cadmium represents an 


intermediate case between noble and base 
metals. It is relatively corrosion-resistant. 
However, dangerous environmental pollu- 
tion by cadmium required studies concern- 
ing the corrosion behavior of this metal. 
The influence of solution pH on cadmium 
corrosion was studied using classical elec- 
trochemical methods, as well as electro- 
chemical impedance spectroscopy, X-ray 
photoelectron spectroscopy, and SEM ob- 
servations [324-327]. In acidic solutions, 
continuous corrosion takes place, while 
in neutral and alkaline solutions, the 
passivation process occurs, and is en- 
hanced by higher oxygen concentration. 
Polycrystalline cadmium undergoes crys- 
tallographic etching after breakdown of 
the passive layer in NaCl solutions alka- 
lized to pH = 11 [328]. In alkaline solu- 
tions, the inhibiting influence of aliphatic 
alcohols (methanol, ethanol, propanol) was 
studied [329]. The inhibiting influence was 
ascribed to alcohol molecules adsorption 
on the cadmium surface, increasing with 
growing chain length. In borate solu- 
tions, in the absence and presence of 
Cl - ions, the pitting corrosion of Cd 
electrode was studied. The corrosion po- 
tential was a linear function of logarithm 
of chloride concentration; the inhibiting 
influence of fatty acid sulfonate was also 
investigated [330]. 

In acidic solutions, the corrosion rate 
is relatively high. Studies on cadmium 
monocrystals and polycrystals in acidic 
chloride solutions revealed anodic disso- 
lution independent of the crystallographic 
orientation; the dissolution rate was con- 
trolled by the mass transport of CdCl + 
ions [331], The inhibitive influence of 
adsorbed organic substances, for exam- 
ple, alcohols [332], phenotiazine [333], and 
some polymers (e.g. poly(vinyl alcohol), 
poly (acrylic acid), sodium polyacrylate, 
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polyethylene glycol), etc.) [334] on the cor- 
rosion process in acidic solutions was 
studied. 

A protective influence of commercial 
coatings [335] and chromates [335, 336] 
as well as surface coating formation in 
water-acetonitrile mixed solvents [227] was 
analyzed. 

Corrosion studies on cadmium alloys, 
for example, [337-339], also from the 
point of view of stress corrosion crack- 
ing [340, 341] have been described re- 
cently. 

24.2.5 

Applied Electrochemistry 

24.2.5.1 Batteries 

24.2.5.1.1 Cadmium-Mercuric Oxide Pri- 
mary Cells The scheme of the cell is: 

Cd(s)| CdO(s) | KOH(aq) | HgO(s), C(s) 

( 1 ) 

The anode reaction is: 

Cd(s) + 20H“(aq) * 

CdO(s) + H 2 0(1) + 2e“ (2) 

and the cathode reaction is: 

HgO(s) + H 2 0(1) + 2e“ > 

Hg(l) + 20H-(aq) (3) 

The electrolyte is usually 40% KOH 
aqueous solution. The open-circuit voltage 
of this system is 0.90 V. The battery can 
be used and stored in a wide range of 
temperatures, from —55 to 80 °C, due 
to low solubility of cadmium oxide in 
concentrated KOH solutions [342]. 

The kinetics of electrode processes on 
Cd electrode of an alkaline accumulator in 
dependence on changes in concentration 
of cadmium species in near-electrode layer 
of electrolyte was studied [343]. 


24.2.5.1.2 Cadmium-Nickel Oxide 
(Ni-Cd) Secondary Cells Besides lead- 
acid batteries, cadmium -nickel oxide 
cells represent the most popular type of 
rechargeable batteries [344]. The scheme 
of the cell is: 

Cd(s) | KOH (aq) | NiO( OH) (s) (4) 

The discharge of the negative electrode 
is described by equation: 

Cd(s) + 20H“(aq) » 

Cd(OH) 2 (s) + 2e“ (5) 

while the discharge of the positive elec- 
trode is: 

NiO(OH)(s) + H 2 0(1) + e“ » 

Ni(OH) 2 (s) + OH-(aq) (6) 

The open-circuit voltage of the charged 
cell is 1.30 V. 

The electrolyte is usually 20-28% aque- 
ous solution of KOH. Solid-state composi- 
tions of KOH aqueous electrolyte obtained 
by addition of polyethylene oxide) [345] or 
polymer based electrolyte (based on poly- 
acrylates) were also proposed [346]. For 
low temperature applications, higher con- 
centrations of KOH were used, while for 
higher temperatures, sodium hydroxide 
was sometimes applied. The influence of 
the temperature from 0 to 200 °C, pressure 
and electrolyte concentration on the ther- 
modynamic parameters of the cells, was 
studied in detail [347]. 

The active material of the negative 
electrode consists of metallic cadmium. 
Addition of iron (up to 25%), nickel, and 
graphite, prevents agglomeration [348]. 
Cadmium does not undergo corrosion, 
since the equilibrium potential is higher 
than that of hydrogen in the same solution. 



However, it can undergo self-reductive dis- 
solution (loss of active material) accompa- 
nied by oxygen evolution [349]. The active 
material of the positive electrode (in pocket 
plate cells) consists of nickel hydroxide 
mixed with small additions of cobalt and 
barium hydroxides to improve the capac- 
ity and charging/discharging performance 
and graphite to improve conductivity [348]. 

The sintered electrode constructions 
are gradually replaced with structures of 
higher capacity as, for example, felted 
nickel fibril or foam structures [350-352]. 
An open nickel foam structure can be ob- 
tained by vapor deposition of nickel from 
nickel carbonyl into a bed of urethane 
foam and then burning off the poly- 
mer. The porosity increases from 80% 
typical for sinter electrodes and reaches 
90-95% for felted or foam structures. 
Application of polymer bonded cadmium 
electrodes significantly reduces environ- 
mentally dangerous dusting during cell 
production [350]. 

In sealed cells, which are the most im- 
portant kind of Ni-Cd batteries, the gas 
(H 2 and O 2 ) evolution accompanying dis- 
charge should be minimized. This can be 
achieved by incorporation of “antipolar 
mass” - cadmium hydroxide in the pos- 
itive electrode. In this case overdischarge 
results in reduction of Cd(OH )2 to Cd, in- 
stead of hydrogen evolution [348]. On the 
other hand, oxygen evolved on the positive 
electrode during overcharging can react 
with cadmium [348]: 

^0 2 + Cd(s) + H 2 0(1) > Cd(OH) 2 (s) 

(7) 

The negative electrode is thus designed 
to be larger than the positive one to 
avoid full charging of the negative elec- 
trode [351]. 
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The state of charging, mainly of sealed 
cells, can be studied using galvanos- 
tatic methods [353] and electrochemical 
impedance spectroscopy [354-356] (see re- 
views [357, 358]). The battery behavior was 
analyzed using electronic network model- 
ing [359, 360], 

The cadmium -nickel oxide cell is 
the most robust secondary cell which 
can deliver a high charge in a short 
time, withstand overcharge, over dis- 
charge, and operate at temperatures as low 
as - 40 °C [350]. The vented Ni-Cd cells 
dominate in commercial jet- aircraft appli- 
cations [350]. Ni-Cd batteries are gradu- 
ally replaced by nickel -metal hydride and 
lithium-ion cells, especially in consumer 
electronics devices, due to higher energy 
storage capability and low weight. How- 
ever, they are still useful for applications 
that require low temperatures and high- 
rate capability [361, 362]. 

24.2.5.1.3 Cadmium-Silver Oxide 
Secondary Cells The scheme of the cell is: 

Cd(s)|KOH(aq)|AgO(s)|Ag(s) (8) 

The discharge of the negative electrode 


is described by equation: 

Cd(s) + 20H“(aq) » 

Cd(OH) 2 (s) + 2e“ (9) 

while the discharge of the positive elec- 
trode is a two-step process: 

2AgO(s) + H 2 0(1) + 2e“ * 

Ag 2 0(s) + 20H“ (10) 

Ag 2 0(s) + H 2 O + 2e“ > 

2Ag + 20H“ (11) 


The positive electrodes are usually fab- 
ricated by sintering of silver powders and 
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slurry pasting [348]. The negative electrode 
and electrolyte are similar as in Ni-Cd 
batteries, but the energy density is about 
30% higher. The open-circuit voltage is 

1 . 2 - 1 .4 V, depending on the reaction at the 
positive electrode. Applications are practi- 
cally limited to small button cells [348]. 

24.2.5.2 Application in Electrochemical 
Sensors 

24.2.5.2.1 Potentiometric Sensors The 

determination of cadmium is important 
due to its toxic nature [363]. It comes to 
water and soil through wastewater from 
metal plating industries, nickel -cadmium 
batteries and alloys. 

Crown ethers [364] have proved to be 
an excellent choice as ionophores for 
the fabrication of ion sensors because 
of their ability to complex selectively a 
particular ion. The cadmium selective sen- 
sors have been fabricated from poly(vinyl 
chloride) (PVC) matrix membranes con- 
taining macrocyclic ionophores: benzo-15- 
crown-5 [365], monoaza-18-crown-6 [366], 
dibenzo-24-crown-8 [367], dicyclohexano- 
18-crown-6 [368], 3,4 : ll,12-dibenzo-l,6, 

9,14-tetraazacyclohexadecane [369], and 
polystyrene based membrane of 3,4 : 12,13- 
dibenzo-2 ,5,11 , 14-tetraoxo- 1,6,10,15 -tetra- 
azacyclooctadecane [370]. Javanabakht 
etal. [371] have investigated Cd(II)- 
selective PVC membranes based on the 
synthesized tetrol compound. These mem- 
branes give a linear potential response 
in the concentration range 1.6 x 10 -6 
to 1.0 x 10“ 1 M with a Nernstian slope 

28 ± 3 mV per decade of Cd(II) concentra- 
tion. The cadmium ion- selective electrode 
based on tetrathia-12-crown-4 [372] is very 
sensitive, and exhibits Nernstian response 
for Cd(II) ions in the concentration range 
4.0 x 10“ 7 to 1.0 x 10 -1 M with a slope of 

29 ± 1 mV per decade. 


Gupta and D’Arc [373] have prepared 
the Cd(II) ion-selective electrode based on 
cyanocopolymer using 8-hydroxy quinoline 
as an electroactive ionophore. The effect of 
concentration of ion exchanger, plasticizer, 
and molecular weight of cyanocopolymers 
on selectivity and sensitivity of Cd(II) 
ion-selective electrode was also investi- 
gated [374]. 

Prodi et al. [375] have characterized 
a 5-chloro-8-methoxyquinoline appended 
diaza-18-crown-6 as a chemosensor for 
cadmium ions. 

New PVC membrane sensors for Cd(II) 
ions based on 2-(3 , ,4'-dihydroxyphenylazo- 
l')-l,3,4-thiadiazole [376] and 3-(2',4 / - 
dihydroxyphenylazo- V) - 1 ,2 ,4-triazol [377] 
were prepared. Their basic analytical pa- 
rameters were established. 

Selectivity of liquid membrane cadmium 
microelectrode based on the ionophore 
N , N, N' , AP-tetrabutyl-3,6-dioxaoctanedi- 
thioamide was characterized by Pineros 
et al. [378], 

The electrochemical flow sensor for 
in situ monitoring of total cadmium 
concentration in the presence of EDTA 
and nitrilotriacetic acid (NTA) ligands has 
been described [379]. 

The octamethyl- 1 , 1 ' -di (2 -pyridyl) ferro- 
cene, redox-active ligand was used as 
an electrochemical sensor for Cd(II) and 
Zn(II) ions in acetonitrile [380]. 

The PVC membrane electrode based 
on new Schiff base complexes of 2,2- 
[(1,3, dimethyl- 1 , 3 -propanediylidene) dini- 
trilo]bis-benzenethiolato with Cd(II) [381] 
and cadmium-salen (N , IV'-bis-salicyli- 
dene-l,2-ethylenediamine) complex [382] 
were used as the selective electrodes for 
tiocyanate ions. 

The preparation and investigation of a 
stable, long lived, and highly selective 
fast-response novel solid-state cadmium- 
ion electrode, based on the ion pairing 



compounds of the tetraiodocadmate and 
tetrabromocadmate anions with cetylpyri- 
dinium cations has been described by 
Abbas and Zahran [383]. The two sensors 
exhibit near Nernstian slopes indepen- 
dently of pH over a wide range with very 
fast-response time. 

A number of Cd(II) sensors based 
mainly on the Ag 2 S/CdS mixtures [384, 
385] and cadmium chelates [386] were de- 
scribed. Ito et al. [387] used an Ag 2 S/CdS 
ion-selective electrode for determination 
of cadmium ion in industrial wastewater 
by titration method. 

Solid-state cadmium sensors based on 
chalcogenide thin film layer were pre- 
pared [388]. The electrochemical behavior 
of the sensor in terms of ionic sensitivity, 
detection limit, Nernstian response inter- 
val and effect of pH was evaluated. 

Recent research in the field of poly- 
mer membrane ion-selective electrodes 
[389-391], has revealed that their se- 
lectivities [392-396] and limits of detec- 
tions [394-397] could be improved by 
several orders of magnitude. The review 
of Baklcer and Pretsch [398] summa- 
rized recent progress in the development 
and application of potentiometric sensors 
with low detection limit in the range 
10“ 8 -10 -11 M. 

Potentiometric Cd(II)-selective electrode 
with detection limit in ppt range has 


Fig. 8 The dependence of the 
electromotive force (EMF) of Cd (II) 
ion-selective electrode on logarithm of 
Cd (II) concentration in 10“ 4 M NaNC >3 
at pH 7. Solid lines, calculated response 
curves on the basis of Eq. (7) in Ref. 399. 
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been described [399]. The selectivity behav- 
ior was determined for two membranes 
based on the ionophore N, N, N', N'- 
tetradodecyl-3 , 6-dioxaoctanedithioamide, 
having different concentrations of iono- 
phore and ion exchanger. The detection of 
10” 10 M Cd(II) was achieved at pH 7 with 
an ionic background of 10“ 4 M NaNC >3 
(see Fig. 8). 

24.2.5.2.2 Amperometric-voltammetric 
Sensors Thick-film screen-printed car- 
bon containing electrodes modified with 
formazan were used for determination 
of Pb(II), Zn(II), and Cd(II) concentra- 
tion [400]. 

A l-(pyridylazo)-2-naphthol modified 
glassy carbon electrode was investigated 
as a voltammetric sensor for the Cd(II) 
ions [401], its detection limit was 5 x 
10” 10 M Cd(II). 

The concentration of Cd(II) was de- 
termined using a carbon paste electrode 
modified with organofunctionalized amor- 
phous silica with 2-benzothiazolethiol 
[402] or diacetyldioxime [403] and differ- 
ential pulse anodic stripping voltamme- 
try. The same method was used for 
determination of Cd(II) ion using GC 
electrode modified by antraquinone im- 
proved Na-montmorillonite nanoparticles 
[404], 
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Voltammetric behavior in trace deter- 
mination of cadmium at a calixarene 
modified screen-printed carbon paste elec- 
trode was investigated [405]. 

The GC electrode modified by dithizone 
was used for determination of Cd(II) 
and Pb(II) concentration using anodic 
stripping voltammetry [406]. 

Chow et al. have described [407] the 
electrochemical sensor for cadmium ions 
with gold electrode modified by 3-mercap- 
topropionic acid followed by covalently 
coupling the cadmium selective hexapep- 
tide His-Ser-Gln-Lys-Val-Phe. 

Roa et al. reported [408] the determina- 
tion of Pb(II) and Cd(II) ions concen- 
tration using a polycyclodextrin-modified 
carbon paste electrode with anodic strip- 
ping voltammetry. 

The electrodes modified by hexacyano- 
ferrates compounds were also used as 
voltammetric sensors [409-412]. The cad- 
mium hexacyanoferrate-based composite 
ion-sensitive electrode for voltammetry 
was explored by Scholz and cowork- 
ers [409]. The potential of such electrode 
depends linearly on the logarithm of 
concentration of alkali and alkaline-earth 
metals ions in the solutions. Bo and Lin 
have studied [410] Prussian blue (PB)/Pt 
modified electrode in CdCl 2 electrolyte 
by cyclic voltammetry and in situ Fourier 
transform IR spectroscopy (FTIR) spectro- 
electrochemistry. Cadmium hexacyanofer- 
rates were formed on a PB film. 

The solid-state electrochemical forma- 
tion of bilayer electrode structures of 
different hexacyanoferrates was studied, 
and a theoretical model was proposed 
for cyclic voltammetric behavior of the 
transformation of PB into cadmium hexa- 
cyanoferrates [411]. 

Solid-state electrochemistry of mixed 
iron(III)-Cd(II) hexacyanoferrates was 
also developed [412]. 
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24.3.1 

Double-layer Properties of Pb Electrodes 

24.3.1 .1 Properties of Solid Electrodes 

The main properties of the double layer 
of solid lead electrodes have been al- 
ready described in the Encyclopedia [1]. 
New achievements in this field have 
been the subject of reviews [for exam- 
ple [2-6]. Some of the new results relate 
to impedance of polycrystalline Pb elec- 
trodes in aqueous [7-9] and nonaqueous 
solvents (references in [3, 6]). Special at- 
tention has been paid to chemically and 
electrochemically polished polycrystalline 
electrodes, mainly in aqueous [10-12] and 
methanolic [13] fluoride solutions. 

The influence of the single crystal 
face of the Pb electrode on zero charge 
potential has been analyzed. The differ- 
ence between these potentials is within 
the range of 60 mV [8] and the poten- 
tial value increases with lowering atomic 
density [11]. The increase of the inner 
layer capacitance at zero charge in the 
sequence Pb(100) < Pb(110) < Pb(112) < 
polycrystalline Pb < Pb(lll) has been ex- 
plained by increasing hydrophilicity of the 
surface [6, 11]. 

A solid drop Pb electrode with addi- 
tionally remelted surface has been stud- 
ied in KF and NaClC >4 solutions; the 


minimum capacitance versus potential 
curve is practically independent of the elec- 
trolyte solution concentration [6]. 

24.3.1.2 Properties of Liquid Electrodes 

Double-layer properties as capacitance and 
potential of zero charge obtained for 
both single crystal and polycrystalline Pb 
electrodes differ significantly, depending 
also on the pretreatment procedure [6]. 
Therefore, some studies concern liquid 
electrodes containing lead. Liquid lead in 
molten NaX-KX (X = Cl, Br, I) eutectic 
mixtures has been studied using elec- 
trochemical impedance spectroscopy [14]. 
The double-layer capacitance at the rest 
potential is of the order of 0.9, 0.6, and 
0.2 pF cm -2 , for Cl - , Br - , and I - melts, 
respectively. These values are much lower 
than those obtained previously, in the six- 
ties of the twentieth century, because of the 
improvement of experimental technique 
and detailed studies on the influence of fre- 
quency on the measured parameters. The 
measured capacitance is affected by reduc- 
tion of alkali metal cations to alloy with 
Pb (at negative potentials), substitution of 
metal cations by anions for more positive 
potentials, and also anodic dissolution of 
lead at highly positive potentials. An influ- 
ence of possible spontaneous dissolution 
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of lead electrode in molten alkali metal 
halides has also been considered. 

Double-layer properties in aqueous, 
propylene carbonate and formamide so- 
lutions have been studied at room temper- 
ature for liquid Ga-Pb alloy (0.06 atom 
% of Pb) [15], as a model of Pb electrode 
with renewable surface. The electrode be- 
haves as an ideally polarizable electrode 
in a wide potential range, and its capaci- 
tance is intermediate between that of Ga 
and Hg electrodes and is independent of 
the solvent. This electrode is much less 
lipophilic than Ga. Adsorption of anions 
on this electrode increases in the sequence 
-BF 4 - = S0 4 2 “ < Cl“ < Br" < I". 

24.3.1 .3 Adsorption on Solid Electrodes 

Adsorption studies in ^Hg^NI so- 
lution, showing splitting of adsorp- 
tion-desorption peaks, point to energetic 
inhomogeneity of the surface [6]. This in- 
homogeneity has been analyzed using the 
concept of constant phase element af- 
fecting the impedance spectra [9], It has 
been found that incomplete reduction of 
the Pb surface lowers the double-layer 
capacitance and increases the surface inho- 
mogeneity [6]. Compact layer capacity has 
been found to be in quantitative agreement 
with that for Hg at negative charges. 

The influence of organic additives on 
the properties of lead electrodes has been 
studied from the viewpoint of applica- 
tion in lead-acid batteries, to improve 
the properties of the negative electrode. 
These materials can be classified into two 
types [16]: inhibitors and expanders. In- 
hibitors increase the overpotential for the 
hydrogen evolution reaction and lower the 
self-discharge of the negative plate. Ex- 
panders are used to restrain the surface 
area shrinkage of electrode active material 
during cycling and to inhibit the passiva- 
tion of the negative plate. The inhibitor 


and expander role of different surfactants 
in H2SO4 solutions has been studied - of 
the cationic type (cetyltrimethyl ammo- 
nium bromide), anionic type (sodium 
dodecyl benzenesulfonate, sodium dode- 
cyl sulfate, sodium lignosulfonate, amine 
perfluoroalkylsulfonates), and some non- 
ionic surfactants [16-20]. The influence 
of adsorbed lignin, an important addi- 
tive for the negative electrode in lead-acid 
batteries, has been studied using the 
electrochemical atomic force microscopy 
(AFM) method [21, 22]. The presence 
of surfactants usually moves the hydro- 
gen evolution potential to more nega- 
tive values; however, some perfluorinated 
substances exert an opposite or neg- 
ligible effect [16]. On the other hand, 
only nonionic surfactants can raise the 
discharge capacity of the negative elec- 
trode of lead-acid batteries [16]. Perfluo- 
rinated surfactants are more resistant to 
oxidation. 

Specifically adsorbed inorganic ions as 
halide anions [23] and organic substances 
can inhibit corrosion (see e.g. [24]). 

24.3.2 

Electrochemical Properties and Kinetics 
of Lead and Lead Compounds 

24.3.2.1 Pb(ll)/Pb(Hg) System 

This system with lead amalgam is es- 
pecially suitable to determine thermody- 
namic and electrochemical kinetic data 
related to Pb(II) owing to renewability of 
the mercury electrode surface. 

24.3.2.1.1 Studies in the Presence of 
Inhibitors and Organic Solvents The 

charge-transfer rate constant for the 
Pb(II)/Pb(Hg) couple in aqueous solution 
is very high [1]; therefore, the kinetics of 
electrode processes of this system has been 
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studied in the presence of inhibitors ad- 
sorbed on the electrode surface - aliphatic 
alcohols [25, 26], amines [27], or complexes 
with organic ligands [28]. In the case of 
full surface coverage by an inhibitor, the 
logarithm of standard rate constant is lin- 
early dependent on the logarithm of bulk 
inhibitor concentration with the slope de- 
termined by the so-called steric factor, 
which represents the ratio of surface area 
occupied by the activated complex and 
inhibitor molecules, both for noncom- 
plexed ions [29] and Pb(II) complexes [30]. 
This relation also discloses stereochemical 
information, concerning orientation of ad- 
sorbed molecules, as confirmed on the ba- 
sis of quantum chemical calculations [31]. 

Studies in nonaqueous and aqueous 
organic mixed solvents have shown the 
influence of two factors on charge-transfer 
kinetics - adsorption of the organic com- 
ponent of the mixture and solvation of 
reactant ions [32-34]. Adsorption of the 
organic solvent on the electrode surface 
decreases the electrode reaction rate in 
a similar manner as in the case of ad- 
sorbed inhibitors, as discussed above. 
On the other hand, stronger solvation 
of metal cations results in lower charge- 
transfer rate. Both the solvation and 
activation energy of electrodeposition re- 
actions in pure solvents, rise with in- 
creasing basicity of the solvent, expressed, 
for example, by donor number. A sep- 
arate influence of adsorption and sol- 
vation on the electrode kinetics of the 
Pb(II)/Pb(Hg) couple has been shown for 
water - hexamethylpho sphoramide mixed 
solvents [34]. Moreover, on the basis of for- 
mal potential values and electrochemical 
rate constants in mixed solvents, solva- 
tion numbers and reaction orders with 
respect to the organic solvent have been 
determined [35]. Half-wave potentials of 


the Pb(II)/Pb(Hg) in numerous organic 
solvents have been presented [36]. 

Diffusion coefficients of Pb(II) deter- 
mined in organic solvents - dimethylsulf- 
oxide and hexamethylphosphoramide - 
are about 1 order of magnitude lower than 
in aqueous solutions [33, 34, 37]. 

24.3.2.1.2 Other Phenomena Interac- 
tion of metallic Pb in the mercury 
phase [38] and amalgam decomposition in 
alkaline medium [39] have also been dis- 
cussed. Formation of anodic monolayer 
PbC0 3 or Pb 3 (C0 3 ) 2 (OH) 2 on Pb(Hg), 
depending on pH, in carbonate or bicar- 
bonate solutions, has been detected using 
electrochemical methods (chronoamper- 
ometry and linear sweep voltammetry) and 
powder X-ray diffractometry [40]. 

The Pb(II)/Pb(Hg) electrode process 
has been analyzed using digital simula- 
tion and the results have been compared 
with experiments carried out in aque- 
ous sodium nitrate solutions applying 
convolution/deconvolution voltammetry 
to determine charge-transfer rate constants 
and transfer coefficients [41]. Principles 
of thin-layer anodic stripping voltamme- 
try have been discussed and a model for 
the stripping step has been proposed. 
This model has been tested experimen- 
tally for amalgams of Cd and Pb [42]. 
Fast Fourier transform instrumentation 
has been shown to be advantageous, both 
in the analytical and kinetic applications 
of voltammetry, for example, on Cd and 
Pb redox systems [43]. Active/passive tran- 
sition for the Pb(Hg)/PbCl 2 system has 
been studied using digital simulation [44]. 

Pb(Hg) electrode in the presence of 
PbSC >4 and H 2 SC >4 has been used in 
thermodynamic studies and equilibrium 
potential determination [45]. 

The Pb(II)/Pb(Hg) system has been 
studied under high-pressure conditions 
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([46] and the references given therein). Pb 
dissolution process has not been found to 
be favored by increased pressure. 

Surface tension of Pb amalgams in 
relation to the electronic structure of the 
metal and adsorption properties has been 
discussed [47]. 

24.3.2.2 Complexes of Pb(ll) and Related 
Phenomena 

Complexation equilibria and complexa- 
tion processes have been studied mainly 
on mercury electrodes (see book [48]), 
for Pb(II) with, for example, ox- 
alates, maleates, tartrates, citrates [49], 
phytochelatin [50], amino acids [51-57], 
carboxylic acids [53], cyclodextrins and 
their derivatives [58, 59], ferrocene deriva- 
tives [60], picolinic acid [61], sulfonic acids 
derivatives [62], fulvic like organic lig- 
ands/acids [63, 64], ligands involving 
cephalosporins [65], phthalocyanines [66], 
organic ligands giving pentagonal symme- 
try [67], or cryptands and other macrocyclic 
ligands (see reviews [68-70] and [71-77]). 
Complexation by other systems as dis- 
solved organic matter from an estuarine 
sample [78], components of oxic and sul- 
fidic waters [79] as well as red wines [80] 
have also been studied. The role of ligand 
adsorption in stripping voltammetry has 
been reviewed [81]. The Pb(II)/Pb(Hg) has 
been used as a redox probe to study com- 
plexation processes between macrocyclic 
ligands and several cations competing with 
Pb 2+ ions (e.g. [82]). 

Electrochemical formation of Pb(II) 
complexes by anodic dissolution of 
lead [83-89] and studies on electrochemi- 
cal properties of Pb(IV) complexes as well 
as organo-lead compounds have been re- 
ported [90, 91]. Electrogenerated chemilu- 
minescence of Pb(I I) -bromide complexes 
has been described [92]. Reduction of lead 
to Zintl ions, such as Pbg 4- , has been 


observed in liquid ammonia, accompa- 
nied by intermetallic phase formation, as 
a result of alkali metal incorporation into 
lead [93, 94]. 

Complexation of Pb(II) by cyclic 
thioethers facilitates reversible interfacial 
transfer in ion-transfer voltammetry for 
the water-nitrobenzene and water- 1,2- 
dichloroethane systems [95, 96]. 

24.3.2.3 Electrochemical Processes 
of Liquid Lead in Molten Salts 

The oxidation/reduction processes of 
Pb(II) with formation of liquid Pb(0) have 
been studied in molten halides ([97, 98] 
and references given therein). Most au- 
thors have concluded that Pb(II) species 
are reduced to the metal in the course of 
the single two-electron process. PbC >2 has 
been found unstable because of the reduc- 
tion by Cl - ions to Pb(II). On the other 
hand, in the presence of Zn(II), lead(II) 
oxide, PbO, transforms to Pb(II) with ZnO 
formation. In ZnCl2-2NaCl melts, using 
a tungsten electrode, kinetic parameters 
of the charge-transfer reaction for the 
couple Pb(II)/Pb(0) at 450 °C have been 
determined, log k ® and a values are equal 
to —4.3 ±0.1 and 0.48 ± 0.06, respec- 
tively [98]. The diffusion coefficient value 
for Pb(II) is (7.5 ± 0.7) 10“ 6 cm 2 s _1 [98], 
The influence of electrolyte cation [99] and 
anion [100] on the kinetics of lead in 
molten halides has been studied. 

24.3.2.4 Voltammetric Behavior of Lead 

24.3.2.4.1 Sulfuric Acid Solutions Volt- 
ammetric properties of pure lead elec- 
trodes have been studied in different 
media, but owing to obvious applications 
in lead-acid batteries, most data relate to 
sulfuric acid solutions. Typically, voltam- 
metric curves of lead, limited by hydrogen 
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Fig. 1 Cyclic voltammetric curves of Pb electrode in 4.5 M H 2 SO 4 solution [103], 


and oxygen evolution processes, exhibit 
several peaks, for example [101, 102]. An 
example is presented in Fig. 1 [103] with 
four anodic peaks: 

(a) oxidation of Pb to PbSC>4, 

(b) oxygen evolution, 

(c) oxidation of PbSC>4 to PbC>2 (usually 
d form), 

(e) oxidation of Pb to PbO; 

and with four cathodic peaks: 

(d) reduction of PbC>2 to PbSC>4, 

(f) reduction of PbO to Pb, 

(g) reduction of PbS04 to Pb, and 

(h) hydrogen evolution. 

The inner PbO layer is formed because 
of the impermeability of PbS04 layer for 
SO4 2- ions; only Pb 2+ , OH - , and H + 
ions can transfer across this film. Thus, 
in the course of anodic scan, H + ions can 
flow from the reaction site into solution, 
resulting in alkaline medium formation 
near the electrode surface. With increas- 
ing H2SO4 concentration, the lead sulfate 
layer is more compact and electrolyte ions 


access to the inside layer is hindered [104, 
105]. A characteristic, and not quite a 
clear feature, is the presence of a small 
anodic peak (anodic excursion peak [101, 
106, 107]) recorded in the course of the 
cathodic scan, if the electrode potential is 
cycled in a potential range limited by hy- 
drogen and oxygen evolutions. This peak 
is located either before [107, 108] or af- 
ter [101, 106] the reduction peak(d), in 
low or high H2SO4 concentration in so- 
lution, respectively [102, 109, 110]. The 
presence of anodic excursion peak has been 
explained in different ways (see literature 
review [110]). The most probable explana- 
tion is based on the large increase of mo- 
lar volume accompanying reduction peak 
(d) - from 25 cm 3 mol -1 for f-Vh02 to 
48 cm 3 mol -1 for PbSC>4 [101], resulting 
in cracks on the electrode surface. Thus, 
the metallic lead surface, which can be 
oxidized by sulfuric acid, is exposed. Wa- 
ter oxidation by Pb(III), generated during 
surface reduction of PbC>2 has also been 
postulated [106, 107]. The electrochemical 
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properties of Pb in sulfuric acid solutions 
have been studied and described mainly 
by Pavlov (see e.g. [Ill, 112] and refer- 
ences given therein), some mathematical 
models concerning nucleation and growth 
of solid phases have been proposed, for 
example [113]. 

However, the process of Pb oxida- 
tion/reduction is more complicated be- 
cause of the presence of different Pb oxides 
(as e.g. 3 Pb 0 -H 20 , o-PbC^, and also non- 
stoichiometric oxides) on the surface [ 111 , 
114] as electrochemical impedance spec- 
troscopy [115], photocurrent [116], or graz- 
ing incidence X-ray diffraction stud- 
ies [117] show. Soluble Pb(II) and Pb(IV) 
species have also been revealed on the 
basis of measurements obtained with the 
use of rotating ring-disk electrode [118]. 
The size and amount of PbSC >4 crys- 
tals [104, 105] and the charge-transfer 
rate [119] is dependent on acid concentra- 
tion. Current transient experiments have 
pointed to two-dimensional nucleation and 
growth of PbSC> 4 , electrodissolution of 
lead electrode in the zones not covered 
by PbS 04 as well as passive layer growth 
due to lead electrodissolution, and Pb(II) 
transport across the PbSC >4 layer [120, 
121]. Proposed mechanism of PbO for- 
mation points to intermediate Pb(OH) ad 
oxidation to PbO OH - 

Pb(OH) ad + OH - * PbOOH - + H+ 

+ e - , rds ( 1 ) 

and then the final product is ob- 
tained [115]: 

PbOOH - * PbO + OH - (2) 

Diffusion of O 2- ions has also been 
taken into account as rate determin- 
ing step (rds) and the value of their 
solid phase diffusion coefficient has been 
determined as 2.4 x 10 -15 cm 2 s -1 [122]. 


Current transient studies have also demon- 
strated instantaneous nucleation and two- 
dimensional growth mechanism of f- 
Pb 02 [123] and a higher rate of reduction 
of small PbS 04 crystals, compared to 
greater ones [124]. 

On the basis of electrochemical results, 
scanning electron microscopy (SEM) im- 
ages and X-ray diffraction analysis, Pavlov 
et al. have discussed the influence of sulfu- 
ric acid concentration on the mechanism 
and rate of Pb-PbS 04 -Pb 02 transfor- 
mations [125]. Three acid concentration 
ranges have been distinguished. The first 
is active H 2 SO 4 concentration range (from 
0.5 to 5 M), where the concentration of 
HSO 4 - is the highest and / 3 -PbC >2 phase is 
formed. This phase is reached in hydrated 
gel areas (PbO(OH) 2 ), which are ionically 
(H + ) and electronically conductive, nec- 
essary for the electrochemical process to 
occur, for example, for hydrated PbC >2 
reduction: 

Pb0 2 • H 2 0 + 2H+ + 2e - » 

Pb(OH ) 2 + H 2 0 (3) 

Pb(OH ) 2 + HSO 4 - + H+ » 

PbS0 4 + 2H 2 0 (4) 

Concentrations higher than 5 M corre- 
spond to a passive high concentration re- 
gion, where a-PbC >2 crystals are formed. In 
passive, low concentration region (H 2 SO 4 
concentration lower than 0.5 M), the con- 
tent of Q'-Pb 02 is also high. In both passive 
regions, the amount of gel zones is low, 
resulting in low electroactivity. For very 
low H 2 SO 4 concentrations (not buffered), 
the changes in the potential can result in 
the formation of a diffusion layer at the 
PbC >2 surface with different pH, which 
can considerably affect the formation of 
complexes. 



Formation of 3 Pb 0 -PbS 04 -H 20 de- 
pends on the properties of PbSC >4 pas- 
sivation layer. When the anodic film is 
passivated significantly, the diffusion of 
ions across the PbSC >4 becomes a rate- 
determining step [126]. After reactivation 
of the passive layer, the rate is controlled by 
diffusion-limited nucleation and growth. 
The process is promoted by decreasing 
acid concentration and by the presence of 
small amounts of Sb in alloy with Pb. 

The hydrogen and oxygen evolution 
processes on Pb are affected by other metal 
additions to Pb, for example, addition 
of bismuth enhances both the hydrogen 
and oxygen evolution [127], while addition 
of silver inhibits hydrogen ions reduc- 
tion [128]. 

In the presence of Pb(II) ions in 
sulfuric acid, potential oscillations have 
been observed for galvanostatic oxidation 
of hydrogen on platinum electrode [129]. 
This behavior has been attributed to ad- 
sorption/oxidation/desorption processes 
of lead on the platinum surface. Lead at 
high values of coverage is oxidized to insol- 
uble PbSC> 4 , which blocks the Pt surface. 

Oxidation/reduction of Pb electrode 
has been studied using in situ 
spectroscopic techniques - Raman [114, 
130-132], fourier transform infrared 
(FTIR) [133-135], Auger [136], and pho- 
tocurrent spectroscopy [131, 137-141]. El- 
lipsometric studies underlined nonuni- 
form PbSC >4 film growth; a dis- 
solution-precipitation mechanism with 
nucleation and three-dimensional growth 
has been proposed as a result of large 
oversaturation of Pb(II) ionic species [142] 

Fig. 2 AFM images of lead surface in 
sulfuric acid (density: 1 .25 g cm -3 ) after 
holding: (a) for 2 min at reducing 
potential —1050 mV, (b) for 6 min at 
oxidizing potential —1035 mV versus 
Hg/Hg 2 S0 4 [145], 
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and formation of thin and flat PbC >2 
layers [143]. In situ studies using elec- 
trochemical quartz crystal microbalance 
(EQCM) under galvanostatic conditions 
have confirmed the oxidation of Pb to 
PbSC >4 at low current densities and trans- 
formation of PbS 04 to PbC >2 at higher 
current densities [103]. AFM studies, cou- 
pled with X-ray photoelectron spectroscopy 
(XPS) and X-ray diffraction (XRD) mea- 
surements give better insight into the 
PbSC >4 and PbC >2 structure details and 
have pointed to dissolution-precipitation 
mechanism of PbSC >4 formation [144]. 
Figure 2 presents AFM images of Pb 
electrode hold at reduction or oxidation 
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potential, showing the structure of metal- 
lic lead or PbSC>4, respectively [145], On 
the basis of AFM studies under poten- 
tiostatic conditions, a new mechanism 
of “sulfation” reaction has also been 
proposed [145]. It has been shown that 
the lead surface is covered with a lead 
oxide film and the lead sulfate crystals 
grow up on the surface. Lead sulfate crys- 
tals formed by electrochemical reaction 
have been found rougher than those ob- 
tained by a chemical reaction and thus, 
chemically more active. Therefore, during 
longer standing, lead sulfate recrystallizes 
and a new, chemically obtained PbSC>4 is 
formed of lower activity. This results in 
lower charge storage ability in lead-acid 
batteries. An electrochemical method to 
reactivate the “sulfated” lead electrode has 
been proposed [102]. 

Voltammetric experiments have re- 
vealed that lead oxidation is a fast reaction 
and thus, PbSC>4 deposition occurs by 
nucleation in supersaturated solution of 
Pb 2+ , followed by the growth process. The 
reduction process is slower because of the 
slow dissolution of PbSC>4. The crystal size 
becomes smaller when the potential scan 
rate is fast or the electrolyte concentra- 
tion is high [146]. Other AFM experiments 
have been described elsewhere [21, 22], 
Electrochemical atomic force microscopy 
(EC-AFM) potentio static studies have also 
been carried out at Pb(100) and Pb(lll) 
single crystals in 0.05 M H2SO4 solu- 
tions [147]. The top faces of PbS04 crystals 
formed on Pb(100) and Pb(lll) have been 
found to be PbSO4(001) and PbSO4(100), 
respectively. The comparison of voltam- 
metric curves for Pb(100) and Pb(lll) and 
AFM image is presented in Fig. 3 [147]. 

The effect of immobilizing the elec- 
trolyte using sodium silicate as thixotropix 
agent on electrochemical properties of lead 
in sulfuric acid has been described [148]. 


24.3.2.4.2 Nitric Acid Solutions The 

voltammogram of Pb in nitric acid 
shows two well-defined anodic peaks (first 
peak - PbO and lead nitrate formation, 
and second peak - PbC>2 deposition) in 
the course of the positive scan [149]. In 
the reverse scan, either a wide plateau 
followed by a cathodic peak at very nega- 
tive potentials or two cathodic peaks have 
been observed [150]. The inhibition of Pb 
dissolution process in more concentrated 
HNO3 results from the presence of a 
protective PbC>2 layer [149]. Successive cy- 
cling results in increasing current due to 
increasing electrode surface area by de- 
posited PbC>2 [150]. 

24.3.2.4.3 Phosphoric Acid Solutions In 

phosphoric acid (pure liquid or concen- 
trated aqueous solution, 12 and 6 M), a pair 
of peaks has been recorded correspond- 
ing to the redox couple PbHPC>4/Pb as 
confirmed by XRD studies and SEM pho- 
tographs [151]. The presence of chloride 
or bromide ions also results in precipi- 
tation of Pb5(PC>4)3Cl and Pbs(P04)3Br, 
respectively, while in the presence of io- 
dide ions Pbl2 is formed. Addition of 
H3PO4 to H2SO4, changes the voltammet- 
ric behavior (references in [151] and [152]). 
The lead phosphate formation blocks the 
lead surface oxidation to PbC>2. For higher 
H3PO4 concentration (5 M), the anodic ex- 
cursion peak is visible on voltammograms 
as in H2SO4 solutions, located after PbC>2 
reduction peak [152]. 

24.3.2.4.4 Sodium Hydroxide Solutions 

In NaOH solutions, two main lead an- 
odic peaks owing to the formation of PbO 
and Pb02 have been recorded, followed 
by oxygen evolution ([153-156] and the 
references given therein). In the step pre- 
ceding PbO production, the formation of 
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(b) 

Fig. 3 (a) Cyclic voltammetric curves of Pb(100) arid Pb(l 11) in 50 mM 

H 2 SO 4 solution, scan rate: 1 mV s _1 . (b) EC-AFM high resolution image 
(3 nm x 3 nm) on Pb(100) in 50 mM H 2 SO 4 solution at —1040 mV 
versus Hg/Hg 2 S 04 and schematic illustration of the image [147], 


adsorbed PbOH or Pb(OH)2 can occur, 
while PbC>2 formation has been assumed 
to be preceded by Pb3C>4 production; how- 
ever, this has not been unequivocally con- 
firmed. The electrochemical processes are 
accompanied by partial dissolution of PbO 
and PbC>2 to HPbC>2“ and PbC>3 2- , respec- 
tively. A longer conditioning of PbO film 
results in slow dissolution to HPb02 - . 


Addition of anions to NaOH solution af- 
fects the anodic film formation kinetics 
and morphology. These films are mainly 
a-PbO, with the exception of chloride ions 
solution, where /hPbO is formed [ 157 ]. 
Anodic oxidation of Pb electrode in hot 
alkaline solution (containing NaOH) facil- 
itates selective growth of a-PbO, /J-PbO, 
and Pb02-x ( x = 0 - 1 ) phases, depending 
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on the applied potential, as confirmed by 
XPS spectroscopy [158]. 

24.3.2.4.5 Different Salt Solutions In 

alkaline Na 2 HPC >4 solutions, anodization 
of lead results in the formation of several 
peaks observed at a potential lower than 
that of oxygen evolution, Fig. 4 [159], 
On the basis of cyclic voltammetry and 
X-rays surface analysis, the shoulder A 


and peak A have been assigned to 
Pb oxidation to Pb(OH )2 (accompanied 
by possible dehydration to PbO). At 
higher anodic potentials, two-dimensional 
nucleation and spreading of PbO (peak B) 
followed by three-dimensional nucleation 
and growth of PbO (region C) and then 
Pb02 formation (D) occurs. Figure 4 also 
presents a schematic illustration of the 
anodic process. 



(b) 
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Fig. 4 Three successive sweeps of Pb electrode in 0.10 M Na 2 HP 04 
solutions at scan rate of 25 mV s^ 1 (a). Schematic simplified 
illustration of films formation on Pb in Na 2 HP 04 solution (b) [159]. 





24.3 Electrochemistry of Lead 815 


In the cathodic scan, reduction of PbC >2 
(peak F), reduction of PbO (peak G), and 
reduction of Pb(OH )2 (shoulder H) can be 
observed on the voltammetric curve. 

A more complicated pattern is recorded 
in Na 2 SC >4 solutions [160, 161], where a 
behavior, typical for H 2 SO 4 can also be 
observed. Additionally, some phenomena 
that are typical for alkaline solutions are 
visible as presence of soluble species 
HPbC> 2 _ [160, 162]. The voltammetric an- 
odic oxidation is characterized by peaks 
of PbSC> 4 , PbO, Pb 02 , and by the trans- 
formation of PbS 04 to Pb 02 , as well as 
by the formation of intermediate oxides in 
the second and following scans. During 
reverse cathodic scan, peaks are formed, 
corresponding to the reduction of Pb 02 to 
PbS 04 , Pb 02 to PbO and PbO with PbS 04 
to Pb, and finally PbH 2 formation is ob- 
served just before hydrogen evolution. In 
sulfuric acid solution containing sodium 
sulfate, an additional oxidation process 
has been recorded owing to the higher 
conductivity of lead sulfate in the presence 
of sodium ions [163]. 

Voltammetric characteristics of lead 
electrodes have also been studied in 
sodium borate solutions [164], where for- 
mation/dissolution of lead oxides can be 
accompanied by lead borate precipitation 
on the electrode. 

24.3.2.5 Voltammetric Behavior of Several 
Lead Compounds 

24.3.2.5.1 PbO PbO exists in two poly- 
morphic forms - tetragonal a-PbO and 
orthorhombic /1-PbO; they are photosen- 
sitive substances. Basic electrochemical 
properties of PbO have been studied in 
acidic [105, 111], neutral [165,] and alka- 
line [153] media. In acidic solutions, the f>- 
PbO formation is followed by transforma- 
tion to a-PbO [166, 167]. In sulfuric acidic 


solution, the a-PbO formation/dissolution 
is accompanied by processes involving lead 
sulfate. PbO growth rate has been found 
to be dependent on the migration of Pb 2+ 
and OH - ions into the oxide layer, as well 
as of H + ions into the PbS 04 layer [104, 
105]. PbO reduction process to Pb has 
been postulated to occur according to pro- 
gressive nucleation and growth path [132, 
168, 169], assisted with OH - ion diffusion 
through the PbS 04 layer [104], With de- 
creasing concentration of sulfuric acid, the 
structure of PbS 04 layer becomes looser, 
facilitating mass transfer of H + and SO 4 2 ' 
ions. Therefore, in the cathodic voltam- 
metric scan, the transformation of a part of 
a-PbO into basic lead sulfate or lead sulfate 
occurs [105], followed then by lead deposi- 
tion. The reduction rate can be controlled 
by the nucleation and growth of metallic 
lead and OH - ions diffusion across the 
PbSC >4 layer [105]. With decreasing sulfu- 
ric acid concentration, the reduction of 
tetragonal PbO to Pb changes from two- to 
three-dimensional progressive nucleation 
and growth [105]. A solid-state mechanism 
related to migration of 0 2 ~ anions has also 
been postulated [170]. Oxidation of lead-tin 
alloy results in PbO of increased conduc- 
tivity compared to pure PbO [171]. 

PbO is more stable in alkaline solutions. 
Anodic oxidation of Pb leads to the selec- 
tive growth of /1-PbO, which transforms 
into a -PbO in the course of prolonged po- 
larization, as supported by X-ray diffraction 
studies and photoelectrochemical exper- 
iments [172]. In the presence of sulfate 
ions, simultaneous formation of basic 
lead sulfate with PbO has been observed, 
until the formation of 4Pb0 PbS 04 . At 
higher potentials, the oxide film in sulfate 
ions solution has a strong ( 110 ) orien- 
tation with microporous structure. X-ray 
diffractometry and photocurrent measure- 
ments have confirmed the presence of 
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highly oriented (110) a-PbO phase, ob- 
tained in 0.05-0.5 M NaOH solutions, 
while the films obtained at higher NaOH 
concentrations exhibit submicrocrystalline 
or amorphous nature [155, 173]. In dilute 
solutions (0.01 M NaOH), the presence of 
/1-PbO has also been detected. In neutral 
KCl solutions, X-ray diffraction [165] and 
AFM studies [174] show that the a-PbO 
reduction to Pb is an epitactic solid-state 
reaction occurring with conservation of the 
initial crystal orientation on the electrode 
surface. Dissolution of PbO in molten car- 
bonates has been studied, from the point 
of view of materials stability in molten 
carbonate fuel cells [175]. 

24.3.2.5.2 Pb 02 PbC >2 has two crystal- 
lographic forms - orthorhombic a-PbC >2 
and tetragonal / 1 -Pb 02 . Pb 02 has been 
electrochemically obtained on different 
substrates - platinum [176-178], gold 
[177, 179-181], nickel [182], glassy car- 
bon [183, 184], vitreous carbon [185], ti- 
tanium [180, 186-188], tin or indium-tin 
oxide [189, 190], stainless steel [188], tita- 
nium oxides [191], polystyrene templates 
enabling macroporous PbC >2 formation 
[189], and in acetonitrile solutions [192], 
Nanostructured PbC >2 obtained by hydrol- 
ysis of Pb(CH 3 COO )4 has been found 
to exhibit high electrochemical activ- 
ity [193]. The preparation and properties 
of lead dioxide electrodes have been re- 
viewed [194-196]. a-Pb0 2 has a more 
compact structure, is more stable mechan- 
ically, and can be obtained electrochemi- 
cally in alkaline solutions, while yS-PbC> 2 , 
which is thermodynamically stable, is ob- 
tained in acidic solutions and is more 
porous [177, 183, 197]. The morphology 
of PbC >2 depends on temperature, solu- 
tion composition (e.g. [182, 186, 198]), and 
applied current density. Lower current 
density leads to / 1 -Pb 02 deposition [182]. 


The mechanism of nucleation and growth 
of PbC >2 in H 2 SO 4 has been described 
in Ref. 199 and references cited there. In 
sulfuric acid solutions, the phase compo- 
sition (a- and /J-Pb 02 content, determined 
on the basis of X-ray diffraction) and 
structure depend on many factors [196, 
200 , 201 ], as well as on the time dura- 
tion of continuous cycling. The amount of 
/J-PbC >2 phase increases in the cycling pro- 
cess [201, 202]. Properties of PbC >2 have 
also been studied in perchlorate [179, 202] 
and HNO 3 solutions (e.g. [150, 178]). The 
lead dioxide that is obtained is a non- 
stoichiometric compound, for example, 
Pb 0 2 _3 • «H 2 0 [203], and more complex 
formulae have also been proposed. Influ- 
ence on PbC >2 properties by doping with 
Bi [204], Fe [205], and Co [206] has been 
analyzed. 

EC-AFM studies have shown that the 
two-step reduction process of lead dioxide 
is the dissolution process of Pb 02 and the 
deposition process of PbSC >4 crystals af- 
ter saturation of the electrolyte with lead 
ions [207]. Two reduction peaks of PbC >2 
can be ascribed to the partial reduction of 
larger and smaller crystals of electrode- 
posited PbC >2 [196]. Other mechanisms 
such as “hydrogen loss” [208] or “pro- 
ton-electron mechanism” in gel zones of 
Pb0 2 in all-solid-state systems [209] have 
also been discussed. Cathodic reduction 
of Pb 02 in alkaline media has been pos- 
tulated to proceed with the formation of 
soluble Pb 03 2- and then HPb 02 _ [154]. 

24.3.2.5.3 Pb chalcogenides PbS is an 
important semiconductor material, which 
can find application in photoelectric de- 
vices owing to its low-band gap energy, 
depending on the size of PbS parti- 
cles (0.41 eV for bulk PbS). Methods of 
PbS synthesis have been summarized 
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in, for example [210], and electrochem- 
ical deposition of PbS has been de- 
scribed in Refs 211-215. Using electro- 
chemical atomic layer epitaxy, underpo- 
tential deposition (UPD) growth of each 
element (Pb and S) follows layer-by- 
layer, forming a cubic rock salt crys- 
tal structure with (200) plane parallel 
to the Au(lll) substrate surface [210]. 
The obtained PbS film shows anodic 
photocurrents. Nanocrystals of PbS have 
also been obtained using electrochemical 
methods [214, 216]. Electrochemical prop- 
erties of synthesized and natural PbS have 
been studied in aqueous solutions using 
electrochemical methods [217-220], FTIR- 
spectroelectrochemical methods [221- 
225], and synchrotron radiation excited 
photoelectron spectroscopy [226], One of 
the main products of PbS oxidation, in- 
volving holes, has been found to be 
Pb(OH )2 [221]. Analytical applications of 
PbS nanoparticles as oligonucleotides 
labels for electrochemical stripping de- 
tection of DNA hybrydization have been 
reported [227]. 

Electrochemical deposition and electro- 
chemical properties of other Pb chalco- 
genides - PbSe [228-233], PbTe [234, 235], 
and mixed PbSei_. v Te. v [236-238] have 
also been studied. 

24.3.3 

Electrodeposition and Underpotential 
Deposition of Lead on Solid Substrates 

Studies on lead electrodeposition on con- 
ducting solid substrates are related mainly 
to electrocatalysis, searching for alternative 
collectors/grids for lead-acid batteries, as 
well as for removing Pb(II) ions from aque- 
ous solutions and stripping for analytical 
purposes. 

An important group of works relates 
to problems of UPD. Processes of lead 


electrodeposition are presented systemati- 
cally depending on the substrate material. 

24.3.3.1 Platinum 

Voltammetric behavior of UPD of Pb has 
been studied on polycrystalline Pt elec- 
trodes and on defined Pt faces [239-241]. 
Earlier works have pointed to irreversible 
adsorption of lead and anionic species 
on Pt(lll) [242, 243], Ex situ XPS stud- 
ies have revealed adsorption of Pb and 
Pb 2+ on Pt(lll) surface [244], and thermal 
properties of emersed adlayers have been 
studied [245]. UPD on Pt(lll), using rotat- 
ing ring-disk electrode in perchloric acid 
solutions [246], has pointed to two-step 
process of Pb deposition in the presence 
of adsorbed OH - ions and desorption of 
adsorbed OH - concurrent with Pb depo- 
sition. Similar studies in the presence of 
bromide ions have shown competitive in- 
fluence of anion adsorption [247], since 
deposition of Pb adatoms is associated 
with desorption of bromide ions. Pb UPD 
process on Pt(lll) in mixed solutions of 
perchloric and sulfuric acid has shown a 
large influence of sulfuric acid addition, 
and adsorption of Pb has been found on 
the surface already covered by HS 04 ~ or 
S0 4 2 “ anions [248]. The influence of CO 
adsorption on Pb UPD process has also 
been studied [249]. On Pt(100) face, in per- 
chloric acid, deposition of Pb adatoms is 
accompanied by displacement of adsorbed 
OH - anions [250], and in the presence of 
bromide ions, these anions are desorbed 
by Pb adatoms. Thus, the potential range 
of a closely packed monolayer is shifted 
to lower values [250], Scanning tunneling 
microscopy (STM) studies on Pt(001) face 
have shown Pb islands covering the entire 
Pt surface [251] but with no long range 
order in the surface plane, as confirmed 
by in situ X-ray diffraction studies [252]. 
The presence of strongly adsorbed Br at 
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step edges on the Pt(OOl) surface and 
the competitive nature of Pb-Br inter- 
actions result in a rapid exchange of Pb 
and Br on the Pt terraces. Thus, Pb forms 
a strongly bonded c(2 x 2) adlayer. The 
role of electrode smoothness and potential 
scan rate at early stages of electrodeposi- 
tion have been analyzed from the point 
of view of the deposit structure (presence 
of Pb-Pb and Pb-Pt domains) and its ac- 
companying rearrangement /equilibration 
by surface diffusion of metal atoms [253]. 

24.3.3.2 Gold 

Pb UPD on Au electrodes has been studied 
by numerous authors, using various clas- 
sical electrochemical and optical methods 
(e.g. Refs 254-260 and references given 
therein), as well as using AFM [261] and 
STM techniques [262, 263]. Voltammetric 
depositions on Au single crystals have re- 
vealed complex peaks, which have been 
ascribed to different structures observed 
by low-energy electron diffraction (LEED) 
experiments [257]. A range of lead layer 
structures, changing with surface coverage 
of lead, with possible formation of AuPb2, 
has also been detected by LEED and Auger 
spectroscopy [264]. Pb UPD has been in- 
tensively studied on polycrystalline gold 
and defined Au (h,k,l) planes [255-258], 
and comparison of voltammetric curves 
recorded on different planes has been 
discussed in [256]. Pb UPD process on 
different Au (h,k,l) planes has been re- 
viewed by Herrero et al. [265]. Owing to a 
large difference in the atomic sizes of gold 
and lead (lead atom is ca. 20% larger than 
gold), formation of incommensurate ad- 
layers is favored (see [265] and references 
given therein). Alloy formation is not un- 
equivocally confirmed [265]; its formation 
is suggested to occur only at edges and on 
defect sites. 


The UPD process has been stud- 
ied mainly on Au(lll) plane [261, 262, 
266-268]. Voltammetric curves exhibit a 
pair of peaks (splitting in two) and a 
series of irreversible peaks at higher un- 
derpotentials [265]. Splitting results from 
kinetics of the process, growth of lead de- 
posited islands (at higher underpotentials) , 
and coalescence process (at lower under- 
potentials) [263, 265]. The initial step of 
Pb UPD on Au(lll) is a decoration of 
monoatomic steps. At higher coverages, 
the uncompleted Pb monolayer is rela- 
tively unstable owing to surface alloy for- 
mation. Then, two-dimensional Pb islands 
of hep structure are observed. Stability of 
two-dimensional islands on Au(lll) has 
been recently confirmed by atom dynamics 
simulation studies [269]. At high surface 
coverages in situ STM and AFM images 
point to compressed and rotated hep struc- 
tures of Pb [270], An overview of processes 
occurring on Au(lll) surface is presented 
in Table 1 [268], 

Stability of lead monolayers [271] and 
a dependence of the Pb UPD layer 
structure on surface coverage have also 
been studied on Au(100) face [272]. A 
phase transition from an expanded Pb 
overlayer to compressed hep structure has 
been considered [270]. A coupled process 
of gold and Pb UPD oxidation process on 
single crystal Au(110) has been studied 
using XPS method [273]. 

The process of Pb deposition depends 
on the presence of adsorbed species. 
On polycrystalline gold, in HCIO4 acid 
solutions, a combined quartz crystal mi- 
crobalance and probe beam deflection 
methods have pointed to three stages of 
the process - (1) water molecules release 
from gold surface, (2) metal UPD associ- 
ated with adsorbed OH - ions replacement, 
followed by (3) water formation [274], In 
the presence of adsorbed anions or organic 
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Tab. 1 Phenomena accompanying Pb UPD on Au(l 1 1) substrate [268] 


Scan direction 

Potential range 
[A E/mV] 

Description 

Cathodic 

220-255 

Growth at existing step edges 


235-250 

First nuclei form, some unstable 


210-230 

Stable nuclei and other islands grow and join 


195-215 

Most rapid visible change 


170-190 

Continued slow filling of plane 

Anodic 

190-225 

Small islands shrink and disappear 


210-240 

Terrace edges recede 


220-245 

Appearance and growth of pits 


240-250 

Most rapid visible change 


245-275 

Slight continued shrinking of remaining islands 


molecules, competition with Pb adatoms 
can occur [275-277]. Using EQCM, XPS, 
and time of flight secondary ion mass 
spectrometry [275, 276] the presence of 
adsorbed anions has been demonstrated. 
The deposition process involves reduc- 
tion of both adsorbed lead complex with 
anions and lead(II) present in the elec- 
trolyte bulk. The PbCU 2- complex has 
been found to be adsorbed before the 
potential of its reduction to Pb. On the 
basis of voltammetric experiments, car- 
ried out at different temperatures, stan- 
dard entropies of Pb adatoms have been 
evaluated [278]. These data point to sur- 
face mobility of Pb adatoms, significantly 
dependent on the solvent, where the depo- 
sition process occurs. Frumkin isotherm 
of Pb adsorption has been used to ex- 
plain the shape of voltammetric peaks 
[279], 

Spontaneously adsorbed monolayers 
possessing sulfonate terminal groups on 
gold electrodes can enhance the lead UPD 
current, for example [280], see also Chap- 
ter Electrochemistry of Gold (24.4) in the 
present book. 

Surface stress measurements also reveal 
useful data concerning surface processes. 


Changes in surface stress of Au(lll) elec- 
trode during Pb UPD have been measured 
using the bending beam method [281, 
282]. A maximal surface stress appears 
at the onset of UPD, corresponding to 
the formation of a completed incommen- 
surate monolayer. The shape of surface 
stress versus cathodic charge for UPD 
has been explained by change in rota- 
tion angle of hexagonal close packed Pb 
layer. Coadsorption of chloride ions pro- 
motes the structural changes of the UPD 
lead. Studies on Pb deposition on gold 
colloids have pointed to similarity of the 
deposition process to that on bulk elec- 
trode [283]. 

In the oxide region of gold electrodes, 
residual lead can be present, resulting 
from irreversible adsorption, and pres- 
ence of hydroxide species has been pos- 
tulated [265], Pb UPD on Au(lll) has 
also been studied in selected organic sol- 
vents, mainly propylene carbonate [284]. 
Results similar to those in aqueous so- 
lutions have been obtained. Deposition 
of Pb on Au electrodes coated by silver 
has also been studied [285]. Depending on 
the silver layer thickness, results typical 
for Pb deposited on Au or Ag have been 
obtained. 
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24.3.3.3 Silver 

Pb UPD on Ag(lll) and Ag(lOO) has 
been studied using X-ray diffraction 
method, electrochemical impedance spec- 
troscopy, and in situ scanning probe 
microscopy [272, 286-288]. This process 
has been reviewed in [265, 270], see 
Table 2. Both structure and voltammetric 
behavior are dependent on the Ag (h, k , l) 
plane [265, 289], 

On Ag(lll) in perchloric acid solu- 
tions, three pairs of voltammetric peaks 
have been observed, prior to bulk de- 
position [265]. The first and third peaks 
have been ascribed to adsorption at de- 
fect sites, the middle (the highest) peak 
represents the major deposition process, 
and it appears owing to the first-order 
phase transition. In the presence of ad- 
sorbing anions, owing to blocking effects, 
only a single peak representing deposi- 
tion/stripping is observed. The deposited 
zero-valent lead layer has been found in- 
commensurate with the silver substrate. 
Extended polarization of the electrode 


induces transformation of the lead over- 
layer, also represented by changes of the 
voltammetric curves. STM studies have 
revealed the presence of hep, which can 
change under the influence of extended 
polarization [290]. The influence of ad- 
sorbed Cl - ions results in narrowing 
of potential ranges corresponding to Pb 
adsorption [288]. Pb nanostructures have 
been observed using STM method [291]. 
Pb UPD on Ag(lll) has also been studied 
in selected organic solvents [284]. Results 
similar to those observed in aqueous solu- 
tions have been obtained. 

For Ag(100), the voltammetric curve 
exhibits two main pairs of peaks and a pair 
of smaller peaks at lower potentials [265]. 
The first peak has been ascribed to 
adsorption, while the second to filling of 
the remaining sites to a closely packed 
monolayer and a phase transition. Under 
conditions of extended polarization, a 
transformation occurs, similar to that 
in Ag(lll). However, in contrast to 
Ag(lll), this transformation relates to 


Tab. 2 Phenomena accompanying Pb UPD on silver substrates [270] 


Ag plane 

Potential range 
[A E/mV] 

Description 

Ag (1 U) 

150-250 

Step decoration and formation of expanded 2D Pb a< j s 
phase at terraces 


120-150 

Formation of a condensed 2D hep Pb ac | s phase from an 
expanded 2D Pb ac j s phase via first-order phase 
transition starting at steps 


0-120 

Completion and compression of 2D hep Pb ac | s phase at 
terraces 

Ag(100) 

140-250 

Step decoration and formation of expanded 

Ag(l 00) -c(2 x 2) Pb ac | s structure at terraces 


100-140 

Formation of a condensed 2D hep Pb ac | s phase from an 
expanded 2D Pb ac j s phase via first-order phase 
transition starting at steps 


100-120 

Formation and limited growth of 2D Pb ac | s clusters on top 
ofthe first Pb a( j s monolayer 


0-100 

Completion and compression ofthe 2D hep Pb at j s phase 
at terraces 



the adsorption layer or the competitive 
adsorption of anions. A dependence of 
the Pb UPD layer structure on surface 
coverage has been studied on the Ag(100) 
face [272], 

On Ag(110), three voltammetric peaks 
have also been observed [265], owing to 
adsorption, phase transformation, and de- 
position on the previously formed mono- 
layer. 

Frumkin isotherm of Pb adsorption 
has been used to explain the shape 
of voltammetric peaks on polycrystalline 
electrodes and on the polycrystalline gold 
surface [279]. 

Comparison of electrochemical data 
with Monte Carlo simulation of Pb UPD 
on Ag(lll) has enabled discussion on 
mechanism details [292]. 

UPD process has also been studied 
on screen-printed silver electrodes using 
voltammetric techniques and scanning 
electron microscope analysis [293]. The 
relative occurrence of UPD and bulk Pb 
process has been dependent on the scan 
rate, with increasing role of UPD process 
in higher rates. Studies on Pb deposition 
on silver colloids have pointed to its 
similarity to bulk electrode [283]. 

The effect of adsorbed albumin on Pb 
UPD has been recently studied using Ag 
rotating disk electrode [294]. 

24.3.3.4 Copper 

Good adhesion of electrodeposited 
lead to copper substrates has been 
reported [295-299]. Voltammetric curves 
of Pb deposition on Cu in alkaline solution 
with glycerol [299] are characterized by 
two peaks, corresponding to film and 
mass transfer-controlled bulk deposition, 
respectively. SEM results have not 
confirmed the propagation of dendrites, 
even at very low deposition potentials. Lead 
film deposition occurs prior to lead bulk 
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process, explaining the adherance of the 
deposit. Pb UPD on Cu electrodes has 
been studied using voltammetric methods, 
rotating ring, and disk electrodes, as well 
as LEED, surface X-rays diffraction, and 
reflectivity measurements [297, 300-303]. 
Deposition occurs through a single 
process, the nucleation and growth of 
Pb islands. The Cu crystal face affects 
the deposit structure, it is hexagonally 
ordered on Cu(lll) and disordered on 
Cu(100) surface [297, 301]. This difference 
has been ascribed to lower mobility of 
Pb adatoms in the latter case because 
of the greater atomic corrugation of the 
(100) surface [301]. Surface alloys can 
be formed, accompanied by a possible 
replacement of a pair of neighboring Cu 
atoms by two Pb atoms [302, 303], Chloride 
anions significantly enhance the reduction 
rate of Pb 2+ ions, probably because of 
the formation of Cl bridges between Cu 
support and reacting cations [300, 301]. 

The surface chloride anions also form a 
highly ordered structure, which can act as a 
template for Pb adatoms deposition [302]. 

24.3.3.5 Carbon 

Properties of thin layers of lead elec- 
trodeposited on vitreous carbon have 
been found identical with that of metal- 
lic lead [304]. Therefore Pb and PbC >2 
coated reticulated vitreous carbon (RVC) 
electrodes [185] can be applied as elec- 
trodes in lead-acid batteries, as reviewed 
in [305]. The deposition of lead on carbon 
is through the diffusion-controlled process 
with instantaneous or progressive nucle- 
ation, for high and low Pb 2+ concentra- 
tion, respectively, and three-dimensional 
growth mechanism. The number of nucle- 
ation sites increases with deposition over- 
potential, as shown for vitreous [306] and 
glassy carbon [307] electrodes. The con- 
centration dependence of the nucleation 
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rate points to the incorporation of atoms 
to clusters directly from the bulk, and 
not through adsorbed intermediates [306], 
This deposition process can be enhanced 
because of the creation of active sites by 
chloride ions adsorption [308, 309]. How- 
ever, electrochemical pretreatment pro- 
cess accompanied by exposure to chloride 
or nitrate ions has resulted in the de- 
crease of lead deposition efficiency. This is 
caused by smoother electrode surface and 
lower number of steps and grain edges, as 
shown by AFM images [310]. The greater 
efficiency of Pb deposition in chloride so- 
lutions has been ascribed to interactions 
between deposited lead and chloride ions. 

On highly ordered pyrolytic graphite, 
HOPG(OOOl) electrodes, no UPD has been 
detected owing to weak carbon-lead inter- 
actions [311]. Deposition occurs by three- 
dimensional island growth according to 
Volmer-Weber mechanism. Initial steps 
are controlled by progressive nucleation on 
active sites and hemispherical diffusion. 

Electrodeposition on boron-doped dia- 
mond has pointed to progressive growth 
mechanism, as confirmed by chronoam- 
perometric transients and ex situ AFM 
images [312]. At lower concentrations, lead 
ions are deposited directly on the diamond 
substrate, while at higher concentrations, 
deposits overlap and further deposition oc- 
curs on lead. At higher temperatures, the 
size of the nuclei is bigger. 

24.3.3.6 Silicon 

Electrodeposition on semiconductor 
surfaces is useful from the point of view 
of application in metal/semiconductor- 
Schottky and ohmic contacts. Cyclic 
voltammetry, current transient methods, 
STM, and AFM techniques have been 
used to study Pb electrodeposition on 
«-Si(lll) surface [311, 313-315]. Lead de- 
position on the H-terminated Si(lll) is 


reversible. Using Scharifker and Hills 
model [316] for three-dimensional growth 
under diffusion control, progressive [311] 
or instantaneous [314] nucleation behav- 
ior at early deposition steps has been 
postulated. This process occurs mainly at 
steps and other surface inhomogeneities. 
UPD has not been detected [311]. Surface 
X-rays diffraction studies have shown epi- 
taxial growth of Pb clusters with Pb(lll) 
plane predominantly aligned parallel to 
Si(lll) plane [317]. In the case of rough 
silicon surfaces, this in-plane orienta- 
tion is lost. Larger crystallites grow at 
the expense of smaller ones. The acti- 
vation energy of exchange between Pb 
and Si atoms has been found to be 
1.2 eV [318], 

24.3.3.7 Germanium 

In the case of«-Ge(lll) substrates, surface 
states affect electrochemical deposition 
of Pb [319]. At high cathodic potentials, 
the deposition occurs by instantaneous 
nucleation and diffusion-controlled three- 
dimensional growth of lead clusters. Com- 
paring H- and OH-terminated «-Ge(lll) 
surfaces, the nucleation is more inhibited 
at «-Ge(lll)-OH, which can be explained 
by the different densities of Ge surface 
free radicals, being nucleation sites. In 
this case, nucleation site density is about 
1 order of magnitude lower than that for 
«-Ge(lll)-H. 

24.3.3.8 Other Materials 

UPD of Pb on n-Se is induced by illumina- 
tion [320]. The Pb adatoms modify the Se 
surface and form surface states in the band 
gap. In the dark, the Pb UPD occurs only 
on the Se surface where PbSe clusters have 
been deposited. The deposited Pb atoms 
interact irreversibly with surface Se atoms 
to form PbSe monolayer [320, 321]. The 



UPD process is significantly enhanced by 
introducing lead into Se [322]. Pb UPD has 
also been studied on palladium [323], from 
the point of view of catalytic applications 
and on tellurium using electrochemical 
impedance spectroscopy [324]. The latter 
process has been found irreversible owing 
to the Pb-Te bonds formation. Periodic 
multilayer structures in Pb-Se-Te system 
have been studied using pulse potentio- 
static methods [325]. 

Incorporation of Pb into nanoparticulate 
iridium oxide films has been realized 
by initial electrodeposition of Pb metal 
on Au substrate, followed by Ir metal 
coating [326]. 

Barium metaplumbate, being a good 
conductor, has been used as a substrate to 
deposit lead, for possible use in lead-acid 
batteries [327]. 

Electrodeposition on transparent mate- 
rial such as indium tin oxide (ITO) can be 
used for electrochromic applications [328], 
Pb deposition on indium-tin oxide elec- 
trode occurs by three-dimensional nucle- 
ation with a diffusion-controlled growth 
step for instantaneous nucleation [329], 
and the electrode process has also been 
studied using electrochemical impedance 
spectroscopy [328]. 

24.3.4 

Corrosion and Passivation 

The corrosion of lead has been studied in 
various media, and this process has been 
found to be dependent on the properties 
of the water layer that is present on the 
metal surface, which is a medium for the 
dissolution of atmospheric gases, resulting 
in the formation of lead salts - chlorides, 
sulfates, and carbonates [24, 141, 167, 
330]. Electrochemical AFM images re- 
veal the structure of PbO and PbSC >4 
on lead immersed in water or sulfuric 
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acid, respectively, Fig. 5 [145]. Application 
of different spectroscopic techniques for 
corrosion studies in sulfuric acid solu- 
tions has been reviewed by Bullock [131]. 
Influence of Pb alloy components as 
Ag, Sb, Bi, and Sn on passivation pro- 
cesses and corrosion resistance in sulfuric 
acid solutions has also been studied [128, 
331-334], 

In alkaline (NaOH) solutions [153], the 
role of Pb(OH )2 and PbO is impor- 
tant for passivity phenomena, and the 
voltammetric curves represent active, 
passive, and transpassive regions [335]. 

The active region is displayed by a peak cor- 
responding to Pb oxidation to PbO [153]. 

The passivity results from PbO film 
present on the surface. The transpassive 
region is represented by two peaks, as- 
cribed to oxidation of PbO to Pb 3 C >4 and 
Pb02. Some anions can initiate pitting 
corrosion, for example, C1C>4 _ , Cl0 3 _ , 
and N0 3 “ [335, 336]. The corrosion in 
carbonate solutions [24, 153, 337, 338] is 
connected with the oxidation of Pb (three 
voltammetric peaks) to PbC0 3 and PbO 
as well as PbO to Pb02. The formation 
of PbO can be attributed to the oxida- 
tion of Pb within the pores of PbC0 3 
and/or the transformation of PbC0 3 to 
the oxide. Pb dissolution is enhanced 
by perchlorate [339] and nitrate ions [337] 
causing pitting corrosion. In perchlorate 
ions solutions, the pitting corrosion extent, 
expressed by integrated anodic voltam- 
metric charge, is linearly dependent on 
the logarithm of C1C>4 _ anions concentra- 
tion. In the presence of nitrate ions, the 
pitting corrosion rate increases with ris- 
ing N0 3 “ concentration and temperature. 
Chronoamperometric transients point to 
incubation time (needed for N0 3 “ ions 
to reach and initiate metal dissolution) 
before pit nucleation and instantaneous 
three-dimensional pit growth. The rate 
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Fig. 5 AFM images of lead surface: (a) in air at room temperature, (b) in pure water after holding for 
20 min at room temperature, (c) in 0.05 M sulfuric acid after holding for 60 min at room 
temperature [145], 


of pit nucleation rises with increasing 
nitrate ions concentration, temperature, 
and applied anodic potential. In neutral 
nitrate solutions, the rate of metal disso- 
lution is dependent on cation kind, and 
the dissolution rate is much slower in 
NaNC >3 than in NH 4 NO 3 solutions [340], 
XPS confirms formation of passive oxide 
layers containing a nitrogen compound 
(a product of nitrate reduction). The layer 
formed in NH 4 NO 3 solution has been 
hydrolyzed and cracked, probably owing 
to locally acidified medium (from NH 4 + 


acidic cation) at the oxide/solution inter- 
face, promoting hydrolysis of the oxide. 

In carboxylic acid solutions, the corro- 
sion rate increases with acid concentration 
(acetic, lactic); however, in oxalic and tar- 
taric acid solutions, the dissolution of 
metal is associated with the formation of 
passive lead salt layer [341]. 

The oxygen and oxidants (as Cr 2 C> 7 2 “) 
affect the corrosion rate [342, 343]. A 
decrease in the corrosion resistance after 
longer time (3 h) in oxygen-rich solutions 
has been observed. 




The corrosion process can be inhibited 
by the addition of phosphate or polyphos- 
phate ions [344], inorganic inhibitors as, 
for example, chromate ions [336], adsorbed 
alcohols [345], adsorbed amines, compet- 
ing with anions for adsorption sites [339,] 
as well as saturated linear aliphatic mono- 
carboxylate anions, CH 3 (CH 2 ),,_ 2 COO _ , 
n = 7 — 11, [24]. In the latter case, the for- 
mation of the passive layer requires Pb 
oxidation to Pb 2+ by dissolved oxygen and 
then precipitation of hardly soluble lead 
carboxylate on the metal surface. The cor- 
rosion protection can also be related to 
the hydrophobic character of carboxylate 
anions, which reduce the wetting of the 
metal surface. 

24.3.5 

Applied Electrochemistry 

24.3.5.1 Lead-acid Batteries 

The most common applications of electro- 
chemical processes of lead are lead-acid 
batteries, described in detail elsewhere 
([1, 203, 346-349] and references given 
therein). Some detailed aspects of the elec- 
trochemistry of lead-acid batteries have al- 
ready been described in the Sects 24.3.2.4 
and 24.3.2.5. Therefore, only an overview 
of the main properties of this kind of power 
sources will be presented. 

The discharge process at the positive 
electrode is 

discharge 

Pb0 2 + 3H+ + HSO“ + 2e“ > 

PbS0 4 + 2H 2 0 (5) 

and the charging reaction proceeds in 
the opposite direction. In order to ob- 
tain high current densities, it is necessary 
to use the highly porous structure of 
Pb0 2 in the p -form, which in contrast 
to a-Pb0 2 is not isomorphic with PbS0 4 . 
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Therefore, passivation of the positive elec- 
trode by poorly conducting PbS0 4 can be 
reduced [348]. The porosity is important 
because it enables the expansion during 
the solid phase volume increase, which 
accompanies the transformation of Pb0 2 
to PbS0 4 . In the most popular construc- 
tion, the electrode paste material (mixture 
of metallic lead with lead oxides) is held 
in a framework composed of lead alloys 
with additions of tin, antimony, selenium, 
and calcium [348]. Antimony improves the 
mechanical stability; however, it increases 
the resistance and facilitates the self- 
discharge of the battery. Better results are 
obtained for low antimony content and/or 
for lead-calcium alloys [203]. Methods of 
positive electrodes improvement, from the 
point of view of lead oxide technology 
have been discussed [350], Influence of 
different factors on life cycle, nature, and 
composition of the positive active mass 
has been studied by Pavlov with cowork- 
ers [200, 351, 352], 

The discharge process at the negative 
electrode is 

discharge 

Pb + HSO^ > 

PbS0 4 + H+ + 2e“ (6) 

Negative electrodes are pasted plates 
using grids covered with perforated lead 
foil and the same paste as that used in 
positive electrode plates [203, 348]. Under 
specified conditions, the paste material is 
reduced to sponge lead of high porosity, 
assuring a high electrode surface area. 
Additions of expanders as surface-active 
substances (e.g. lignosulfonic acid) is 
useful to lower the surface energy of lead 
and thus to reduce large crystals formation. 

The crystal formation is also damped by the 
addition of fine BaS0 4 , isomorphic with 
PbS0 4 [348]. Influence of charge mode on 
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the capacity and cycle life of negative plates 
has been analyzed [353]. 

Separators used in lead-acid batteries 
are usually produced from synthetic poly- 
mers as sintered poly(vinylchloride) and 
extruded polyethylene, glass, or microglass 
fiber [203, 348, 354], 

Properties of lead-acid cells, important 
from the practical point of view, related, for 
example, to charge/discharge process and 
its mechanism, conductivity, and so on 
are studied using different electrochem- 
ical techniques, the most powerful one 
being electrochemical impedance spec- 
troscopy [355-358]. 

In recent years, a significant improve- 
ment of properties of the most pop- 
ular automotive starting batteries has 
been obtained because of the technical 
modifications of the classical construc- 
tion [349]: (1) application of thin-walled 
polypropylene cases, allowing more space 
for the plates, (2) through-the- wall intercell 
connections, lowering the internal resis- 
tance and also allowing more space for 
active elements, and (3) application of thin- 
ner polymeric separators. Also, lightweight 
plastic grids have been developed [359]. 

The stability of the charge that is stored is 
limited by the thermodynamically favored 
reactions connected with both hydrogen 
and oxygen evolution [348] 

Pb0 2 + H+ + HSO~ » 

PbS0 4 + H 2 0 + 0.50 2 (7) 

Pb + H+ + HSO“ » PbS0 4 + H 2 

( 8 ) 

enhanced by impurities (e.g. Fe 2+ ions) 
and presence of antimony. 

These processes should be minimized, 
especially in maintenance free (MF) bat- 
teries because they lead to undesirable 
water losses. MF batteries have a grid 


with reduced antimony amount, and other 
metals such as calcium, strontium, tin 
or aluminum are used [348, 360, 361]. 
Valve-regulated lead-acid (VRLA) batter- 
ies have been constructed to enhance 
the recombination of the oxygen at the 
negative electrode [362-364], The oxygen 
transport and recombination in VRLA bat- 
teries have been discussed by Pavlov with 
coworkers [365, 366] and Guo with cowork- 
ers [367, 368]. Simulations and results of 
current-interrupt experiments for VRLA 
have been compared [369]. These batter- 
ies can be scaled from a few to sev- 
eral thousand amperes per hour and 
are suitable for almost all battery ap- 
plications [349]. In VRLA batteries, the 
electrolyte amount is reduced, it is immo- 
bilized by gel formation [370] using silica 
or calcium sulfate, or by the incorpora- 
tion of microporous glass separators [203, 
348]. Leak-proof constructions with one- 
way vent - semisealed systems, exhibit 
significantly higher charge retention com- 
pared with conventional units [203, 348]. 
Properties of different size VRLA batteries 
have been studied and modeled using elec- 
trochemical impedance spectroscopy and 
fuzzy logic methodology of data analysis 
[371, 372], 

A novel kind of flow lead-acid battery 
with no separator and single electrolyte, 
lead(II) in methanesulfonic acid has been 
proposed recently [373]. 

24.3.5.2 Electrocatalytic Properties 

24.3.5.2.1 Pb Lead, and particularly 
underpotentially deposited Pb, exhibits 
electrocatalytic properties in numerous 
electrode processes. The model reaction 
can be oxygen reduction with slow step 
of peroxide reduction [374-376] or re- 
duction of nitrobenzene and other ni- 
trocompounds [377, 378]. In the case of 



nitrocompounds, the catalytic effect ob- 
served at medium degrees of UPD adatom 
coverages has been interpreted in terms of 
strong adsorption of the nitro group with 
a bridged complex involving the substrate 
(Au) and adsorbate atom (Pb), favoring 
N-O bond cleavage. STM studies of Pb 
deposited on Au(lll) suggest that the 
active sites are edges of the circular Pb 
islands [379, 380]. This activity can be re- 
duced by the addition of adsorbing species. 

Other model reactants are simple or- 
ganic molecules, for example, formic 
acid [381, 382], Pt(lll) exerts lower cat- 
alytic influence on HCOOH oxidation than 
do Pt(100) and Pt(110) faces. However, in 
the presence of Pb adatoms on Pt(lll) 
a strong catalytic influence has been ob- 
served [383]. The poisonous species pro- 
duction in HCOOH oxidation is then in- 
hibited. Electrochemical reduction of CO 2 
to glycolate/glyoxylate and oxalic acid has 
been studied [384]. Other products such 
as formic acid accompanied by CO and 
methane have also been detected [385]. In 
the latter case, the efficiency of the com- 
peting process of hydrogen evolution has 
been suppressed to less than 3.5%. 

Other electrochemical processes of or- 
ganic compounds on Pb electrodes or 
electrodes with UPD Pb have been 
studied - formaldehyde [323], oxalic acid 
[386], trichloro- and trifluoroethane [387], 
1-phenylethylamine [388], 3-hydroxychi- 
nuclidine [388], dichlorodifluoromethane 
[389], polychlorobenzenes [390], 1-propa- 
nol [391], pyrrole polymerization [392], 
and inorganic compounds - phosphine 
[388] and sulfate(IV) ions [393]. Simulta- 
neous catalytic or inhibiting influence of 
organic solvents - acetonitrile, dimethyl- 
sulfoxide, and Pb 2+ presence on electro- 
oxidation of small organic molecules on Pt 
electrodes has been studied using on-line 
mass spectroscopy [394]. 
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The influence of Pb alloy components 
on electrocatalytic processes has been 
discussed, for example, in Refs 386, 395. 

24.3.5.2.2 Pb02 Lead dioxide is an elec- 
trode material of relatively high electronic 
conductivity and high stability in acidic 
media, useful at high positive potentials. 

AFM studies have revealed the influence 
of PbC >2 structure on its electrocatalytic 
activity [150], In model glucose oxidation 
process, the role of hydrated gel layer in 
the interaction between OH radicals and 
glucose, as well as coordination of the car- 
bonyl atom to Pb(IV) center [150, 396, 397] 
has been analyzed. 

The oxygen evolution overpotential on 
Pb02 electrodes is high. The role of 
adsorbed intermediates in this process 
for both a- and /3-fo rms of Pb02 has 
been discussed [197]; Pavlov and Monahov 
proposed a mechanism of O 2 evolution 
with elementary reactions taking place at 
active centers in the hydrated zones of the 
electrode [398, 399]. The formation and 
properties of the hydrous layer can be 
affected by anions owing to the exchange 
reaction ofOH - ions by these anions [400]. 
These adsorbed anions can inhibit both 
water electrode reactions and desorption of 
reaction intermediates. Low temperature 
inhibits the reaction by slowing down 
desorption of reaction intermediates [400]. 

The role of nonstoichiometry of PbC^-* in 
oxygen evolution has been analyzed [401], 

Another group of anodic reactions is 
connected with the electrogeneration of 
strong oxidants as ozone or persulfate, 
with efficiency decreasing with increas- 
ing efficiency of O 2 evolution (e.g. [191, 

205, 400, 402-406]). Owing to high oxy- 
gen overpotential and high oxygen radicals 
formation efficiency, mainly OH radi- 
cals ([407] and references given therein), 
and lead dioxide electrodes are used as 
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anodes for the destruction of organic com- 
pounds because rates of such reactions 
are higher than on other traditional an- 
odes ([408] and references given therein). 
Oxidation of different organics as, for 
example, glucose, acetic, oxalic [407] and 
4-hydroxy-cinnamic acids [407, 409], phe- 
nol [204, 410, 411], 4-chlorophenols [412, 
413], nitrocompounds [412-414], benzene 
and dimethylsulfoxide [204], 2-thiophene 
carboxylic acid [415], Mn(II) [415], and 
cyanides [188] has been reported to point 
to the role of the substrate molecules 
and intermediates adsorption. Conduct- 
ing polymers - polypyrrole [416], polyani- 
line [417], polythiophene [418], poly(3-me- 
thylthiophene) [418,] as well as copolymers 
of aniline and thiophene [419] have been 
obtained by electropolymerization onto 
PbC >2 electrodes. 

24.3.5.3 Electrochemical Sensors 

The literature concerning electrochemical 
sensors, where lead electrochemistry can 
be applied, is extremely vast. Therefore, 
only some representative papers will be 
presented. More information can be found 
in recent reviews [420-423]. 

24.3.5.3.1 Potentiometric Sensors In the 

field of ion-selective electrodes, consider- 
able progress has been achieved in the 
last few years. By buffering the primary 
ions concentration on a low level in 
the internal solution, ionic fluxes in the 
membrane are affected [424-426]. Thus, 
primary ion leakage into sample solution 
is hindered, resulting in a tremendous 
shift of detection limits to lower values; 
for Pb 2+ -selective electrodes, the detection 
limit up to 10 -12 M level has been achieved 
for internal solution electrodes [424, 427] 
and below 10 -9 M for all-solid-state elec- 
trodes with conducting polymer solid 


contact ([428, 429], see also recent re- 
view [423]). Efforts have been made to 
monitor ion fluxes in the membranes 
using electrochemical microscopy, poten- 
tiometric studies, and galvanostatic polar- 
ization [427, 430]. Both stability of Pb 2+ 
complexes with several ionophores used in 
ion-selective membranes and selectivities 
have been discussed [431], Recently, a new 
kind of Pb 2+ -selective electrode containing 
nonfunctionalized porous glassy carbon, 
loaded with ionophore /plasticizer /additive 
cocktail has been proposed [432]. Glassy 
carbon acts both as the support for the 
membrane and signal transducer. The re- 
ported detection limit is close to 10“ 11 M. 

24.3.5.3.2 Amperometric/Voltammetric 
Sensors Amperometric sensors, based 
on lead accumulation by interaction with 
electrode components, for example, ad- 
sorbed ligand, forming products that can 
be stripped by anodic polarization [81] 
have been elaborated. Although mercury 
and mercury film electrodes are claimed 
to have the highest sensitivity for Pb 2+ 
determination [433, 434], other electrode 
materials have also been tested: amal- 
gams [435], silver [436-440], gold [439], 
gold-silver alloys [441], carbon [442-446], 
diamond [447, 448], mesoporous silica 
on carbon [449], Nafion on graphite 
[450], conducting polymers as polyani- 
line [451-454], polypyrrole [455, 456] or 
poly(l,8-diaminonaphthalene) [457], and 
microelectrodes [458-460]. Quartz crys- 
tal microgravimetry has been used to 
study Pb deposition from ethylenedi- 
amine tetraacetic acid (EDTA) com- 
plexes [461], The multivariate calibration 
transfer method has been applied to 
routine polarographic determination of 
lead [462], and multisensor systems have 
been developed (e.g. [463]). There are 
noumerous papers that reveal the very 



promising areas related to stripping 
voltammetric and chronopotentiometric 
determination of lead using disposable 
screen-printed electrodes ([464-468] as 
also shown by review article [469]). Sono- 
electroanalytical methods have been also 
used to determine lead for example 
([470-473] and review [474]). 
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References 900 

In this chapter recent studies on elec- Three main groups of processes related 
trochemistry of three noble metals, gold, to these metals have been intensively 
silver, and mercury are presented. investigated: 

In recent years, electrochemical studies 

of these metals and their compounds 1. underpotential deposition of different 
have been dominated by surface studies. metals (ions), 



2. specific adsorption of various neutral 
compounds and ions, and 

3. self-assembling of various mostly 
sulfur-containing compounds on the 
surfaces of these noble metals. 

In the study of solid metals, gold and 
silver single-crystal electrodes with well- 
defined surfaces were preferentially used. 

A chapter on the electrochemistry of 
gold was published in the 4th volume 
of Encyclopedia of Electrochemistry of the 
Elements in 1975. At that time, mostly poly- 
crystalline gold (pc-Au) electrodes were 
used, although already in the early sixties, 
the studies involving single-crystal elec- 
trodes had also been published. It appears 
from a review of the recent literature that 
polycrystalline gold electrodes are still in 
use; however, the following trends are em- 
phasized the most: 

1. wide use of single-crystal electrodes; 

2. modification of gold electrode surfaces. 

This review should, in principle, cover 
the literature on the electrochemistry of 
gold, which has been published over 
the last decade, though in some cases, 
the earlier literature also is discussed. 
However, a large number of papers on this 
subject make a comprehensive description 
difficult. Therefore, this chapter is focused 
only on the selected papers, which present 
the most representative trends and the 
most important results. 

24.4.1 

Preparation of Au Surfaces and 
Double-layer Properties 

24.4.1.1 Polycrystalline (pc-Au) and 
Single-crystal AU/H 2 O Interface 

Detailed reviews on the properties of the 
pc-Au/ H2O interface have been published 
earlier by Frumkin [1], Hamelin [2], and 
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Vorotyntsev [3], and more recently by 
Trasatti and Lust [4]. From the above 
papers, selected data have been taken and 
are presented below. 

The potential corresponding to the 
minimum capacitance of the diffusion 
layer at the pc-Au | H2 O interface was found 
to be equal to —0.04 V (versus saturated 
calomel electrode, SCE), independently of 
the solution pH and NaF concentration 
studied. However, a slight negative shift 
of this potential with the increasing 
concentration of perchlorate ions was 
observed, thus suggesting a weak specific 
affinity of these anions to the gold surface. 

The role of surface contaminations could 
not be excluded as well. In spite of certain 
controversies, it seems that the GCSG 
theory is applicable to the description 
of the pc-Au|H20 interface (taking into 
account the roughness factor), without 
any corrections for the crystallographic 
inhomogeneity of the metal surface [4-6], 

This conclusion has become, however, also 
a subject of discussion since the crystalline 
Au faces of low indices, present on the pc- 
Au surface, have a characteristic size of 
5-6 nm, which seems to be large enough 
to contribute to the surface inhomogeneity 
[4]. Noteworthy is the fact that the potential 
at the C ; minimum is not equivalent to the 
zero charge potential [4]. 

In more recent studies, the double 
layer of a pc-Au electrode has been 
probed by atomic force microscopy (AFM) 
measurements [7]. The properties of the 
Au/solution interface were changed by 
variations in pH, salt concentration, and 
electrode potential. 

Piela and Wrona [8] have employed 
impedance spectroscopy to study capac- 
itance of the pc-Au electrode in 0.5 M 
H2SO4 in the double-layer potential re- 
gion (—0.25 to 1.05 V versus SSCE) and 
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in the range corresponding to the forma- electron microscopy, and electrochemical 
tion of the oxide monolayer (1.05-1.4 V). methods. 

In the latter case, it has been found that While considering single-crystal Au elec- 
capacitance depends on the surface cover- trodes, attention should be drawn to the 
age with partially pure gold surface, MOH quite comprehensive review of the most 
dipoles, oxide, or reconstructed gold sur- recent achievements in the studies on the 
face. A simple equivalent circuit (without properties of these electrodes brought in 
the constant phase element (CPE)) was contact with different solutions [4]. 
found to be appropriate for the interpre- In electrochemical practice, mainly three 

tation of the impedance data for both the types of gold surfaces, that is, Au(lll), 
pure gold surface and the surface covered Au(110), and Au(100) are of the greatest 
with the oxide layer. The observed capacity importance, whereas other surfaces, as, 
versus electrode potential dependence, dif- for example, Au(210) are less frequently 
ferent from that for the mercury electrode, described in electrochemical papers, 
was attributed to the strong adsorption of The potentials of zero charge of single- 
(bi)sulfate ions. However, the roughness crystal Au electrodes of various crys- 
factor for the Au surface, both in the dou- tallographic orientations in contact with 
ble layer and in the oxide formation region, aqueous electrolyte solutions are given in 
was very low and comparable to that for Table 1. 

the Hg electrode. It follows from the above data, similarly 

Hoogvliet et al. [9] have proposed a as for Ag, that the potential of zero 
pulsed-potential pretreatment procedure, charge increases with the surface density 
which allows one to decrease, in a of atoms. 

reproducible manner, surface roughness In Ref. 13, a new approach toward 
of mechanically polished polycrystalline the preparation of Au(lll) nanoisland- 
gold electrodes by a factor of 2. arrayed electrode based on fine colloidal 

Some methods of nanoscale preparation nanolayer-directed seeding growth has 
of gold surfaces have also been described, been presented. 

For instance, gold nanowell electrode ar- Chemically prepared colloidal gold 
rays of a well depth of about 50 nm nanoparticles were immobilized as a sub- 
were prepared [10] by electrodeposition monolayer on Au(lll) surface modified 
of Au through the pores of a porous with self-assembled monolayers (SAMs) 
alumina membrane. Nanoelectrode arrays of 4-aminothiophenol [14]. This submono- 
were characterized using scanning tun- layer of Au nanoparticles was subsequently 
neling microscopy (STM), AFM, scanning characterized using STM. 

Tab. 1 Surface density of atoms, <7 at , and potentials of zero charge, £ pzc (versus SHE) for 
various crystal planes of Au electrodes [4, 11, 12], Lattice constant d = 0.2884 nm 

Au crystal plane o at [at.- nm~ 2 ] E pzc [V](0.05M NaF) E pzc [V](0.01M HCIO 4 ) 


( 111 ) 

( 100 ) 

( 110 ) 


13.88 

12.02 

8.50 


0.56 ±0.01 
0.30 ±0.01 
0 . 1 9 ± 0.01 


0.52 ±0.01 
0.29 ±0.01 
0.19 ± 0.01 



Dieluweit and Giesen [15] have pre- 
sented STM studies on the dynamics of 
monolayer Au islands on Au(100) elec- 
trode surface in sulfuric acid solutions. The 
authors have given a quantitative descrip- 
tion of the equilibrium shape of Au islands 
on Au(100) electrodes and of their ther- 
mal fluctuations around the equilibrium 
shape. Later, the same researchers [16] 
have applied STM to investigate a mono- 
layer of Au islands on Au(100) electrode in 
H2SO4 solutions. 

Bilger and Pettinger [17] have ap- 
plied second-harmonic generation (SHG) 
method to study the anisotropy of Au(110) 
electrode in a wide potential range from 
—0.60 to 0.60 V, corresponding to the 
transition from the microfaceted to the 
unreconstructed surface. 

Also, modulation resistometry of a gold 
electrode has been applied [18]. Mazine 
et al. [19] have used in situ reflectance 
anisotropy spectroscopy and in situ STM 
to characterize Au(100) surface in 0.1 
M Na2SC>4 solutions. Three ranges of 
the applied potential were distinguished: 
(1) negative potentials up to about —0.6 V 
(versus Ag|AgCl), for which clear (1 x 3) 
reconstruction is obtained, (2) positive po- 
tentials up to about +0.6 V, for which 
the surface remains unreconstructed, and 
(3) intermediate potential range corre- 
sponding to the mixed domains. 

Au(lll) and Au(210) electrodes have 
been investigated [20] using electrochem- 
ical immitance spectroscopy in aqueous 
solutions of HCIO4 and KF in the double- 
layer potential region, in order to identify 
and explain frequency dispersion of inter- 
facial capacitance. At negative potentials, 
the behavior closest to the ideal dispersion- 
less behavior has always been observed. In 
KF solutions, at positive potentials, disper- 
sion on both electrodes may be attributed 
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to the adsorption of either OH - or HF 
species. 

Adsorption of some inorganic or or- 
ganic compounds can facilitate formation 
of well-defined Au surfaces. Trevor et al. 

[21] have found that a roughened Au(lll) 
surface undergoes “electrochemical an- 
nealing” associated with surface migration 
of Au atoms. It has also been observed 
that the step motion is significantly ac- 
celerated by the adsorbed chloride ions. 
Baumgartel and coworkers [22, 23], using 
cyclic voltammetry (CV), capacitance mea- 
surements, in situ STM, and combined 
in situ IR and STM, have studied adsorp- 
tion of tetramethylthiourea (TMTU) and 
adsorbate-induced etching of Au(lll). It 
has been found that etching at sufficiently 
anodic potentials leads to the formation of 
Au-TMTU complexes soluble in the elec- 
trolyte solution. This soluble complex can 
be subsequently electrodeposited at more 
negative potentials. Etching and deposi- 
tion processes are schematically depicted 
in Fig. 1 [23], 

In a detailed discussion about the prop- 
erties of single-crystal Au electrodes in 
contact with aqueous solutions, it is neces- 
sary to consider water molecules adjacent 
to the Au surface. Hydrophilic proper- 
ties of single-crystal Au electrodes have 
been studied by determining the depen- 
dence of the Gibbs energy of adsorption 
of 2-ethylether on the electrode poten- 
tial [24]. It has been found that water 
molecules particularly are strongly bound 
to Au(110) surfaces, accordingly to the 
sequence of the decreasing Gibbs ener- 
gies of adsorption of 2-ethylether: Au(lll) 

> Au(100) > Au(110). The structure of 
various Au surfaces has also been in- 
ferred from the studies on temperature 
coefficient of pzc (for a concise review, 
see Ref. 4). Finally, Ignaczak and Gomes 
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Etching: preferentially Nucleation and 
at highly kinked 2-D growth 


step edges 



E>400 mV £<100 mV 


[25] have studied theoretically, an inter- 
action of water molecule with Au(100), 
Ag(100), and Cu(100) surfaces, applying 
a cluster model approximation with Au- 
12, Ag-12, and Cu-12 clusters to mimic the 
(100) crystallographic plane. Two preferred 
conformations: bridge-perpendicular and 
top-tilted have been found indistinguish- 
able in terms of adsorption energy. In both 
conformations, water molecule adsorbs via 
oxygen atom. 

Under specific conditions, the poten- 
tial of zero charge does not appear to 
be constant during electrochemical experi- 
ment, which makes the double-layer effect 
more complex. For example, the shift of 
the potential of zero charge during elec- 
troreduction of S 2 C> 8 2 ~, combined with 
the Frumkin-type double-layer effect, has 
been proposed [26] as an explanation for 
the oscillatory reduction of peroxodisulfate 
on Au(110) in diluted solutions of NaF. 

24.4.1.2 pc-Au and Single-crystal 
Au/Nonaqueous Solutions Interface 

Double layer at both pc-Au and single- 
crystal Au electrodes brought in con- 
tact with such nonaqueous solvents as 
dimethylsulfoxide (DMSO), dimethylfor- 
mamide (DMF), acetonitrile, propylene 
carbonate (PC), and selected alcohols 
has also been studied. The experimen- 
tal methods used involved CV and 
impedance measurements, except for bu- 
tanol isomers, for which surface-enhanced 


Fig. 1 The scheme of 
anisotropic surface etching and 
isotropic deposition of 
Au— TMTU complexes at step 
edges of the Au (111) surface in 
TMTU-containing 
electrolytes [23], 


Raman spectroscopy (SERS) technique 
was also employed [27]. 

For example, Jarzabek and Borkowska 
[28] have found that the double-layer ca- 
pacitance for the pc-Au|DMSO interface 
is significantly lower than for mercury 
(except for very negative charge den- 
sities). However, reproducibility of the 
results concerning double layer at pc- 
Au, as well as at single-crystal (111), 
(110), (100), and (210) Au electrodes, was 
limited, since the capacitance-potential re- 
lationships were time-dependent and, for 
instance, after about 1 h, a pseudostable 
C&-E dependence was observed [4]. In 
consequence, conclusions could be drawn 
only for these pseudostable states. For 
DMSO solutions, the following sequence 
of the potentials of the capacitance min- 
imum has been found: (111) < (100) < 
pc-Au < (110) < (210), whereas for aque- 
ous solutions, this sequence is reversed 
[4]. Another conclusion from these stud- 
ies was that Au-DMSO interactions are 
stronger than Au— H 2 O interactions, the 
former ones also being more sensitive to 
the atomic structure of the Au surface [29]. 

More data regarding Au|nonaqueous 
solvent interfaces, including surface prepa- 
ration problems, can be found elsewhere 
[4] and in references cited therein. Table 2 
summarizes selected values of the poten- 
tial of zero charge for the pc-Au electrodes 
in contact with some solvent-electrolyte 
systems. 
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Tab. 2 Potentials of zero charge (F pzc ) for pc-Au electrode in contact with selected nonaqueous 
solvent-electrolyte systems. The pzc for pc-Au| H 2 O is equal to 0.20 V versus aqueous standard 
hydrogen electrode (SHE) and 0.85 V versus bis(biphenyl)chromium(l)/(0) redox couple (BBCr) [4] 


Solvent-electrolyte system 

Epzc [V versus aqueous SHE] 

Epzc [V versus BBCr] 

References 

Dimethylsulfoxide + LiCI 04 

0.39 

0.99 

28 

Acetonitrile + KPF 6 

0.90 

1.49 

30 

Propylene carbonate + NaCIC >4 

0.44 

1.11 

28, 31 

N. N-Dimethylformamide + LiCI 04 

0.51 

1.02 

32 

MeOH + 0.4M LiBr + 0.1 M LiCI0 4 

0.25 

0.81 

33 


24.4.2 

Adsorption of Inorganic Compounds on 
Gold Electrodes 

The effect of the supporting electrolyte 
on the Epz C of Au electrodes indicates 
specific affinity of either cations or an- 
ions of the dissolved salt to the given 
surface. For example, the studies per- 
formed by Hamelin [34] have shown the 
effect of the supporting electrolyte on 
the double-layer capacity - potential curves 
(see Table 3). 

From these data, it follows that in 
aqueous solutions, sulfate ions exhibit 
relatively high affinity to the gold surface, 
which is reflected in the least positive value 
of E m ; n . In view of this important role 
of sulfate ions, their adsorption will be 
described below in more detail. 

24.4.2.1 Sulfate 

Adsorption of sulfate species at pc-Au elec- 
trode has been studied [35] in HF— KF 
buffer of pH = 2.8 applying Fourier trans- 
form infrared spectroscopy (FTIR). Ad- 
sorption of sulfate starts at 0.4 V versus 
Pd/H 2 (which is about 0.28 V more positive 
than the zero charge potential). Adsorp- 
tion reaches a maximum at 1.2 V. At any 
potential applied, a band between 1165 
and 1193 cm -1 was observed. It was as- 
cribed to the adsorbed SO 4 2- . Adsorption 


Tab. 3 The effect of the supporting 
electrolyte (in aqueous solution) on 
the potential (versus SHE) of the 
minimum of the double-layer 
capacitance [1 1 , 34] of the Au(100) 
electrode surface 


Electrolyte 

E m in/[V] 

1 mM KPF 6 

+0.325 ±0.005 

10 mM LiCI0 4 

±0.308 ±0.01 

10 mM NaF 

±0.333 ±0.01 

2 mM H 2 SO 4 

±0.242 ±0.01 

1 mM HCIO 4 

±0.253 ±0.005 


of sulfate anions on Au(lll) electrodes 
has been discussed later by Lipkowski 
and coworkers [36]. Quantitative charac- 
teristics of this process (together with 
the data for halide ions) are presented 
in Fig. 2. 

Wigckowski and coworkers [37] have re- 
ported adsorption of bisulfate anions on 
Au(lll), Pt(lll), and Rh(lll) electrodes 
in sulfuric acid solution using electro- 
chemical and several nonelectrochemical 
techniques. It was concluded from the 
low-energy electron-diffraction data that 
the structure of bisulfate on gold is dif- 
ferent from that on Pt(lll) and Rh(lll). 
Adsorption of bisulfate on Au(lll) is as- 
sociated with a charge transfer from the 
electrode to the adsorbate. However, the 
formation of this particular bond does 
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Fig. 2 Comparison of SO 4 2 , Cl , Br , 
and I - adsorption attheAu(lll) 
electrode surface from 0.1 M 
HCIO 4 + 10 “ 3 M K 2 SO 4 and 0.1 M 
KCIO 4 + 1(T 3 M KCI, KBr, and Kl 
solutions, (a) Cyclic voltammograms at 
v = 10 mV s -1 . (b) Gibbs surface 
excess versus potential, (c) Gibbs 
energy of adsorption versus potential. 
The standard state corresponds to the 
surface coverage r = 1 ion per cm 2 and 
bulk concentration c = 1 mol dm ' 3 [36], 
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not significantly modify the band struc- 
ture of the metal, which suggests that 
electrostatic forces mainly contribute to 
this bonding [38, 39]. Kolb and cowork- 
ers [40], using in situ STM, have ob- 
served an ordered adlayer of either sulfate 
or bisulfate ions at the unreconstructed 
Au(100) surface in 0.1 M H 2 SO 4 . This ad- 
layer is formed concomitantly with the 
lifting of the (hex) -reconstruction. In con- 
sequence, the newly generated layer con- 
sists of sulfate/bisulfate molecules ordered 
in rows that run parallel to the edges 
of the islands formed in the (hex) —*■ 
(1 x 1) transition. Kolb and coworkers 
[41] have studied adsorption of sulfate 
anions (from 0.1 M H 2 SO 4 and 0.1 M 


Na 2 SC> 4 ), also in the presence of phos- 
phates (from 0.1 M H 3 PO 4 and 0.1 M 
KH 2 PO 4 + O.IM K 2 HPO 4 ), on Au(lll) 
and Au(100) using in situ STM. Hirai 
et al. [42] have investigated the potential 
dependence of the decay of multilayered 
islands on Au(100) electrode in 0.05 M 
aqueous solution of H 2 SO 4 , applying in 
situ AFM. 

In all the above cases, surface distri- 
bution of anions was nonuniform. Ap- 
parently, this is a characteristic feature 
common to oxoanion adlayers because 
of their ability to form bridging hydro- 
gen bonds via the lone electron pairs 
at their oxygen atoms. Since, in neu- 
tral solution, no ordered adsorption was 






observed, one may deduce that coad- 
sorption of hydronium ions is neces- 
sary to stabilize an ordered oxoanion 
lattice. 

Recently, the change in the interfa- 
cial free energy and surface stress has 
been determined for Au(lll) electrodes 
in electrolytes containing nonspecifically 
adsorbed F _ anions. This behavior was 
compared to that of specifically adsorbed 
S0 4 2- anions [43]. It was found that the 
surface stress is more sensitive to the 
changes in electrode potential than the 
interfacial free energy. 

Some attention has also been paid to the 
simultaneous adsorption of sulfate anions 
and organic compounds. Futamata [44] has 
detected coadsorption of water molecules 
and sulfate species with uracil on polycrys- 
talline gold electrode, applying attenuated 
total reflection-infrared spectroscopy. The 
adsorbed sulfate species appeared either 
as S0 4 2 ' or HS0 4 - , depending on the 
pH of the electrolyte solution. Skoluda 

[45] has presented a voltammetric study 
of the Au(100) electrode in the presence 
of alkyl sulfate. Dutkiewicz and Skoluda 

[46] have investigated adsorption of ben- 
zenesulfonate anions at the Au(lll) elec- 
trode, using CV and differential capacity 
measurements. 

24.4.2.2 Hydroxide 

Hamelin [47] has shown that specific ad- 
sorption of OH - ions increases in the 
following order: Au(lll) < Au(100) < 
Au(311). Chen and Lipkowski [48] have ap- 
plied chronocoulometry and subtractively 
normalized interfacial Fourier transform 
infrared spectroscopy to study adsorp- 
tion of hydroxide ions on Au(lll) elec- 
trode. This process proceeded in three 
steps. Bonding of OH - with gold atoms 
that is quite polar at negatively charged 
surface becomes less polar at positively 
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charged electrode surface. Oxide forma- 
tion starts at higher charge densities, 
when surface concentration of hydroxide 
ions exceeds one-third of a monolayer. 
Interfacial properties of pc-Au electrode 
in tetramethylammonium hydroxide so- 
lutions of concentrations ranging from 
5 x IIP 3 to 4.0 M have been studied us- 
ing CV and impedance spectroscopy [49]. 

At highly negative potentials, the double- 
layer capacity has been found to depend 
on the kind of cations and to remain in- 
dependent of their concentration. Strong 
adsorption of hydroxide anions was ob- 
served in wide concentration and potential 
ranges. 

24.4.2.3 Nitrate 

Marinkovic et al. [50] have used in situ IR 
reflection spectroscopy to study adsorption 
of nitrate ions on Au(lll) electrodes. The 
ions were bonded to the gold surface via 
one of their oxygen atoms. Within the 
double-layer NO 3 - formed contact ion 
pairs with hydronium ions. The extent 
of this process depended on the applied 
potential. 

24.4.2.4 Chloride 

Wipclcowski and co workers [51] have car- 
ried out electrochemical and radiochemi- 
cal studies of Cl - adsorption using radioac- 
tive 36 Cl. By combining radiochemical 
measurements with CV experiments, the 
potential dependence of adsorption and 
surface-bulk exchange processes has been 
studied. 

Also, Cuesta and Kolb [52] have em- 
ployed STM to investigate adsorption of 
chloride ions on Au(100) surfaces. 

Shi and Lipkowski [53] have presented a 
thermodynamic analysis of charge density 
data. The study aimed at the description 
of adsorption of chloride on Au(lll) 
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electrode surface and calculation of basic 
corresponding parameters. Chloride ions 
were attached to gold via chemisorption. 
Polarity of the formed bond strongly 
depended on the charge of the metal. 
Polarity decreased significantly when the 
charge attained positive values. 

The role of chloride ions in the anodic 
dissolution of Au(lll) in perchloric acid 
solutions has been studied in Ref. 54. 
The mechanism of anodic dissolution was 
discussed in relation to the structure of the 
chloride adlayer on the Au(lll) electrode 
surface. 

24 . 4 . 2.5 Bromide 

Thermodynamic analysis of charge den- 
sity resulted in the description of bro- 
mide adsorption on Au(lll) electrode 
[55]. Bromide ions are chemisorbed at 
the gold surface and polarity of the 
formed bonds strongly depends on the 
metal charge. Polarity drops significantly 
when the surface charge changes from 
negative to positive values. The second- 
harmonic generation studies indicate that 
adsorption of bromide ions strongly af- 
fects electronic structure of the metal 
surface. 

Bromide adsorption on Au(lll) has also 
been studied, applying in situ surface 
X-ray scattering (SXS) and STM [56]. 
The potential-dependent adlayer density 
agreed well with the earlier published 
bromide surface excess densities, obtained 
in electrochemical measurements. At very 
positive potentials, a bromide-induced 
step-flow etching of Au occurred. 

Oclco etal. [57, 58] have studied ad- 
sorption of bromide on Au(100) using 
in situ surface X-ray diffraction (SXD) 
in combination with electrochemical mea- 
surements. Low surface excess of bromide 
ions at Au(100)-(hex) caused a lifting of the 


surface reconstruction. This process pro- 
ceeded at high overpotentials via instan- 
taneous nucleation and two-dimensional 
growth. Two ordered bromide adlayer 
phases were found at unreconstructed 
Au(100)-(1 x 1) surface. 

These studies led to the detailed as- 
signment of voltammetric features of 
bromide adsorption to the respective struc- 
tural properties, stability, and transition 
kinetics. 

Adsorption of Br“ on Au(lll) has al- 
ready been exemplified in Fig. 2, taken 
from Ref. 36. In Ref. 59, in turn, the depen- 
dence of phase transition on the electrode 
potential accompanying adsorption of Br~ 
on Au(100) has been investigated (see 
Figs 3 and 4). 

Cuesta and Kolb [52] have studied 
bromide adsorption on Au(100) electrodes 
using in situ STM. Two quasi-hexagonal 
structures were found, which was in 
agreement with the previously published 
SXS data. 

Wang and Rikvold [60] have applied 
ab initio total-energy density-functional 
methods in combination with supercell 
models to calculate the c(2 x 2) structure of 
bromide adsorbed on Au(100) and Ag(100) 
surfaces. The preferred bonding sites have 
been determined. The calculations have 
shown that bromide favorably binds the 
bridge site on the Au(100) surfaces. These 
results explain experimental observations 
that adsorption of bromide on the Au(100) 
and Ag(100) surfaces proceeds via different 
bonding configurations. 

Lipkowski and co workers [61] have ana- 
lyzed the relationship between the changes 
in the bromide surface composition on 
Au(100) electrode and its specific behavior 
observed in CV. 

Finally, Adzic and Wang [62], and Wang 
et al. [63] have studied the formation of 
thallium bromide on Au(lll) electrode 
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Fig. 3 Linear sweep 
voltammogram 

(v = 10 mV s' 1 ) for Au (100) in 
0.05 M NaBr [59], 



^Ag/AgCI 

[V] 


Fig. 4 The incommensurability 
versus electrode potential 
dependence for adsorption of 
Br“ on Au(100). Insets: atomic 
models of Br _ adlayers 
corresponding to the potentials 
below and above the critical 
point of phase transition [59]. 


induced by bromide adsorption. They 
have observed: (1) an underpotential shift 
for deposition of T1 on Au(lll) in 
the presence of Br _ , (2) a formation 
of two mixed adlayers of two surface 
compounds TlBr 2 _ and TlBr, and (3) a 
very complex structural behavior of this 
system. The above phenomena are related 
to underpotential deposition (UPD) that is 
reviewed in more detail in a later section. 

Mitchell and Koper [64] have in- 
volved the density-functional theory to 
determine the parameters necessary for 
the construction of an off-lattice model 
with no freely adjustable parameters 
for Br“ electrodeposition on Au(100). 
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The simulation results were satisfactorily 
consistent with the experimental findings. 

24.4.2.6 Iodide 

Electrochemical quartz crystal microbal- 
ance (EQCM) has been used [65] to 
study adsorption/desorption of iodide on 
Au(lll) electrodes. The coverages ob- 
tained at different potentials were quite 
close to those estimated from STM images 
and SXS measurements. 

Iodine adlayers covering an Au(lll) 
electrode have been characterized [66] and 
shown to be convenient substrates for the 
studies on adsorption of various organic 
molecules [66, 67]. 
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Chen et al. [ 68 ] have performed chrono- 
coulometric studies of adsorption of iodide 
on Au(lll) electrode and calculated the 
parameters describing this process quan- 
tatively. As in the case of chloride and 
bromide adsorption, iodide also formed 
quite polar chemisorption bond at the 
negatively charged surface. However, the 
polarity dropped significantly when the 
charge of the electrode attained posi- 
tive values. At high charge densities and 
coverages, the chemisorption bond had 
a predominantly covalent character. The 
strength of halide adsorption and covalent 
character of the bond increased progres- 
sively from chloride to iodide. 

It has been found [69] that alkali 
metal cations coadsorb with iodide ions 
on Au(110) electrode at potentials more 
positive than the potential of Au(110) 
reconstruction and more negative than 
the potential of the formation of iodine 
monolayers. The coverages of both the 
cationic and anionic species in KI, Nal, and 
Lil solutions decrease with the increasing 
electrode potential. 

Seo and Ueno [70] have used a piezo- 
electric technique to detect the changes 
in the surface energy of gold electrode in 
1.0 M NaClC >4 solutions in the presence 
and absence of iodide ions. Additions of 
iodide moved the potential of zero charge 
to the negative direction, compared to the 
value determined from the piezoelectric 
signal curve, which points at the strong 
contact adsorption of iodide ions. 

Chang et al. [71] have studied adsorption 
of iodine, iodobenzene, iodoheptane, and 
l,4-dihydroxy-2-iodobenzene on Au(lll) 
electrode from 0.1 M HCIO 4 solutions 
using CV and STM. The results obtained 
indicate that organic iodide molecules 
are significantly decomposed upon their 
adsorption to give an iodine layer and alkyl 


and aryl organic fragments dissolved in 
the solution. 

A physical model and a theory have been 
proposed [72], which might be helpful in 
comparative studies on electrocompres- 
sive behavior of electrodeposited chloride, 
bromide, and iodide monolayers on the 
Au(lll) electrode. The theoretical results 
were in good agreement with the exper- 
imental data, which evidence that the 
adatom -adatom interactions (especially 
repulsive ones) and electrosorption valency 
of halide anions determine the com- 
pressibility within halide adlayers. Also, 
Lipkowski et al. have discussed various as- 
pects of adsorption of halide anions on 
Au(lll) in a review paper [36]. From this 
paper, we have taken quantitative data con- 
cerning adsorption of halide anions on 
Au(lll) (cf. Fig. 3). 

Kerner and Pajkossy [73] have measured 
impedance spectra for Au(lll) electrode 
in perchlorate solutions additionally con- 
taining SO 4 2- , Cl - , Br - ,andl - at concen- 
trations of about 10 -4 M. Measurements 
were performed at adsorption potentials of 
these anions. Analysis of the impedance 
spectra led the authors to the conclusion 
that the adsorption rates of SO 4 2- and Cl - 
are immeasurably high. For halide anions, 
the apparent rate coefficient changes in 
the order I - < Br - < Cl - and decreases 
with the increasing electrode potential and 
coverage. 

The SHG surface spectroscopy is an- 
other method useful in the studies on 
halide adsorption. Applicability of the 
SHG spectroscopy method to Au sur- 
face properties has been discovered by 
Pettinger, Kolb, and coworkers [74, 75]. 
It has also been shown that reconstruc- 
tion of Au(lll) and Au(100) electrodes 
remarkably affects SHG anisotropy [74]. 
For this reason, an interference second- 
harmonic generation anisotropy (I SHG A) 



method has been recently applied to the 
analysis of structural changes of Au(110) 
surface and to study the effect of adsorp- 
tion of halide ions on Au(lll) (see Ref. 74 
and references cited therein). In the light 
of these studies, it is interesting to note 
that Gao etal. [76] have performed sur- 
face reconstruction of Au(110) in 0.1 M 
HCIO 4 solution as a function of elec- 
trode potential using atomic resolution 
STM. 

24.4.2.7 Cyanide 

Studies on adsorption of CN“ ions (and 
other pseudohalide ions) on both pc-Au 
and single-crystal electrodes are particu- 
larly important in view of their role in 
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metal etching and dissolution processes 
[77]. From potential-evolved differential 
frequency generation (DFG) measure- 
ments, it has been found that in the aque- 
ous solution: 0.1 M NaCl 04 + 0.025 M 
KCN, adsorption of CN“ starts at —1.35 V 
(SCE) on Au(110), at -1.05 V on Au(100), 
and at— 0.85 V on Au(lll) [78]. The results 
of electrochemical measurements are con- 
cordant with these findings (see Fig. 5) and 
have been compared with earlier electro- 
chemical studies using the pc-Au electrode 

[79]. 

Evidently, the CN — Au interactions 
are the strongest at more open Au(110) 
surface, and this conclusion correlates well 
with the dependence of pzc on the type 



-1.4 -1.2 -1.0 -0.8 -0.6 -0.4 -0.2 0.0 
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Fig. 5 Cyclic voltammograms of Au(l 10), Au(100), and Au (111) electrodes 
brought in contact with an aqueous solution of 0.1 M NaCIC^ and 0.025 M 
KCN; direction of polarization: from —1 .35 to 0 V (versus SCE), sweep rate: 
200 mV s -1 , CV after 10 cycles [77], 
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of Au surface (the pzc value in CN“-free 
solutions attains the most negative value) 
[77, 80]. It has also been found that the rate 
of CN - adsorption is roughly the same for 
all surface orientations, while the rate of 
CN - desorption is the highest for Au(lll), 
compared to Au(100) and Au(110) [77]. 

Adsorption of cyanide anions can be 
affected by adsorption of cations. In the 
solutions containing nonspecifically ad- 
sorbed anions, the nature of alkali metal 
cations was found to influence the mea- 
sured value of the electrode capacitance at 
potentials more negative than —0.6 V (ver- 
sus standard hydrogen electrode (SHE)). 
At E < — 1.0 V adsorption of CN ions 
was enhanced in the presence of Li + and 
Na + cations, and inhibited in the presence 
of Cs + ions [81]. A combined SERS and 
density-functional theory has been applied 
to study cyanide adsorption at Au electrode 
[82]. The authors have arrived at the con- 
clusion that the polarity of Au— CN bonds 
falls between that of Au— Cl and Au— Br 
surface bonds. The binding strength for 
three different gold surfaces decreased in 
the order: 

Au(110)— CN > Au(100)— CN 
> Au(lll)— CN 

and agreed with the order of bond ionicity. 
24.4.2.8 Thiocyanate 

Adsorption of thiocyanate ions on Au 
electrodes from alkaline solutions has 
been studied using in situ IR spectroscopy 
and SERS [83]. Even at negative potentials, 
adsorption of thiocyanate was observed, 
which occurred via Au~ S interaction. 
At higher concentration of OH - ions, 
the bond strength between the adsorbed 
SCN - ion and the surface was decreased. 
At very positive potentials, both the 
oxidation of thiocyanate to cyanate and the 


formation of a gold-thiocyanate complex 
were observed. 

24.4.2.9 Other Inorganic Species 

Jusys and Bruckenstein [84] have used 
electrochemical quartz crystal microbal- 
ance to study adsorption/desorption of 
perchlorate and perrhenate ions on a bare 
polycrystalline Au electrode. The change 
in the equivalent mass was undoubtedly 
assigned to the adsorption of both anions 
in the double-layer region of Au electrode. 

Adsorption of ammonia on the Au(lll) 
surface at % and V9 of the monolayer cov- 
erage has been theoretically modeled [85]. 

Hexacyanoferrates were immobilized 
on Au covered with SAM of 3,3'- 
thiodipropionic acid [86]. It has been found 
from voltammetric studies that the sur- 
face coverage of hexacyanoferrate is close 
to one monolayer and such an electrode 
exhibits very good surface redox behav- 
ior. Cheng et al. [87] have described the 
formation of an extremely thin multi- 
layer film of polybasic lanthanide het- 
eropolytungstate -molybdate complex and 
cationic polymer of quaternary poly(4- 
vinylpyridine), partially complexed with 
osmium bis(2,2'-bipyridine) on a gold 
electrode precoated with a cysteamine 
SAM. Consequently, adsorption of inor- 
ganic species might also be related to the 
properties of SAMs. This problem will be 
discussed in detail in a separate section 
later. 

Oznuluer and Demir [88] have employed 
electrochemical atomic layer epitaxy (ALE) 
to the investigations of kinetics of struc- 
tural changes occurring within initial 
monolayers ofthin Bi2S3 films on Au(lll). 

Finally, adsorption of CO on Au(lll) 
surface has been investigated under re- 
duced pressure in the range from 10“ 3 to 
10 3 Tr at the room temperature [89]. 
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24.4.3 

Adsorption of Organic Compounds on Gold 
Electrodes 

24.4.3.1 Adsorption of Sulfur-containing 
Compounds 

Evidently, adsorption of chemical com- 
pounds at gold surfaces via specific Au— S 
interactions has been very intensively 
studied for the last twenty years. In 
a recent review [90], Vericat et al. have 
described their own results of electro- 
chemical, in situ STM, X-ray photoelectron 
spectroscopy (XPS), and SXD studies on 
adsorption of sulfur on Au(lll). It has 
been stated that S— Au bonds determine 
the structure and adsorption/desorption 
kinetics for both S— Au(l 1 1) and allcanethi- 
olate/Au(lll) systems in NaOH. 

Application of self-assembling has given 
a great impetus for the studies of Au sur- 
faces modified with sulfur compounds. 
Such processes were already described 
a long-time ago [91], however, more in- 
tensive investigations have been initiated 
by seminal paper of Nuzzo and Allara 

[92] , published in 1983. Self-assembling 
is very well suited to easily obtain well- 
ordered structures as very strong, specific 
adsorption of molecules with a sulfur 
atom in their terminal groups directs these 
molecules exactly to the gold surface. 

Interest in these studies arises from 
fundamental research where monolay- 
ers serve as models of biomimetic 
systems, as well as from important 
applications of such systems in molecu- 
lar and bioelectronic devices, in sensors 
constructions, corrosion/inhibition phe- 
nomena, and synthesis of nanostructures 

[93] . Although self-assembly processes 
of sulfur-containing compounds occur 
at the surfaces of many metals, espe- 
cially the copper-group metals (Cu, Ag, 
Au), the most extensive studies have been 


carried out on the modification of gold 
electrodes. 

Even a very brief description of numer- 
ous papers published in the recent years 
was often beyond the scope of this work. 
Instead, a concise presentation of general 
properties of adsorption and desorption 
processes and electrochemical properties 
of such modified electrodes will be given. 

24.4.3.1.1 Adsorption of Thiols Self- 
assembly of alkanethiols (RSH) on gold 
has especially been studied intensively. 
In this case, adsorption proceeds via 
formation of chemical bond between 
surface gold atoms and sulfur atoms 
of alkanethiols. Adsorption is further 
supported by hydrophobic interactions 
between the alkyl chains. The quality 
of self-assembled layers depends on a 
number of factors, such as morphology 
of the substrate [94], and temperature 
[95]. For successful deposition, it is 
very important to use highly purified 
solvent and reagents [96]. The electrode 
surface should also be thoroughly cleaned; 
however, some researchers claim that 
very careful cleaning is less important 
in view of the very strong interaction 
of sulfur with gold [97]. Concentration 
of the solution used for deposition and 
duration of deposition also play a key role 
in the preparation of the layers of good 
quality. The above factors are interrelated. 
The lower the thiol concentration, the 
longer the deposition time that is required 
to achieve a given surface coverage. In 
order to investigate the influence of these 
and other parameters on the quality of a 
monolayer, as well as the completeness 
of the surface coverage, the process of 
reductive desorption has been employed. 

Modification of the gold surface in 
the self-assembly approach proceeds after 
dipping the gold electrode into the solution 
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containing the corresponding thiol [98]: 

Au + RSH * AuSR + V 2 H 2 (1) 

Porter and coworkers [98] who have 
used pc-Au electrodes and have examined 
monolayers of /i-alkanethiols C n H 2 n +tSH 
with n = 3-10, 12, 16, and 18, have found 
the surface coverage to be independent of n 
and equal to 9.3 (±0.6) x 10 -10 mol cm -2 . 
Assuming that the real surface area 
of pc-Au electrode is 1.2 times larger 
than the geometric surface area, this 
is consistent with structures proposed 
on the basis of different experiments 
in which monolayers of various long- 
chain « -alkanethiols were found to form a 
(^3 x 3)R30° overlayer structure on Au 
surfaces of predominantly (111) character. 
The charge associated with the reduction 
of monolayers of above-mentioned n- 
alkanethiols was found to be (90 ± 7) 
pC cm -2 and was independent of the chain 
length of the studied alkanethiols. 

Taking into account the above-given 
surface coverage, the final result of Porter 
and coworkers [98] is written in the form 
of the reaction: 

AuSR + le » Au(0) + RS“ (2) 

This le electrode reaction implies the 
loss of the thiol hydrogen and the oxidation 
of the S to a formal oxidation state of — 1 
upon adsorption of M-alkanethiol (RSH) 
at Au. 

The results obtained on the double- 
layer properties show that the studied 
monolayers may be represented by a two- 
capacitors-in-series model. One capacitor 
corresponds to the thiol head-group region 
of the monolayer and the second to the 
hydrocarbon phase. 

Porter and coworkers [98] have been the 
first to have performed electroreductive 
desorption of alkanethiols from the gold 


surface. The charge, the shape, and the 
potential of the cathodic peak provided 
important information on the SAMs. Elec- 
troreduction was carried out in alkaline 
(KOH) solution. Desorption process was 
easily observable in cyclic voltammograms . 
Depending on the conditions, reductive 
desorption peak appeared between —0.7 
and —1.4 V (versus SCE) [99-101], The 
value of the peak potential depended on 
several parameters, including the length 
of the carbon chain in thiol molecule. 

Formation of the thiol layer may occur 
also in the anodic process. 

It is, however, noteworthy that despite 
quite intensive studies, the detailed mech- 
anism of thiol adsorption is still not well 
known [102]. Even the most commonly ac- 
cepted fact that the adsorbed species are 
thiolate anions (RS“) is also questioned. In 
order to elucidate adsorption mechanism 
in more detail, Cohen-Atiya and Mandler 
[102] have studied potentiometrically, the 
effect of chain length of solvent molecules, 
end groups, and the nature of surface 
(Au, Ag, and Hg). The obtained results 
have confirmed again that thiol adsorption 
process is complex and is affected by the 
solvent, the nature of the surface, and also 
by the presence of additional functional 
groups in thiol molecules. When thiol was 
added to the electrolyte solution, a sudden 
shift of the potential to the negative range 
was noticed in the open-circuit potential 
experiment. This is indicative of the trans- 
fer of negative charge from the thiol group 
to the electrode surface during adsorp- 
tion process and formation of the M— S 
bond. As a result, the H— S bond should 
be cleaved. In some cases, the authors 
have observed that negative potential shift 
is followed by a gradual shift to positive 
potentials, reflecting a discharge process, 
which probably might proceed via a reduc- 
tion process. 



The scheme in Fig. 6 illustrates the 
mechanism proposed by Cohen-Atiya and 
Mandler [102]. 

Cohen-Atiya and Mandler have also 
found that the extent of discharging pro- 
cess is significantly decreased in aprotic 
solutions and in the absence of oxygen. 
However, the influence of additional func- 
tional groups located at the other end of 
thiol molecules on the discharging process 
is still not fully understood. Possibly, such 
groups (e.g. carboxylic) affect accessibility 
of water to the electrode surface. 

Brett et al. [103] have studied self- 
assembling of 1-decanethiol at the fixed 
positive potentials of pc-Au electrode in 
chronoamperometry and quartz crystal 
microgravimetry. The obtained layers ap- 
peared to have improved quality and were 
produced faster than in the open-circuit de- 
position. The factors possibly influencing 
the fine structure of monolayers observed 
in voltammetric reductive desorption and 
oxidative redeposition of long-chain alka- 
nethiolates, for example, hexadecanethiol 
(HT) and octadecanethiol on smooth Au 
electrodes have been discussed [104], It has 
been shown that the local order of adlayer 
has a role to play in the formation of that 
fine structure. 

There are also some papers in elec- 
trochemistry aimed at the estimation of 
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properties of generated monolayers. Since 
these papers are only loosely connected 
with the electrochemistry of gold, we refer 
to them very briefly. French and Crea- 
ger [105] have found that oxidation of 
gold at the electrode surface and oxidation 
of Fe(CN)6 4- is inhibited up to +1.6 V 
(versus Ag|AgCl electrode) when octanol- 
saturated solutions of pH 5 (buffer) and 
dodecanethiol monolayer-coated Au elec- 
trode are used. Octanol molecules fill in the 
defects in the monolayer and thus make 
the thickness of the barrier layer increase, 
causing inhibition of electrode reactions. 

Passivating behavior of self-assembled 
octadecanethiol on pc-Au electrodes has 
been tested by CV using Ru(NH3)6Cl3, 
K4Fe(CN)6, and benzoquinone [106] as the 
redox probes. Inhibiting properties toward 
these reactants were found to be different. 

Inhibiting properties may be influenced 
by the solvent molecules trapped within 
the monolayer during self-assembly of 
octadecanethiol molecules on gold elec- 
trodes [107]. 

Capacitance and charge-transfer rates 
of SAM of ftr-^'-methyl-biphenyl-f-yl)- 
alkanethiols (CH3— C6H4— C6H4— (CH2) n 
-SH, n = 0-6) adsorbed on pc-Au have 
also been investigated. For n = 1-6, 
the reciprocal capacity exhibited a lin- 
ear dependence on the alkane spacer 
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Fig. 6 Schematic representation of the mechanism of thiol adsorption on 
different metal surfaces [102], 
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Fig. 7 Schematic of self-assembly 
mechanism for alkanethiols on Au(l 1 1). 

(a) Thiols adopt the highly mobile 
lattice-gas phase at very low coverage. 

(b) Above a critical value of surface 
coverage, striped-phase islands, 
characterized by surface-aligned 
molecular axes, nucleate 
heterogeneously, and grow in 
equilibrium with a constant pressure 
lattice gas. (c) Surface reaches 
saturation coverage of striped phase. 

(d) Surface undergoes 
lateral-pressure-induced solid -solid 
phase transition by nucleation of 
high-density islands at striped-phase 
domain boundaries, (e) High-density 
islands grow at the expense of the 
striped phase until the surface reaches 
saturation [110], 


length. The incremental change of 0.054 ± 
0.0036 cm 2 /tF 1 per CH2 group and the 
calculated dielectric permittivity of e = 
2.5 agreed well with the data for n- 
alkanethiols [108]. 

For Hg— Au junctions containing bi- 
layers of alkanethiols of different chain 
lengths, I-E curves were symmetrical with 
respect to the polarity of the voltage bias. 
Larger current was measured when a nega- 
tive bias was applied to the metal modified 
with a monolayer of longer allcanethiol 
chains [109]. 

Au(lll) electrodes. The schematic rep- 
resentation of the formation of the SAM 
of alkanethiols on Au(lll) is shown in 
Fig. 7 [110]. 

Beardmore etal. [Ill] have presented 
a realistic empirical potential function 
to model the head-group interaction for 
SAMs of alkanethiols on Au(lll). The 
main result of these calculations is that 
the barriers within the surface corrugation 
potential are too small to pin S atoms at 
any particular site. 

It has been shown [112] that for low 
concentrations of thiols in the solution, 


the kinetics of their self-assembly as a 
monolayer on Au(lll) surface is limited 
by diffusion, and not by surface kinetics. 
When the coverage is low, alkanethiols 
are arranged on Au(lll) in the striped 
structures and vacancy islands of the gold 
surface are created. At high coverages, 
the structure is (^/3 x ^/3)R30° and/or 
c(4 x 2) with a tilt angle of approximately 
30° from the surface normal [113-115]. 
Alkanethiols are adsorbed on Au(lll) in 
such a way that one sulfur atom corre- 
sponds to three gold atoms at the surface. 
STM studies have shown that the mono- 
layers are seriously subjected to defects 
by missing rows and pits [116-118]. The 
missing-row defects arise from the orien- 
tational and translational domain bound- 
aries. Density of the pits was found to be 
strongly dependent on the solvent [119] 
and the temperature [120] at which the 
self-assembly process was carried out. 
Wano and Uosaki [121] have studied 
electrochemical desorption process of hex- 
anethiol from Au(lll) surfaces in H2SO4 
and KOH aqueous solutions. They have 
found that desorption begins at the defects 



of monolayers. They have also found 
that desorbed thiolates form aggregates 
in H2SO4 solution. In CV experiments, 
after electroreduction, the electrode poten- 
tial was scanned to positive values and a 
smaller anodic peak corresponding to the 
oxidative readsorption of some of the des- 
orbed alkanethiolates was observed (see, 
for instance, Ref. 122). The anodic and ca- 
thodic peak potentials depended on the 
concentration of thiols [122]. Kolb and 
coworkers [123] have applied in situ STM 
and CV to study SAMs of ethanethiol on 
Au(lll) electrodes. Electrochemical stud- 
ies in 0.1 M H2SO4 have shown that at 
—0.31 V versus SCE, ethanethiol is reduc- 
tively desorbed, while oxidative desorption 
of this thiol occurs at +1.15 V. Both 
processes were monitored in STM mea- 
surements. At potentials slightly negative 
of 0 V, the adlayer underwent structural 
transformation, which finally led to the 
formation of small pits and islands on 
the surface. In case of decanethiol on 
Au(lll) and with an increasing concen- 
tration of decanethiol, both cathodic and 
anodic peaks were shifted to negative 
potentials by about 57 mV/decade, inde- 
pendently of the sweep rate (in the range 
0.01 — 0.2 V s -1 ). Assuming that the elec- 
trode reaction occurred according to Eq. (1) 
in both directions, and that the monolayer 
activity «Mon was independent of the thiol 
concentration, one arrives at [122]: 

E\j 2 = E' 0 — 0.059 log acios - constant 

(3) 

where r/cios is the activity of decanethiol. 
This equation is consistent with the 
experimental results [122] and confirms 
that oxidation and reduction proceeded as 
one-electron processes. 

From electrochemical and STM 
experiments, as well as from density 
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functional theory (DFT) calculations, it 
can be concluded [124] that the difference 
between experimentally observed peak 
potentials for reductive desorption of 
a given allcanethiolate from Ag(lll) 
and Au(lll) surfaces is determined by 
the energy required to introduce an 
electron into the adsorbed alkanethiolate- 
metal species, by desorption energy 
of the alkanethiolate anion, and by 
the solvent/metal interaction energy. 
Moreover, the position of the peak depends 
on the alkyl chains. It has been found 
that the longer the alkyl chain, the more 
negative the reduction peak potential 
is, probably due to stronger attractive 
interaction between alkyl chains [98]. 

The measurement of the charge in- 
volved in the reductive desorption of layers 
prepared under various conditions pro- 
vides very important information about 
the surface coverage and the nature of 
the oxidative adsorption. The influence of 
time and thiol concentration on both the 
potential and the charge of the reductive 
desorption has been investigated for de- 
canethiol adsorbed on Au(lll) [125] (see 
Fig. 8). 

In these experiments, Au(lll) electrode 
was immersed in 0.1 M KOH solutions 
with 10 pM, 100 pM and 1 mM C10SH and 
kept at the constant potential of +0.1 V for 
a certain time. After that, the potential was 
scanned to more negative values in order 
to record the cathodic peak current. These 
and other experiments have proved that 
the saturated coverage is obtained after a 
sufficiently long holding time. The same 
applies to the cathodic peak potential also. 

Sumi and Uosaki [125] have found that 
the maximum reaction charge is equal 
to 103 (±5%) pC cm -2 . Two components 
contribute to the measured total charge: 
the first is produced in reaction (1), 
and the second is the capacitance charge 
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Fig. 8 Cathodic peak potential (empty symbols) and cathodic wave 
charge (filled symbols) as a function of holding time at +0.1 V in 0.1 M 
KOH ethanolic solutions containing 10 pM (o, •), lOOpM (□, ■), and 
1 mM ( 0 , ♦) decanethiol. Inset shows the initial stage of the above 
relations. All data concerning reductive charge contain ±5% error [125], 

arising from the difference in the double- of Au— S bond. In this step, a coverage 
layer capacity of the thiol-covered and of about 80-90% is achieved. The sec- 
bare surface. The value of 103 (±5%) ond step consists of straightening of 
pC cm -2 agrees with the values reported the alkyl chains. The third step is the 
for the reductive desorption of SAMs of slowest and obeys reorientation of termi- 
other thiols with saturated coverage and nal group. Reorientation is accompanied 
a (^3 x ^/3)R30° structure, which were by some changes in the reduction peak 
formed in ethanol solutions containing potential, although the surface coverage 
only alkanethiol without the potential remains practically unchanged. Reorgani- 
control [126-128]. The determined total zation may take several hours and has been 
charge equaled 103 (±10%) pC cm -2 and monitored in contact angle, ellipsometry, 
comprised 73.3 pC cm -2 of the Faradaic and FTIR studies [93, 133-135]. 
charge contribution due to reaction (1) and In situ and ex situ STM studies of self- 

30 pC cm -2 of double-layer recharging assembled butanethiol/Au(lll) have been 
contribution [126, 127, 129]. Also, the rate performed [136] in order to determine the 
constant of the reductive desorption of ground-state configuration and long-term 
decanethiol was determined from the peak behavior of this system at room tempera- 
potential versus scan rate relationship and ture. The results have shown that the most 
equaled to 0.24 s _1 . Avery close value was stable surface structure is a c(4 x 2) re- 
found for nonanethiol [125, 130]. construction of the basic (^3 x 3)R30° 

In the formation of self-assembled layer, adsorption site geometry containing four 
one can distinguish three steps [131, 132]. distinguishable molecules. This structure 
The first step lasts for several seconds is extremely sensitive to the presence of 
and obeys chemisorption and formation defects in the substrate. Probably, the 



limiting factor leading to the formation 
of c(4 x 2) domains is the preexistence of 
large atomically flat Au(lll) terraces that 
cover evenly at least 200-400 nm 2 without 
any defects. 

Yang and Morin [137] have presented 
vibrational studies of reorganization of the 
electrical double layer, following reduction 
of the self-assembled nonanethiol mono- 
layer on Au(lll). The absence of changes 
in the vibrational spectra recorded at po- 
tentials covering the double-layer range 
confirmed the stability of this monolayer 
over the range of 800 mV. Significant 
changes in the vibrational spectra of water 
molecules were observed when the applied 
potential was more negative than the re- 
duction potential of the thiol monolayer. 
Interactions between water molecules and 
gold electrode support were modified by 
the electrode potential. 

Poirier [138] has studied phase stability 
of decanethiol on the Au(lll) surface. 

In the voltammogram of Au(lll) mod- 
ified with binary SAM of 1-undecanethiol 
and 1 1 -mercaptoundecanoic acid, only one 
reductive desorption peak was formed for 
any value of mixing ratio of both thiols 
[139]. Such a response suggests that both 
thiols are well mixed in the SAM. 

Arce et al. [140, 141] have studied the 
dynamics of 1 -dodecanethiol and bu- 
tanethiol SAMs on Au(lll), applying 
ex situ and in situ STM. The poten- 
tial of zero charge for the thiol-modified 
Au(lll) electrode was determined for 
self-assembled monolayers of octade- 
canethiolate (—0.52 V), undecanethiolate 
(—0.49 V), propanethiolate (—0.3 V), and 
\H ,\H ,2H ,2H -perfluorodecanethiolate 
(1.04 V) [142]. The potentials (expressed 
versus Ag|AgCl| saturated KCl electrode) 
were determined from the measurements 
of the contact angle for a droplet of 0.1 M 
NaClC >4 aqueous solution. 


24.4 Electrochemistry of Gold | 859 

Also, the potential dependence of ultra- 
fast relaxation at electrochemical interfaces 
of 1-dodecanethiol- and 1-HT-modified 
Au(lll) electrodes has been investigated 
in HCIO 4 and H 2 SO 4 solutions, applying 
transient reflectivity measurements [143]. 

The decay time constants found ranged 
from 100 to 300 fs and depended on the 
potential, interface modification, and the 
electrolyte used. 

Hara et al. [144] have observed, in 
STM studies, an ordered nucleation of 
two-dimensional molecular islands at the 
initial growth stage. 

It has been found [145] that the self- 
assembly of thiol molecules on Au(lll) 
from ethanolic solution depends signifi- 
cantly on the electrode potential. Especially 
at cathodic potentials, chemisorption of 
thiol molecules and the development of a 
highly ordered structure are slowed down 
significantly. 

Self-assembly of alkanethiols on Ag(l x 
l)-Au(lll) obtained under conditions of 
UPD has been studied applying STM, 
Auger electron spectroscopy, and elec- 
trochemical techniques [146]. Even for 
the adsorbed short-chain alkanethiolates, 
the surface structure exhibited an in- 
commensurable hexagonal lattice with 
the nearest-neighbor distances of approx- 
imately 0.48 nm that is usually found 
for long-chain alkanethiolates adsorbed on 
Ag(lll). 

Au(100) electrodes. Self-assembled thiol 
layers on Au(100) have also been studied. 

Kolb and coworkers [147] have investigated 
the potential-induced structure transitions 
in SAMs of ethanethiol in 0.1 M H 2 SO 4 
using STM. After modification, the STM 
images obtained in air exhibited a dis- 
ordered thiol adlayer and Au islands of 
monoatomic height on about 25% of the 
surface. The islands originated from the 
lifting of the (hex) reconstruction during 
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thiol adsorption. In contrast to alkanethiol 
monolayers on Au( 1 1 1) , no vacancy islands 
were seen on the Au(100) surface. 

Kolb and coworkers [148] have investi- 
gated SAMs of butanethiol applying CV 
and in situ STM. Adlayers comprised or- 
dered domains of a striped structure, with 
the stripes running parallel to the main 
crystallographic axes of the substrate. Ad- 
sorption and desorption of butanethiol 
on Au(100)-(5 x 20) in ultrahigh vacuum 
have been studied using temperature- 
programmed desorption/reaction, low- 
energy electron diffraction, and Auger 
electron spectroscopy [149]. Physisorbed 
and chemisorbed states were shown to 
exist and desorb at quite different tem- 
peratures. Yamada and Uosaki [150] have 
presented structural investigations on de- 
canethiol SAMs on the reconstructed and 
Au(100)-(1 x 1) surfaces using STM in air. 
Molecular arrangements of monolayers on 
both surfaces were similar to the c(2 x 8) 
structure with (1x4) gold row missing. 

24.4.3.1.2 Adsorption of Modified Thiols 

Amino-amido-thiol HS— (CH 2 )io — CO— 
NH— CH 2 — NH 2 adsorbed on Au(lll) has 
been studied by sum frequency gener- 
ation and infrared reflection absorption 
spectroscopy (IRAS) in the CH 2 stretching 
vibration region [151]. 

Organized multilayers of ferrocene alkyl 
thiol have been self-assembled on Au(lll) 
under conditions of controlled thiol con- 
centration. Several methods, such as CV, 
ellipsometry, STM, AFM, and in situ 
FTIR spectroscopy have been applied in 
these studies in order to find out the 
differences between mono- and multilay- 
ers of the same compound [152]. Similar 
compounds, namely, short-chain alkyl thi- 
ols (« = 3-10) with ferrocene terminal 
group were allowed to form organized 
monolayers at Au(lll) surfaces [153], 


Applying subtractively normalized inter- 
facial Fourier transform infrared spec- 
troscopy, it has been found that electrooxi- 
dation of ferrocene groups is accompanied 
by rotation of these groups in such a man- 
ner that the plane of cyclopentadienyl rings 
turns to the position normal to the elec- 
trode surface. Also, biferrocenyl alkanethi- 
ols self-assembled on Au(lll) surface and 
gold nanoclusters have been studied using 
various spectroscopic and electrochemical 
methods (CV) [154], In the voltammo- 
gram, two reversible one-electron peaks 
were observed for both surfaces. Also, 
multilayered Au nanoclusters covered with 
mixed self-assembled alkanethiol mono- 
layers containing methyl, ferrocene, or 
carboxylic terminal groups were obtained 
on Au(lll) surface, and electrochemically 
characterized [155]. 

Gold electrodes covered with nonelec- 
troactive alkanethiolate monolayers with 
amide bonds have been used to study 
the kinetics of long-range electron trans- 
fer, applying hexachloroiridate(IV) ion as 
the redox probe [156]. Ferrocene units 
were also attached [157] as terminal 
groups to alkanethiol molecules bonded 
via sulfur to the gold electrode sup- 
port. These molecules were diluted with 
alkanethiol molecules without any reac- 
tive groups attached. Again, the rate of 
charge transfer between the ferrocene 
group and the electrode was calculated us- 
ing voltammetry and chronoamperometry. 
Similarly, charge transfer occurring be- 
tween the gold electrode and the ferrocene 
group attached to organic monolayer films 
with oligoglycine spacers has been stud- 
ied [158], 

Benzenethiol adsorbs on Au(lll) from 
the aqueous solution to form a well- 
ordered monolayer of a commensurate 
(^13 x ^/13)R13.9° symmetry [159]. It 
has been found that the ordered phase 



is formed in 0.1 mM aqueous solution 
in several minutes. Further immersion 
results in the formation of multilayers. 

Oxidative electrodeposition of three 
isomers of benzenedimethanethiol on 
Au(lll) from alkaline aqueous solutions 
has been studied by Rifai and Morin [160]. 
All isomers were found to adsorb onto 
gold via sulfur and to form complete 
monolayers. 

Kuwabata et al. [161] have prepared, 
via electrochemical polymerization on 
Au(lll), SAMs comprising aminoben- 
zenethiol and 3-aminophenethylthiol 
units. Polymerization of aminoben- 
zenethiol required the use of ortho 
and meta isomers in the molar ratio 
of 1:1, whereas, in contrast, 3-amino- 
phenethylthiol was easily polymerized as a 
pure substance. The monolayers obtained 
exhibited electrochemical properties very 
similar to those of polyaniline and their 
derivatives. 

24.4.3.1.3 Adsorption of Thiourea Ear- 
lier study of adsorption of thiourea on 
pc-Au electrode from aqueous solutions 
of KCIO 4 and HCIO 4 were carried out 
by Holze and Schomaker [162]. The ad- 
sorbed compound is perpendicularly ori- 
ented with sulfur atom interacting with the 
gold surface. 

Azzaroni et al. [163] have used STM to 
study electrochemical reactivity of thiourea 
toward Au(lll). Sequential STM imaging 
has shown that thiourea adsorbs as striped 
arrays that evolve to the hexagonal close- 
packed structure when surface charge 
density is decreased. The transient hep 
structure undergoes electrooxidation to 
formamidine disulfide, which slowly yields 
adsorbed sulfur. Adsorption of thiourea 
on the pc-Au electrode from KCIO 4 
solutions has also been studied [164], 
The film pressure and the Gibbs surface 
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excess were determined as a function of 
potential applying CV differential capacity 
measurements and chronocoulometry. 

Oxidation of thiourea adsorbed on 
Au(lll) and pc-Au electrode in 0.1 M 
HCIO 4 has been investigated using CV, 
in situ Fourier transform infrared spec- 
troscopy, and differential electrochemical 
mass spectrometry [165]. Two reaction 
mechanisms were proposed for the oxi- 
dation of the adsorbed and nonadsorbed 
thiourea. For both types of Au electrodes, 
similar results were obtained. 

24.4.3.1.4 Adsorption of Disulfides and 
Related Compounds Adsorption and 
further electrode reactions of different 
disulfides at gold electrodes depend on 
chemical properties of the adsorbates. It 
has been evidenced in some papers that 
at least for some disulfides, adsorption 
process involves the cleavage of the S— S 
bond. Adsorption of diphenyl disulfide on 
a polycrystalline gold electrode has been 
studied in detail by Borsari et al. [166]. 

They have proposed the mechanism of 
adsorption shown in Scheme 1: 

The gas-liquid chromatography with 
mass spectrometric detection (GFC-MS) 
analysis of the electrolyzed solution has 
shown that thiophenol is the only reduc- 
tion product and the S — S bond cleavage is 
quantitative. Such a mechanism of bond 
breaking was confirmed by electrochem- 
ical studies. In cyclic voltammograms, 
anodic and cathodic peak potentials were 
the same for thiophenol and diphenyl 
disulfides; thus the same species were 
participating in these processes. Electrode 
reactions of diphenyl disulfide are given by 
the following equations [166]: 

C 6 H 5 SSC 6 H 5 + Au° * 

2 C 6 H 5 SAu at j s chemical step (4) 





24.4 Electrochemistry of Gold 863 


interrogated by in situ IRAS [173]. Both the 
dication HV 2+ and the monocation HV+ 
were detected. Complex spectral changes 
were observed when the electrode potential 
was varied. Recrystallization phenomena 
in bulk deposits of cation radical salts 
occurred more readily at Au(100) than 
Au(110) and Au(lll) surfaces. Atomic 
arrangement of the gold electrode surface 
significantly affected the structure of 
adsorbed viologens. 

Cysteine and cystine. Monolayers of L- 
cysteine an L-cystine assembled on Au(ll 1) 
form highly ordered network-like clusters 
of a (3^3 x 6)R30° structure, as it has 
been shown in in situ STM and elec- 
trochemical studies [174]. Each cluster 
includes six molecules of cysteine or three 
molecules of cystine. One may assume 
that inter- and intramolecular hydrogen 
bonds between the adsorbed cysteine or 
cystine units are responsible for the ob- 
served structures, as they are not observed 
for 1 -butanethiol adlayer under identi- 
cal conditions. Adsorption of cysteine on 
Au(lll) surface has been studied theo- 
retically [175], involving periodic supercell 
density- functional theory calculations. Dif- 
ferent adsorption modes were considered 
in these calculations. The strength of 
N— Au and S— Au adsorption bonds for 
amino-thiolate was estimated to be of 
the order of 6 and 47 kcal mol -1 , respec- 
tively. Hager and Brolo [176] have studied 
adsorption and desorption processes of 
the cysteine/cystine (thiol/disulfide) re- 
dox couple in neutral (0.1 M KCIO 4 ) and 
basic (0.1 M NaOH) media on Au(lll) 
electrodes. In 0.1 M KCIO 4 , adsorption 
peaks corresponding to cysteine and cys- 
tine were formed at 0.43 and 0.57 V 
(versus SCE), respectively. This differ- 
ence in peak potentials reflects different 
adsorption properties of the thiol and disul- 
fide species. Similar behavior was also 


observed in 0.1 M NaOH. Disulfide was 
adsorbed when the applied potential was 
held at values more positive than +0.25 V 
in KCIO 4 and —0.20 V in NaOH (versus 
SCE). The corresponding thiol (cysteine) 
was the only adsorbed species when the 
applied potentials were more negative than 
+0.25 V and -0.20 V in KCIO 4 and NaOH, 
respectively. Thiol monolayers exhibited 
higher packing density than their disulfide 
counterparts. 

24.4.3.1.5 Other Sulfur Compounds and 
Complex Adsorption Layers Adsorption 
of 5-(octyldithio)-2-nitrobenzoic acid on a 
gold electrode has been investigated us- 
ing a quartz crystal microbalance [177]. 
This adsorption follows the Freundlich 
isotherm. AFM images of the films ob- 
tained in 10 mM ethanolic solution of the 
studied acid exhibited dramatically differ- 
ent morphologies, which were ascribed to 
the formation of multilayered aggregates. 

Dijlcsma et al. [178] have described the 
formation of SAMs of thioctic acid on 
pc-Au electrodes in phosphate buffer 
of pH = 7.4. It has been found that 
potentiostatically formed monolayers of 
this acid have better characteristics than 
those generated under the open-circuit 
conditions. Also, a new strategy toward 
fast immobilization of thioctic SAM has 
been described [179]. It involved placing 
the known quantity of thioctic acid solution 
on a gold electrode surface. This way, one 
obtained modified electrodes that can be 
used in the preparation of sensors. 

Yong and Beng [180] have deposited 
monolayers of 2 -mercaptobenzothiazole 
and 2-mercaptobenzimidazole on Au 
surfaces from diluted ethanolic solutions 
and have studied their electrochemical 
behavior. 

Che and Cabrera [181] have investi- 
gated molecular recognition based on 



864 | Part B: Electrochemistry of Gold, Silver, and Mercury 

self-assembled (3-mercaptopropyl) trime- 
thoxysilane monolayer on a gold surface. 

Electrochemical dimerization of 2(2'- 
thienyl)pyridine adsorbed on Au(lll) has 
been observed, applying in situ fluores- 
cence [182]. The structure and electro- 
chemical properties of 4,4'-dithiopyridine 
(PySSPy) on Au(lll) have been investi- 
gated as well [183]. The S— S bond was bro- 
ken during adsorption and the compound 
was attached to the Au surface via sulfur. 
Coadsorption of 2-mercaptopyrimidine 
and 2,2 , -bipyridine on Au(lll) has been 
studied by STM [184]. 2,2'-Bipyridine 
molecule was adsorbed vertically via 
nitrogen. Mutual adsorbate -adsorbate in- 
teractions occurred as it -stacking. The be- 
havior of 2-mercaptobenzimidazole SAM 
monolayer at the Au(lll) electrode has 
been examined using CV and in situ 
FTIR spectroscopy [185]. The charge in- 
volved in reductive desorption was pH 
independent, while the oxidative partial 
redeposition charge increased with the 
decreasing pH. In alkaline and neutral me- 
dia, 2-mercaptobenzimidazole desorbs as 
the thiolate anion, and in acidic solutions, 
as the neutral thiol [185]. 

CV investigations of 6-mercaptopurine 
and 8-mercaptoquinoline SAMs on pc- 
Au electrodes have been presented by 
Madueno et al. [186] and He et al. [187], 
respectively. Several model electrode re- 
actions involving various redox probes 
were studied using such modified elec- 
trodes. Baunach and Kolb et al. [188] 
have deposited copper on disordered ben- 
zyl mercaptan film on Au(lll) surfaces. 
They have also studied the behavior of 
benzyl mercaptan SAM on Au(lll) in 
H2SO4 solution using CV and STM. Struc- 
tural and electrical properties of SAMs 
based on tetrathiafulvalene derivatives on 
Au(lll) were investigated. These mono- 
layers were disordered, or at least loosely 


packed. Conduction through these molec- 
ular SAMs is remarkably high (due to the 
tetrathiafulvalene moiety). 

Also, self-assembled layers of function- 
alized oligo(cyclohexylidene) molecules on 
Au(lll) electrodes have been studied 

[189] . Their morphology has been inves- 
tigated using STM and AFM. Dudek et al. 

[190] have studied electrochemical prop- 
erties of SAMs comprising the mixture 
of ferrocene-terminated oligo(phenylene- 
vinylene) methyl thiol and an alkanethiol 
diluent on gold electrodes. Szafranski et al. 

[191] have applied SERS to characterize 
monolayers of /^-substituted benzenethi- 
ols and p-substituted benzenemethanethi- 
ols (substituents -F, Cl, Br) on gold elec- 
trodes. The studied compounds (six) ex- 
isted on the surface as thiolate molecules 
of aromatic rings tilted with respect to the 
surface normal. They formed monolayers, 
which were stable at the surface in the po- 
tential range from +800 mV to —1000 mV 
(versus SCE) in neutral solutions. 

It has been described [192] that the ori- 
entation of 2-mercaptomethylthiophene 
molecules adsorbed on Au(lll) is almost 
vertical at the saturation coverage. At low 
coverage, in turn, the molecules form 
striped islands, within which the thio- 
phene rings are tilted by 45 + 10° with 
respect to the surface normal. 

Mazur and Krysinski [193] have pre- 
sented a comparative study of electrode- 
position of poly(3-octylthiophene) films on 
gold electrodes - bare and modified with a 
dodecanethiol monomolecular layer. The 
polymer deposited on the thiol-coated elec- 
trode was more compact. There is also 
a significant interest in adsorption of 
organic compounds containing two func- 
tional groups in their molecules. Sulfur- 
containing group directly participates in 
the formation of bond with the gold 
surface, while another group, such as 



— COOH, — NH 2 , or —OH, participates in 
the interaction with other molecules in the 
solutions. We briefly present the selected 
papers on this topic below. 

Adsorption of 2,3-dimercaptopropane 
sulfonate on Au(lll) in alkaline solutions 
has been studied by Yang etal. [194], 
STM studies have revealed that adsorption 
involves reorientation in the primarily 
formed adlayer and a slow lifting of 
the reconstruction. It has been shown 
that «-mercaptohexanoic acid SAMs on 
pc-Au electrodes are stable and exhibit 
catalytic property toward redox reaction of 
chlorophylls [195]. Using SERS, it has been 
demonstrated that mercaptoethylamine is 
adsorbed on a gold electrode in the 
mixed trans and gauche conformations 
[196], initially at 0.0 V (versus Ag|AgCl). 
When the potential is changed anodically 
or cathodically over the range: +0.4 
to —0.8 V, the population of adsorbate 
molecules switches mostly to the gauche 
conformation. 

Zhang et al. [197] have studied ad- 
sorption of DL-homocysteine and L-homo- 
cysteine thiolactone on Au(lll) electrode 
in 0.1 M HCIO 4 using CV and STM. Both 
compounds formed highly ordered adlayer 
on Au(lll). For both adlayers, structural 
models have been proposed. 

Dopamine f -hydroxylase adsorbed on 
gold electrode has been investigated elec- 
trochemically and applying quartz crystal 
microbalance [198]. In the neutral phos- 
phate buffer solution, the adsorbed layer 
was stable and did not desorb within the 
potential range of 0.6 to —0.7 V (versus 
Ag|AgCl — 1 M KC1). At potentials more 
positive than 0.8 V, the adsorbed com- 
pound was oxidized and, probably, residual 
tyrosine, tryptophan, and histidine partici- 
pated in this process. 

Nishizawa et al. [199] have analyzed 
electroreductive desorption of a mixed 
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self-assembled 3-mercaptopropionic acid 
(MPA) and HT monolayer in 0.5 M KOH 
on Au electrode. The monolayer prepared 
from 1 mM MPA and 0.2 mM HT gave 
two cathodic signals at different poten- 
tials, suggesting phase segregation within 
the mixed layer. Electrode behavior ac- 
companying selective cathodic desorption 
of MPA was characteristic for an array 
of microelectrodes. This observation indi- 
cates that MPA domains are dispersed in 
the original mixed monolayer. Potential 
permeability of monolayers toward ionic 
species present in the solution has been 
investigated using mixed SAMs composed 
of MPA and poly(3-dodecylthiophene) ad- 
sorbed on gold electrodes [200]. Quartz 
crystal microgravimetric study of self- 
assembled thioglycollic acid on polycrys- 
talline gold electrode in 0.5 M KOH has 
revealed formation of the monolayer. In 
0.5 M HC1, in contrast, the frequency 
changes rather suggest the formation of 
a bi- or multilayer owing to the presence 
of hydrogen bonds. 

Other studies on gold electrodes have 
been focused on various self-assembled 
reactants attached to Au via sulfur- 
containing groups. Some of these re- 
actants may exhibit catalytic activity or 
participate in the electron transfer be- 
tween the electrode and other reactants 
present in the solution (mediation). Thiol- 
or disulfide-modified gold electrodes are 
frequently used to attach other species 
to already modified surfaces, and form 
bilayers. Since such systems are very 
loosely connected with the electrochem- 
istry of gold, only selected examples are 
given below. One among such compounds 
is metalloporphyrin deposited on a gold 
electrode modified with L-cysteine SAM 
[201]. A cupric-porphyrin-L-cysteine film 
exhibited good catalytic activity toward 
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reduction of H 2 O 2 . Octabutylthiophtalo- 
cyaninato-cobalt(II) forming a SAM on 
gold electrodes has potential application 
as an electrochemical sensor in alkaline 
solutions [202], yet only in the poten- 
tial range of —0.20 to +0.55 V (versus 
Ag|AgCl). Self-assembly of 4-ferrocene 
thiophenol immobilized on gold electrode 
modified with electroactive gold has been 
described as well [203]. Other immobi- 
lized compounds that have been studied 
include DNA and a C-reactive protein 
[204], DNA [205], fullerols C 60 (OH)„ [206], 
cytochrome c [170], bovin serum albu- 
min [207], dipalmitoylphosphatidylcholine 
[208], J-aggregates of cyanine dyes [209], 
naphthoquinone [210], proteins [211], and 
o'-cyclodextrin [212]. Other biologically or 
technically important compounds, for ex- 
ample, porphyrine [213] and metallopor- 
phyrins [214], in combination with thiols or 
other sulfur-containing compounds have 
also been attached to gold electrodes. 
Iron(III) protoporphyrin IX and hemato- 
porphyrin have been covalently bonded 
to dimercaptoalkane-modified gold elec- 
trodes [215]. Electrochemical reversibility 
of the attached complexes has been con- 
firmed by CV. Heterogeneous rate con- 
stant of charge transfer between the iron 
protoporphyrin and the Au substrate has 
been found to decrease exponentially with 
the spacer length. 

DNA has also been immobilized on 
Au electrode by its interaction with gem- 
ini surfactants [216]. Moreover, inclusion 
complexes of viologen-attached alkanethi- 
ols and a- and /1-cyclodextrins that spon- 
taneously assemble on Au electrodes have 
been studied [217, 218]. 

24.4.3.2 Adsorption of 
Selenium-containing Compounds 

Only a few papers on the self-assembled 
organoselenol monolayers are available. 


Samant et al. [219] have prepared a com- 
pact layer of docosaneselenol on Au(lll). 
On the basis of X-ray scattering exper- 
iments, they have proposed a structure 
similar to that of thiol monolayers. Also, 
diphenyl diselenide forms a SAM on poly- 
crystalline Au [220]. This compound is 
adsorbed even stronger than the corre- 
sponding sulfur analog [221]. Benzene- 
selenol chemisorbed on Au(lll) forms 
initially only small islands, which develop 
later to large hexagonal-shaped facets, as 
it has been shown in STM studies [222]. 
Protsailo et al. [223] have studied adsorp- 
tion of n -dodecaneselenol on Au( 111) from 
ethanolic solutions. They have found that 
this process occurs in two steps; in the first 
step, lasting for several seconds, a mono- 
layer is formed, and during the next few 
hours, a film is organized and self-ordering 
processes advance. 

Employing STM, Monnell et al. [224] 
have characterized coexisting adsorbate 
phases in high-coverage decaneseleno- 
late and dodecaneselenolate SAMs on 
Au(lll). Two structure types have been 
distinguished: a densely packed distorted 
hexagonal lattice incommensurate to the 
underlying gold substrate, and a commen- 
surate linear missing row. The differences 
between these structures and structurally 
analogous phases of alkanethiolate mono- 
layers on Au(lll) may be explained in 
terms of head group-head group and head 
group -substrate interactions guiding the 
self-assembly process. 

24.4.3.3 Adsorption of 
Nitrogen-containing Compounds 

24.4.3.3.1 Pyridine and its Derivatives 

Adsorption of pyridine and its derivatives 
on different metal electrodes has been 
studied very intensively [11], both at 
polycrystalline Au surface and different 
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single-crystal Au surfaces. Using ellipsom- 
etry, Chao et al. [225] have detected that 
at positive potentials, pyridine molecules 
are oriented vertically on pc-Au, whereas 
they attain flat orientation at negative po- 
tentials. Lipkowski and coworkers, in a 
series of papers, have undertaken sys- 
tematic studies on adsorption of pyridine 
from aqueous solutions at various gold 
electrodes. Adsorption of pyridine on poly- 
crystalline Au electrodes has been stud- 
ied first, using chronocoulometry [226]. 
In later studies, the results obtained 
from chronocoulometry and Raman spec- 
tra were compared to those from SERS 
[227] and radiochemical methods [228]. 
It has been shown that at a negatively 
charged surface, pyridine molecules ad- 
sorb in the flat orientation and the 
corresponding maximum surface concen- 
tration reaches 3 x 10“ 10 mol cm -2 [226]. 
At positively charged surface, the adsorbed 
pyridine molecules reorient to a verti- 
cal position, presumably with nitrogen 
atoms facing the gold surface. Reorien- 
tation is accompanied with the increase 
in the limiting surface concentration up 
to 7 x 10 -10 mol cm -2 . The change of 
orientation of Py molecules at the pzc 
is a two-dimensional phase transition. 
The standard Gibbs energy of adsorption 
equals to — 38kJmol -1 . Also, a partial 
charge transfer has been found to be in- 
volved in the pyridine adsorption process 
[226]. Pyridine adsorption at single-crystal 
electrodes has been performed on Au(100) 
[229], Au(110) [230], Au(lll) [231], Au(311) 
[232], and Au(210) [233], The correspond- 
ing values of the standard Gibbs energy 
of adsorption (in kj mol -1 ) have been de- 
termined: — 36 for Au(lll) and Au(100), 
—42 for Au(311) and Au(110), and —47 
for Au(210). According to these numbers, 
AG° a ds decreases when densely packed 
surface layer is converted into the more 


open one. Such an orientation is also typ- 
ical of the Au lattice planes of high Miller 
indices. Reorientations of Py molecules 
on Au(100) are initially [229] analogous to 
those on pc-Au at negative and positive 
charges. Additionally, transitional orien- 
tation was suggested for the potentials 
close to the zero charge potential and in- 
termediate surface concentrations. Later, 
however, Skoluda et al. [234] have shown 
that adsorption of pyridine on Au(100) is a 
more complex process than it appeared be- 
fore, since at the unreconstructed Au(100) 
face, it is hampered by negative potential- 
induced reconstruction into the (lll)-like 
structure. Therefore, in order to derive 
the adsorption isotherm for Py on un- 
reconstructed Au(100), it is necessary to 
apply negative potential for the minimum 
time to reach the adsorption equilibrium. 
Consequently, Py molecules adsorbed on 
Au(100)-(1 x 1) exhibit vertical orientation 
within the entire potential range studied. 
The studies of Au(110) [230] have revealed 
that Py molecules adsorb vertically also on 
this surface and are attached to the metal 
via the nonbonding orbital of the nitrogen 
atom. For Au(lll), the dependence of the 
orientation of Py molecules on the sur- 
face charge has been found [231]. Several 
modern spectroscopies, for example, SHG 
[235, 236], DFG on Au(lll) [237] and SERS 
on Au(210) [238], have been employed to 
determine the orientation of Py molecules 
at Au surfaces. At Au(210) and Au(311), 
the adsorbed Py molecules attain vertical 
N-bonded orientation. In general, the stud- 
ies on different types of Au surfaces have 
shown that it is not always clear whether 
Py molecules desorb from the electrode or 
only change their orientation [11]. 

Arvia and coworkers [239] have investi- 
gated adsorption of pyridine on Au(lll) in 
the potential range 0.15 V < E < 0.55 V 
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(versus SHE) using in situ STM. At poten- 
tials higher than or equal to the pzc, both 
disordered and ordered domains were ob- 
served. For potentials lower than £ pzc , the 
ordered structure disappeared. In the or- 
dered domain, pyridine molecules were 
adsorbed vertically and formed a (4x4) 
hexagonal lattice of the nearest-neighbor 
distance of 0.38 nm. 

On a pc-Au electrode in 1 M NaF ver- 
tically oriented pyridine molecules have 
been observed at 0.7 V (versus Ag/AgCl), 
applying in situ IR. In contrast, they have 
not been detected at this potential in elec- 
trochemical method [240]. Considering the 
fact that adsorption of pyridine on gold 
electrodes is a replacement reaction and 
taking into account the results obtained 
from quartz crystal microbalance experi- 
ments, the conclusion has been made that 
adsorption of one pyridine molecule is ac- 
companied by the removal of 10-12 water 
molecules [241]. 

Subtractively normalized interfacial 
FTIR has been employed [242] to study 
the changes in the surface coordination 
of pyridine molecules on Au(lll). It has 
been deduced from the experiments that 
pyridine molecule is positioned upright 
at positive potentials and its plane rotates 
somewhat with respect to the electrode 
surface. In situ FTIR has also been 
used [243] to investigate adsorption of 
pyridine on Au(lll), Au(100), and Au(110) 
electrodes. For the low-index electrodes, 
the behavior of band intensity located 
at 1309 cm -1 and corresponding to the 
total adsorbed pyridine, agreed with the 
surface excess results obtained earlier from 
chronocoulometry. 

Hush and coworkers [244] have calcu- 
lated theoretically, the binding energy and 
the dipole moment of isolated pyridine 
molecules adsorbed on Au(lll) surfaces, 
and have determined the structure of this 


system. Significant binding was found 
only for atop configurations, in which pyri- 
dine molecule is positioned directly above 
a single gold atom with its nitrogen atom 
bound to it. 

Electrochemical and subtractively nor- 
malized interfacial FTIR studies of 
4-cyanopyridine adsorption on Au(lll) 
electrode [245] have shown that this com- 
pound is totally desorbed at potentials 
lower than —0.7 V versus SCE. At less 
negative potentials, the molecules were 
flatly oriented (tt bonded) on the surface 
and reoriented to the vertical position, 
when potential approached 0 V. At po- 
tentials higher than 0.05 V, adsorption of 
4-cyanopyridine becomes dissociative and 
the compound is partially hydrolyzed to 
isonicotinamide. 

Electrochemical and SERS studies [246] 
have revealed strong adsorption of 
4-phenylpyridine to pc-Au electrode in a 
wide potential range. The molecule was 
adsorbed via nitrogen in almost vertical 
orientation at electrode potentials <0 V 
(versus Ag|AgCl), followed by the sub- 
sequent tilting of the molecular plane 
to adopt a more flat orientation. This 
reorientation resembled the behavior of 
4-cyanopyridine onAu(lll) [247]. 

Adsorption of three isomeric pyridine- 
carboxylic acids on pc-Au electrode in 
HCIO4 solutions has been investigated 
[248], applying in situ IRAS. When the 
potential was changed to more positive 
values, the adsorbed 3- and 4-picolinic 
acids were reoriented from the flat to 
the vertical configuration and thereafter 
bounded to the surface via lone electron 
pairs present at two oxygen atoms of the 
— COOH group. No significant adsorption 
of the ortho isomer has been detected. 

Using SERS, Brolo et al. [249] have stud- 
ied the potential-dependent orientation of 
2,2 , -bipyridine molecules adsorbed on a 



SERS-active Au(lll) surface electrode. It 
has been found that at a positively charged 
surface, 2,2 , -bipyridine adsorbs end-on via 
both nitrogen atoms. STM images have 
shown that [60]-fullerene-substituted 2,2!- 
bipyridine forms spontaneously, a SAM on 
Au(lll) surface [250]. 

There is a class of compounds, known 
as promoters in redox reaction of horse 
cytochrome c, which increase the electron- 
transfer rate by several orders of magni- 
tude [251]. Czerwinski et al. have studied 
electrochemically, using pc-Au electrodes, 
one of these compounds, 4,4'-bipyridyl 
(PyPy). It has been shown that ad- 
sorption of PyPy is governed by the 
Langmuir isotherm and is a one-center 
reaction involving the displacement of 
water molecules from the metal sur- 
face. In the adsorbed state, the PyPy 
molecules attain the perpendicular orien- 
tation toward the electrode surface. Later, 
Czerwinski et al. [252] have carried out 
CV studies of other compounds of that 
type, bis (4-pyridyl) disulfide (PySSPy) and 
l,2-bis(4-pyridyl)ethylene (BPE). Adsorp- 
tion of BPE has been found to be fast 
and increased with the adsorption time, 
whereas electrode coverage with PySSPy 
decreased with the adsorption time, sug- 
gesting that PySSPy molecules undergo a 
surface transformation. 

Applying in situ infrared spectroscopy 
and STM, Cai et al. [253] have studied ad- 
sorption of pyridine on Au(lll) electrodes 
from aqueous NaClC>4 solutions. It has 
been found that pyridine molecule is flatly 
adsorbed on the surface at negative poten- 
tials. Its molecular plane rises up as the ap- 
plied potential and surface concentration 
increase. Moreover, orientation of pyridine 
molecule changed with the applied STM 
potential. Ikezawa et al. [243] have used in 
situ FTIR spectroscopy to investigate ad- 
sorption of pyridine on Au(lll), Au(100), 
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and Au(110) electrodes in 0.1 M NaF solu- 
tion containing 2 mM pyridine-ds- 

In situ subtractively normalized interfa- 
cial FTIR spectroscopy has been employed 
[254] to study adsorption of pyridine on 
the Au(110) electrode surface. The com- 
pound adsorbed via the nitrogen atom 
and the tilting angle decreased progres- 
sively with the increasing electrode po- 
tential, as it appeared from the IR data. 

At low charge density, the film of N- 
bonded pyridine molecules was less rigid 
and the molecules exhibited a waving 
motion. 

Adsorption of pyridine on Au(110) 
electrodes was also studied using reflection 
anisotropy spectroscopy [255]. Reflection 
anisotropy of pyridine/Au(110) system has 
been attributed to n-n* transitions, the 
band of which was shifted compared to 
their spectral position in the gas phase, 
due to the interaction of the lone electron 
pair orbitals at N atom with the gold 
surface. 

Ikezawa and Kosugi [256] have stud- 
ied 2-chloropyridine adsorbed on Au(lll) 
and Au(110) electrodes in 0.1 M KCIO4 
using in situ infrared spectroscopy and 
differential capacity measurements. Rela- 
tive band intensity of N-bonded adsorbate 
for Au(110) was much stronger than for 
Au(lll). Apparently, at Au(lll), the ad- 
sorbed 2-chloropyridine molecules either 
exhibited flat configuration, or the tilting 
angle was large. 

From electrochemical measurements, 
the dependence of adsorption of N-4- 
pyridinyl-hexadecanamide and A-penta- 
decyl-4-pyridinecarboxamide on the 
Au(lll) electrode potential has been de- 
termined [257]. The results were compared 
to the behavior of 4-pentadecylpyridine de- 
scribed in the previous reports. 

Neutron reflectometry (NR) has been 
employed to study the structure and 
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composition of thin films of 4-pentadecyl- 
pyridine at a Au(lll) electrode surface 
[258]. At very negative potentials, the 
film was desorbed from the electrode 
surface. With the help of NR, it has 
been demonstrated that at these potentials, 
amphiphilic molecules remain in close 
proximity to the gold surface as a thick 
and water-rich film. 

Using reflectometry, Barten et al. [259] 
have investigated adsorption of quater- 
nized poly- 2 -vinyl pyridine, of a fixed 
charge per monomer, on a gold elec- 
trode. The total adsorbed amount of the 
compound decreased linearly with the 
double-layer potential of gold. Adsorption 
proceeded up to a relatively high double- 
layer potential and was accompanied by a 
relatively high contribution of nonelectro- 
static interactions. 

24.4.3.3.2 Pyrazine Adsorption of 
pyrazine on a pc-Au electrode has been 
studied [260]. The obtained relationships 
between the SERS intensity and the sur- 
face coverage, as well as the surface 
morphology have been analyzed. Later, ad- 
sorption of pyrazine on a pc-Au electrode 
has been investigated by Cai et al. [261], 
who have applied in situ surface-enhanced 
infrared absorption spectroscopy, chrono- 
coulometry, and impedance spectroscopy. 
The infrared spectra have been compared 
to the earlier published SERS spectra [260] 
in order to get a better understanding of 
electrochemical interface. Pyrazine was ad- 
sorbed on the surface in a vertical end-on 
configuration via one N atom. Pyrazine 
adsorption has also been studied on single- 
crystal electrodes: Au(lll), Au(100), and 
Au(110) using in situ FTIR [262]. It has 
been concluded that pyrazine molecules 
attain tilted orientation at negative poten- 
tials and undergo transition to the vertical 
position as the potential becomes more 


positive. A new band at 1035 cm -1 ob- 
served for all the electrodes at positive 
potentials can be explained in terms of 
adsorption-related change in vertical ori- 
entation of the molecules. Earlier, Kolb 
and coworkers [263] have studied adsorp- 
tion of pyrazine on Au(lll) and Ag(lll) 
electrodes using ex situ X-ray photoelec- 
tron spectroscopy. Ikezawa et al. [262] have 
investigated adsorption of pyrazine on 
Au(lll), Au(100), and Au(110) electrodes 
in 0.1 M NaF, employing in situ infrared 
spectroscopy. 

24.4.3.3.3 Amines and Other Nitrogen- 
containing Compounds Adsorption of 
«-octyloamine, H-dodecylamine, «-hexa- 
decylamine, and octadecylamine from 
LiCl 04 methanolic solution on Au elec- 
trodes has been studied using capacitance 
measurements [264]. Also, adsorption of 
benzylamine from aqueous solutions of 
KCIO 4 and HCIO 4 on pc-Au electrodes 
[265] has been investigated, applying ca- 
pacitance measurements and SERS. 

Lipkowski and coworkers [266] have 
studied adsorption of benzonitrile on the 
Au(lll) electrode using electrochemical 
and subtractively normalized interfacial 
FTIR. 

Xiao and Sun [267] have investigated 
adsorption of p-nitrobenzoic acid at a gold 
electrode in 0.1 M HCIO 4 , using various 
methods. At potentials more positive than 
0.3 V, the molecules tended to adsorb in 
a vertical orientation via their carboxylic 
group directed toward the Au surface. 

24.4.3.4 Adsorption of Other Organic 
Compounds 

24.4.3.4.1 Alcohols Richer and Lip- 
kowski [268, 269] have performed exten- 
sive studies on adsorption of tert - pentanol 
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on single-crystal Au surfaces of low Miller 
indices. They have shown that adsorption 
characteristics of this compound are sim- 
ilar to those observed for the mercury 
electrode [11]. The lowest Gibbs adsorption 
energy found for Au(110) indicated the 
strongest binding of water molecules to the 
folded surface, compared to the smoother 
Au(lll) and Au(100) surfaces. Adsorp- 
tion of «-tetradecanol, «-hexadecanol, and 
« -octadecanol from LiCl 04 methanolic 
solutions has also been studied by ca- 
pacitance measurements [270]. Yang and 
Bizzotto [271] have studied the influence of 
electrolyte concentration on adsorption of 
octadecanol on Au(lll), applying electro- 
chemical methods and elastically scattered 
light measurements. Electrolyte concen- 
tration most significantly influenced ad- 
sorption and desorption potentials, which 
opens up possibilities of investigating 
the dynamics of adsorption/desorption 
processes. 

Lipkowski and coworkers [272] have 
studied adsorption of n -octadecanol mono- 
layer on Au(lll) electrode. Octadecanol 
molecules formed a two-dimensional film 
at any film pressures. At film pressures ex- 
ceeding^ mN m _1 , the film had low com- 
pressibility and the constituting molecules 
were slightly tilted with respect to the 
surface normal. At lower pressures, the 
film was compressed and the tilting an- 
gle increased with the decreasing surface 
pressure. 

Sottomayor et al. [273] have investi- 
gated adsorption of M-hexanol on Au(lll) 
electrode from 0.2 M NaCl 04 aqueous 
solution, applying chronocoulometry to 
measure dynamic capacitance and capac- 
itive charge. They have found that in 
this case, adsorption may be described 
by the Frumkin isotherm and have de- 
termined the corresponding parameters. 
The obtained results were discussed and 


compared to the literature data reported 
for adsorption of /i-hexanol on Hg and 
single-crystal Ag electrodes. 

Some conclusions pertaining to adsorp- 
tion of 1-pentanol riboflavin and thioctic 
acid on Au electrode have been drawn 
from differential capacity-potential curves 
[274]. It has been found, for instance, 
that adsorption of these compounds obeys 
the Langmuir isotherm. Moreover, the 
free energies of adsorption have been 
determined. 

It has also been evidenced [275] that 
octadenal and pyrenenonanol form a 
mixed monolayer during adsorption, yet 
they do not mix ideally. 

24.4.3.4.2 Aminoacids Adsorption of 
serine, tyrosine, and histidine [276], as well 
as asparagine [277] on a pc-Au electrode 
from 0.1 M LiClC >4 aqueous solutions has 
been investigated, applying ac-impedance 
measurements. For asparagine, Gibbs en- 
ergy of adsorption (—47 kj mol -1 ) was cal- 
culated by fitting Henry’s and Frumkin’s 
isotherms to the experimental results. 
Electrochemical and IRAS results have re- 
vealed that asparagine interacts with Au 
surface via oxygen atoms of —COO - and 
amide carbonyl groups [277]. Adsorption 
strength of the studied amino acids on gold 
electrode was decreased in the sequence: 
tyrosine > histidine > serine. 

Li et al. [278] have studied adsorption of 
L-phenylalanine at Au(lll) electrodes us- 
ing electrochemical and subtractively nor- 
malized interfacial FTIR methods. It has 
been found that the adsorbed molecules 
change their orientation with the elec- 
trode potential. At a negatively charged 
surface, the compound was predominantly 
adsorbed in the neutral form of the amino 
acid. At potentials positive with respect 
to pzc, L-phenylalanine was adsorbed pre- 
dominantly as zwitterion with —COO - 
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group directed toward the surface and 
— NH 3 + group facing the solution. At 
even more positive potentials, electrocat- 
alytic oxidation of phenylalanine occurred, 
accompanied by the formation of CO 2 . 

24.4.3.4.3 Other Organic Acids Adsorp- 
tion of aliphatic acids on single-crystal Au 
electrodes has been studied by Dutkiewicz 
and coworkers [279, 280]. Specific adsorp- 
tion of citrate from perchloric acid solu- 
tions at Au(lll) electrodes has been in- 
vestigated using in situ FTIR spectroscopy 
and CV [281]. The authors have discussed 
the models of surface coordination of cit- 
rate. Based on subtractively normalized 
interfacial FTIR spectra, Lipkowski and 
coworkers [282] have found that citric acid 
fully deprotonates during adsorption on 
Au(lll) and the surface-bound carboxy- 
late groups adopt a tilted orientation. They 
have also found that the limiting coverage 
is 3 x 10 -10 mol cm -2 . Employing in situ 
reflection- adsorption IR spectroscopy and 
CV, it has been shown [283] that 2-, 3-, and 
4-fluorobenzoic acids adsorb at positive 
potentials on Au(100) from 0.1 M HCIO 4 
solutions. The adsorbate molecules were 
oriented vertically, with both oxygen 
atoms oriented toward the metal sur- 
face. Adsorption/desorption processes of 
1 -hydroxyethane- 1 , 1 -diphosphonic acid 
molecules on Au(lll) surface have been 
investigated [284] in perchlorate solutions 
using CV and STM. 

Adsorption of humic acid on Au(lll) 
and pc-Au electrodes has been studied 
[285], employing several electrochemical 
techniques and electromicrogravimetry. 

Zelenay et al. have applied CV and ra- 
diotracer technique to study adsorption 
of benzoic acid from 0.1 M HCIO 4 solu- 
tion on a pc-Au electrode prepared by 
electroplating [286]. Chemisorption oc- 
curred within the entire potential range 


(0.05 to 1.75 V versus SHE); however, 
orientation of the adsorbed molecules 
was potential dependent, that is, at less 
positive potentials, flat orientation pre- 
dominated, while at more positive poten- 
tials, vertical orientation was the most 
pronounced. It is noteworthy, that al- 
though desorption of benzoic acid to 
the pure supporting electrolyte solution 
was insignificant and extremely slow, its 
surface/bulk exchange was much faster. 
Later, Sobkowski et al. [287] have found 
that adsorption of benzoic acid on Au, 
Ag, and Cu electrodes from HCIO 4 so- 
lution is reversible, whereas at Pt, it 
appears to be partly irreversible. For 
pc-Au, the following parameters of the 
Frumkin isotherm were found: AG° a( j s = 
— 16.4 kj mol -1 (for the standard state 
defined as c = 1 M, F = 0.5/ko, lateral in- 
teraction parameter a = 0), r 0 0 = 2.4 x 
10 ~ 14 molecules/cm 2 , a = 1.5. Adsorp- 
tion of benzoic acid on Au(lll) and 
Au(110) electrodes in 0.1 M HCIO 4 has 
been investigated, applying IRAS, voltam- 
metry, and differential capacity measure- 
ments [288]. For both electrodes, the 
presence of vertically adsorbed anion at 
positive potentials has been confirmed by 
IRAS. Other orientations also occurred at 
negative potentials, as it followed from the 
IRA spectrum. 

Finally, the structure of 3,4,8,10-pery- 
lene-tetracarboxylic-dianhydride grown on 
reconstructed and unreconstructed 
Au(100) has been investigated [289]. 

24.4.3.4.4 Nucleic Bases and Other Bio- 
chemical Compounds It has been found 
that cytosine is physisorbed at nega- 
tive potentials and chemisorbed at pos- 
itive potentials on Au electrodes from 
0.1 M NaCl 04 and HCIO 4 aqueous so- 
lutions [290]. In cyclic voltammogram 



of cytosine, one pair of peaks was ob- 
served, which can be ascribed to the 
transition between the physisorbed and 
chemisorbed states. In both states, the 
molecules were oriented with N (3), C=0 
and NH 2 moieties toward the surface. Ad- 
sorption of uracil on Au(100) has been 
studied using in situ STM [291]. Depend- 
ing on the Au electrode potential, uracil 
formed three highly ordered monolayers, 
which were imaged with a molecular res- 
olution. Pronkin and Wandlowski [292] 
have studied adsorption and phase forma- 
tion of uracil on massive Au[«(lll)-(110)] 
single-crystal and Au(lll-20nm) film 
electrodes in 0.1 M H 2 SO 4 using electro- 
chemical measurements and attenuated 
total reflection (ATR) surface-enhanced in- 
frared reflection/absorption spectroscopy. 
At E < 0.15 V, uracil molecules were 
disordered and planar oriented. Close 
to the zero charge potential, a 2D 
condensed physisorbed film of planar- 
oriented molecules, interconnected via 
directional hydrogen bonds, was formed. 
The formation of organic adlayers on 
single-crystal Au electrodes has been 
studied for such compounds as uracil, 
methyluracils, and uridine. Cyclic voltam- 
mograms of such compounds on, for ex- 
ample, Au(lll) surface, typically exhibited 
broad peaks and sharp spikes, associated 


Fig. 9 Cyclic voltammograms recorded 
at Au (111) in the aqueous solution of 

0.5 M NaF in the absence ( ) and 

the presence ( ) of 12 mM uracil 

[297], Temperature: 1 5 °C. See text for 
the description of the indicated regions. 
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with significant structural modifications 
of the interfacial region [293-297] For 
the above-mentioned compounds, four 
such regions can be distinguished (see 
Fig. 9 as an example): (I) random ad- 
sorption and gradual desorption, (II) 2D 
condensed film, (III) charge-transfer pro- 
cess of physisorbed species (II) to the 
chemisorbed-lilce state (IV). As Roelfs and 
Baumgartel [298] have shown, this CT 
process involves deprotonation of organic 
molecules, which makes the reaction pH 
dependent. 

Adsorption and phase formation of 
uracil on massive Au[«(lll)-(110)] single- 
crystal and Au(lll-20 nm) film electrodes 
in 0.1 M H 2 SO 4 has been studied in 
electrochemical measurements and apply- 
ing ATR surface-enhanced infrared re- 
flection absorption spectroscopy [299]. At 
E < 0.15 V (versus trapped hydrogen elec- 
trode), uracil molecules are disordered 
and planar oriented. Close to the pzc, a 
2 D condensed physisorbed film of planar- 
oriented molecules interconnected by di- 
rectional hydrogen bonds, is formed. 

Adsorption of adenine and coadsorption 
of adenine -thymine and uracil -thymine 
on Au(lll) has been reported [300]. Ade- 
nine was chemisorbed in two different 
states. Mutual interaction between ade- 
nine and thymine was detectable only at 
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negative potentials when both molecules 
had their planes oriented parallel to the 
surface. 

Shen et al. [301] have used quartz crystal 
microbalance to study electrochemical be- 
havior of guanine, guansine, and guansine 
phosphate at gold electrodes. 

Hason and Vetterl [302] have studied 
adsorption of cytidine on Au(lll) and 
mercury film electrodes. 

Surface-enhanced near-infrared Raman 
spectroscopy has been utilized to study 
the behavior of nicotinamide adenine din- 
ucleotide on a gold electrode [303]. It 
has been found that either adenine or 
nicotinamide moiety changes its adsorp- 
tion states during potential scanning. 

Adsorption of azurin - a copper-contain- 
ing protein on Au electrodes under phys- 
iological conditions - has been monitored 
at the molecular level, applying STM [304]. 

It has been found that at Au elec- 
trode exposed to the solutions of hu- 
man serum albumin and immunoglobulin 
in the phosphate buffer, the double- 
layer capacity is decreased, while charge- 
transfer resistance at the Au/solution 
interface increases [305, 306]. These 
changes were attributed to the for- 
mation of proteinaceous layer at the 
electrode. 

Adsorption of putidaredoxin on gold 
electrodes has been studied using dy- 
namic spectroscopic ellipsometry and dif- 
ferential capacitance measurements [307]. 
In Ref. 307, a method for the measure- 
ment of metal surface optical pertur- 
bation during protein adsorption at a 
constant potential has been described. 
The method is based on the concept 
that the charged transition layer develops 
between the electrode substrate and the 
adsorbate. 

A simultaneous use of quartz crys- 
tal microgravimetry and fluorescence has 


been proposed [308] to study adsorp- 
tion/desorption and oxidation of vita- 
min B 6 at a pc-Au electrode in aqueous 
KOH solutions. Oxidation of vitamin 
was irreversible and was accompanied by 
strong electrogenerated fluorescence at the 
wavelength of 443 nm (excitation wave- 
length 360 nm). 

Zerbino and Sustersic [309] have pre- 
sented electrochemical and ellipsometric 
studies of dopamine adsorbed on gold 
electrodes in aqueous H 2 SO 4 solutions of 
pH = 1. 

Adsorption of glutathione on a gold 
electrode has been studied [310] using 
electrochemical quartz crystal impedance, 
electrochemical impedance spectroscopy, 
and CV. 

Chronocoulometry and photon po- 
larization modulation infrared reflec- 
tion/absorption spectroscopy have been 
employed [311] to study the fusion 
of dimyristoylphosphatidylcholine vesicles 
onto an Au(lll) electrode. The fusion was 
controlled either by the electrode potential, 
or charge. Film characteristics was also po- 
tential dependent. After removing the film 
from the electrode surface (negative po- 
tential) , phospholipid molecules remained 
in its close proximity, in the ad-vesicle 
state. Several electrochemical and nonelec- 
trochemical methods have been applied 
[312, 313] to investigate the spreading of 
small unilamellar vesicles onto Au(lll) 
electrode. Vesicles fused onto the surface 
at E > —0.5 V (versus SSCE), to form de- 
fected bilayers in contact with the metal 
surface. At more negative potentials, the 
film was removed from the electrode sur- 
face, but it still remained in its close 
proximity. 

A new approach to a directly controlled 
deposition of long DNA molecules on 
bare gold electrode array without any 
modification of gold electrodes and DNA 



molecules has been described in Ref. 314. 
AFM studies have shown that DNA 
molecules are significantly less stable on 
bare gold surface than on the one modified 
with aminothiol. 

24.4.3.4.5 Other Compounds Recently, 
low-temperature STM has been used 
[315] to characterize variously structured 
submonolayers and near monolayers of 
benzene on Au(lll). 

Adsorption of chlorobenzene on pc-Au 
electrode has been studied by Czerwinski 
and Sobkowski [316] as early as in 1980, us- 
ing a 14 C radiotracer technique. The rate- 
determining step of this adsorption was 
diffusion of the reactant. Chlorobenzene 
was adsorbed in multilayers at sufficiently 
high bulk concentration. The adsorbed 
molecules were probably oriented verti- 
cally with respect to the Au surface and 
bounded to it via a Cl atom. 

STM and CV have been applied [317] 
to investigate adsorption of three semi- 
crown ligands on Au(lll) surface under 
conditions of potentio static control. Ad- 
sorption of alkanes on Au(lll) surface was 
simulated by applying a simple computa- 
tional scheme [318], The calculated values 
of adsorption energies of 10 short-chain 
alkanes were reproducible with an aver- 
age error below 1 kcal mol -1 . Adsorption 
of camphor on Au(lll) and its effect on 
electroreduction of IO 4 - has been studied 
by Pettinger and coworkers [319]. Adsorp- 
tion of camphor on Au(lll) electrodes has 
also been investigated [320] by generating 
the second harmonic and applying CV. 
Also, Kolb and co workers [321] have stud- 
ied adsorption of camphor- 10 -sulfonic acid 
on reconstructed Au(lll) electrode from 
perchlorate and sulfate solutions. In both 
solutions, the above compounds formed 
two-dimensional condensed phases. IR 
spectra have shown that urea molecule 
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is adsorbed on Au(100) with a molecu- 
lar plane normal to the electrode surface. 

On Au(lll) surface, in contrast, coordina- 
tion of urea molecules was different [322]. 
Earlier, the adsorption of urea on pc-Au 
electrode from aqueous solutions of KCIO 4 
and HCIO 4 has been studied by Holze and 
Schomalcer [162]. The free energy of ad- 
sorption points toward strong adsorption 
of thiourea and less strong adsorption of 
urea in KCIO 4 solutions. In acidic solu- 
tions, both compounds were not stable. 

Structural differences between the 
monolayers of anthraquinone derivatives 
self-assembled on silver and gold 
electrodes have been investigated using 
CV and in situ SERS spectroscopy [323]. 
Neves et al. [324] have described Monte 
Carlo simulations of phenol adsorption on 
gold electrodes. 

Potential-induced phase transition of 
trimesic acid on Au(lll) electrode has 
been studied using in situ STM and CV 
[325]. In cyclic voltammograms, a pair of 
peaks was formed, which was ascribed 
to the structural transformation. On the 
basis of high-resolution STM images 
in 0.1 M HCIO 4 , it has been proposed 
that trimesic acid molecules assume flat- 
lying and vertical orientations at 0.25 V 
and 0.85 V, respectively. Both orientations 
coexisted at 0.65 V. 

In situ STM has been applied [326] 
to study the potential-induced self-organi- 
zation of a -cyclodextrin on Au(lll) sur- 
faces in NaCl 04 solutions. The adsorbed 
molecules formed an ordered array of a 
cylindrical structure in the potential range 
0.20 to —0.15 V (versus SCE), while they 
were desorbed at potentials lower than 
-0.40 V. 

Self-organized adlayer of calix[4]arene on 
Au(lll) has been obtained by potential- 
controlled adsorption [327]. In situ STM 
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images have shown that the compound 
molecules are adsorbed as dimers. 

Lipkowski and coworkers [328] have em- 
ployed STM to study the spreading of 1,2- 
dimyristoyl-sn-glycero-3-phosphatidylcho- 
line vesicles into the film at the Au(lll) 
electrode surface. During the initial stage, 
phospholipid molecules were adsorbed 
flatly with the acyl chains oriented par- 
allel to the surface and assembled into an 
ordered monolayer similar to that formed 
by alkanes. Later, the molecules reoriented 
and the monolayer was transformed into a 
hemimicellar film. 

Brooksby and Fawcett [329] have stud- 
ied adsorption of ethylene carbonate at 
Au(110) electrode from aqueous solutions 
of HCIO 4 , NaCl 04 , and Mt 4 NClC> 4 , us- 
ing in situ infrared spectroelectrochemical 
method. 

Growth morphology, long-range order- 
ing, and evolution of the valence bond 
electronic states of ultrathin films of 
copper phthalocyanine deposited on the 
Au(110)-(1 x 2) reconstructed surface have 
also been investigated as a function of 
organic molecule coverage [330]. Also, 
on Au(110)-(1 x 2) surface, growth mor- 
phology and electronic structure of 2D- 
ordered pentacene layers have been stud- 
ied [331], 

Lipkowski and coworkers [332] have ap- 
plied several electrochemical techniques 
to study adsorption of A-dodecyl-iV, N- 
dimethyl- 3 -ammonio- 1 -propane sulfonate, 
a model zwitterionic surfactant, on 
Au(lll) electrode. Adsorption of this com- 
pound proceeded via a few states. The 
first two states were observed at poten- 
tials close to the zero charge potential. At 
low bulk concentrations, a nearly flat film 
of the adsorbed molecules was formed, 
which was converted into a hemimicellar 
state at higher concentrations. The second 
state at negative potentials corresponded to 


the film of molecules oriented with their 
polar head directed toward the solution. 
Bizzotto and Lipkowski [333] have stud- 
ied adsorption of insoluble surfactants on 
Au(l 1 1) in order to explain the mechanism 
of potential-induced adsorption and des- 
orption of 12-(9-anthroloxy) stearic acid, a 
surfactant dye. Applying electroreflectance 
spectroscopy and light scattering measure- 
ments, they have evidenced that desorbed 
surfactant molecules form micelles (flakes 
or vesicles) that are trapped under the elec- 
trode surface. The micelles spontaneously 
spread back on the electrode surface, when 
charge density at the metal approached 
zero. 

Petri and Kolb [334] have studied 
the properties of sodium dodecyl sulfate 
adsorbed on Au(lll) in H 2 SO 4 solutions, 
using in situ STM. 

24 . 4.4 

Reconstruction of the Surface of Gold 
Electrodes 

When using single-crystal electrodes, it is 
assumed that the structure of their sur- 
faces reflects the structure of the bulk 
crystal. However, it appears that, fre- 
quently, the surface structure is different 
from that of the bulk due to their different 
atomic surroundings. In the bulk crystal, 
each metal atom is surrounded by iden- 
tical atoms fixed within the well-defined 
structure. In contrast, the surface atoms 
participate in the interactions with metal 
atoms forming the crystal, and are involved 
as well in the interactions with the com- 
ponents of the solution at the solid/liquid 
interface. These asymmetrical interactions 
of the surface atoms may lead to the break- 
age of the old and formation of the new 
bonds, followed by the displacement of the 
surface atoms to the positions of the lower 
surface energy. The process of formation 
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of a new surface structure is known as 
surface reconstruction. 

The process of reconstruction of gold 
electrode has already been mentioned in 
this chapter several times, for instance, in 
the discussion of adsorption of selected 
compounds, as these two processes may 
be coupled. We present a more systematic 
review of the papers devoted specifically 
to the problem of reconstruction of an Au 
surface below. 

Reconstruction of all the three low- 
index faces of Au single crystal under 
elevated temperature has been described 
in several papers. This subject has been 
discussed in detail by Dakkouri and Kolb 
[335], as well as (also for other metals) 
by Kolb [336], and Gao et al. [337, 338], A 
recent concise review of Au reconstruction, 
including experimental details of the 
surface preparation, has been published 
by Trasatti and Lust [4[. 

The studies under ultrahigh vacuum 
have shown that adsorption and surface 
charging influence the stability of the re- 
constructed surfaces. A similar influence 
has been observed for metal surfaces in 
contact with electrolyte solutions [336]. 
In this case, the separation of these two 
influences is not simple, since the sur- 
face charging and adsorption processes are 
interdependent. Generally, it has been con- 
cluded [4] that Au surface reconstruction 
occurs for negative electrode charges and 
disappears for positive surface charges. It 
is noteworthy that as early as in 1984, 
Kolb and coworkers [339, 340], who car- 
ried out systematic study on all three 
low-index faces Au electrodes, showed that 
the reconstructed surfaces can be stable in 
electrolyte solutions. 

Reconstruction of Au(100) surface has 
been reported by Kolb and Schneider 
[341]. The Au(100) surface reconstructs 
to the hexagonal close-packed structure 


(called hex) [342-345]. In in situ STM im- 
ages, the hexagonal structure of surface 
atoms is easily observed. Model calcu- 
lations have been performed [346, 347] 
to evidence that negative surface charge 
favors reconstruction, as arises from the 
comparison of the calculated surface en- 
ergies for reconstructed and unrecon- 
structed Au(100) [347]. 

Initial reconstruction caused by flame 
annealing is stopped when the surface 
is cooled in the atmosphere, though not 
in water. The rate of transition from un- 
reconstructed to reconstructed surface is 
determined by the height of the activation 
barrier [348], especially at the room tem- 
perature. Reconstruction may be removed 
by adsorption of atoms and molecules 
[349], since unreconstructed, and thus, 
more open surface, interacts with the ad- 
sorbates stronger than does the densely 
packed surface. Therefore, the removal of 
reconstructed surface proceeds from the 
less to the more energetically favored state 
[348]. Reconstruction coupled with the for- 
mation of more dense surface structure 
may lead to quite a strong increase in the 
number of surface atoms. For instance, the 
Au(100)-(1 x 1) — > Au(100)-(hex) recon- 
struction is accompanied by the increase 
in the number of surface atoms by 24%. 
In consequence, the reverse change con- 
nected with the expansion of the surface 
lattice leads to some surface roughening, 
owing to the formation of small, yet high 
monoatomic islands. This behavior for the 
Au(100) surface has been shown in STM 
images by Kolb and coworkers [350], Also, 
Bohnen and Kolb [351] have calculated the 
surface energies y of Au(100)-(1 x 1) and 
Au(lll)-(1 x 1) as a function of the surface 
charge, applying ab initio local density- 
functional method. The obtained results 
suggest that the lifting of the Au(100) re- 
construction in HCIO 4 solution at +0.55 V 
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(versus SCE) is caused by specific adsorp- 
tion of the anion, and not by a charge 
effect. 

Since negative surface charge favors re- 
construction of the gold surfaces, it occurs 
under the influence of the potential neg- 
ative to the potential of zero charge [341, 
352] Dakkouri and Kolb [335] have stressed 
that the immediate quenching after flame 
annealing is often advised to prevent the 
surface contamination, yet it leads to the 
rough and structurally ill-defined surfaces. 
In view of this fact, in STM studies of Au 
single-crystal electrodes, they were cooled 
down in a gentle stream of nitrogen [335], 
Dakkouri [353], applying in situ STM, has 
determined the conditions required to pre- 
serve thermally induced reconstruction of 
Au(100) electrode surface both during and 
after the contact with the electrolyte. Struc- 
tural changes of such electrode surface 
may occur in the potential range used in 
electrochemical experiments. The kinet- 
ics and a mechanistic model of structural 
transition have been briefly discussed. 


Since specific adsorption of anions is 
harmful for the reconstructed surfaces, 
the immersion potential of the electrode 
should be negative to keep the surface free 
from the specifically adsorbed anions. In 
practice, it should be 0.5 to 0.6 V more 
negative than the zero charge potential. 
The influence of the anion adsorption on 
the potential of the reversed transition is 
shown in Fig. 10. 

Transition potentials have been deter- 
mined from cyclic voltammograms of 
Au(100)-(hex) in various solutions. For 
0.05 M anion concentration, the (hex) —*■ 
(1 x 1 ) transition for a freshly prepared 
reconstructed Au(100) surface occurs at 
-0.62, -0.23, +0.02, +0.2, +0.33, and 
+0.58 V (versus SCE), for I - , Br - , Cl - , 
OH - , HSO 4 - , and CIO 4 - , respectively. 
Obviously, the above sequence of poten- 
tials follows the sequence of the decreasing 
specific adsorption. Also, the adsorption 
of other adsorbates influences the stabil- 
ity potential of the reconstructed surfaces. 
Lipkowski and Stolberg [355], and Hamm 



Fig. 10 Transition potential for Au(100): (5 x 20) — »■ (1 x 1) as 
a function of anion concentration and pH. Stability region ofthe 
(5 x 20) structure is located to the left from the respective line 
(from Ref. 354). 
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Fig. 11 Cyclic current-potential curve 
for Au(100) in 0.1 M H 2 SO 4 solution; 
beginning of polarization: —0.2 V 
(versus SCE) using a freshly prepared 
reconstructed surface. Scan rate: 

50 mV s _1 . The peak formed in the 
positive scan corresponds to the lifting 
of the (hex) reconstruction. The 
subsequent scan in negative direction 
reflects electrochemical behavior of 
Au (1 00) - (1 x 1) [335], 



and Kolb [356] have evidenced a significant 
influence of pyridine concentration on the 
potential of the (hex) -4 (1 x 1) transition. 

Figure 11 exhibits the CV curve for 
Au(100) surface undergoing reconstruc- 
tion. 

Recently, the influence of y-butyrolac- 
tone cyclohexanone [357] and propanal 

[358] on the stability range of the recon- 
structed Au(100) surface has been studied 
by CV. 

A brief summary of reconstruction pro- 
cesses at other gold surfaces is given 
below. In order to obtain the reconstructed 
Au(110) surfaces after the flame anneal- 
ing below the red heat, the cooling rate 
should be decreased [335]. Keefe et al. 

[359] have used the SHG method to study 
in situ potential-induced reconstruction of 
Au(110) electrode in 0.01 M HCIO4 aque- 
ous solution. The influence of potential 
on the atomic structure of the ordered 
Au(110) in bromide solutions has been 
investigated, applying in situ STM [360]. 
A special attention has been paid to the 
adsorbate-induced nanoscale restructur- 
ing, which occurs at higher potentials. The 
observed behavior was compared to that of 
Au(110) surface in iodide solutions. Also, 
it has been found that clean Au(110) sur- 
face exhibits a (1 x 2) structure. However, 
after immersion into 0.01 M HCIO4 solu- 
tion and under potentiostatic control in 


the range 0.9-1.0V (versus Ag|AgCl), it 
changes to the centered rectangular struc- 
ture [361]. After the initial oxidation, this 
structure prevails up to the potentials of 
1.2-1. 3 V, whereupon oxidation occurs on 
a large scale and the surface structure 
becomes (1 x 1). After reduction of the ox- 
ide, these structures return to the (1 x 2) 
configuration. 

Reconstruction of Au(lll) is observed 
in STM images as double rows separated 
from each other by 6.3 nm [335], Some 
model calculations have been performed 
[362] to show that the energy difference 
of the reconstructed and unreconstructed 
Au(lll) is small. The effect of Triton 
X-100 on the reconstruction process of 
Au(lll) surface has been studied in 
chloride media [363] applying CV and 
double potential-step chronocoulometry. It 
has been found that adsorption of Triton 
X-100 stabilizes the reconstructed face of 
Au(lll). Hobara et al. [364] have used 
in situ STM to study reconstruction of 
Au(lll), following reductive desorption of 
2-mercaptoethanesulfonic acid SAMs. 

24.4.5 

Formation of Oxides on Cold Electrodes 

Oxide layers on gold electrode surfaces are 
interesting, mainly due to their electrocat- 
alytic properties. 
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A growth of a gold oxide on Au electrodes 
in aqueous H 2 SO 4 and KOH solutions 
has been observed and investigated by 
many researchers (see, for instance, the 
reviews by Jerkiewicz [365] and Burke and 
Nugent [366]). 

A detailed behavior of gold electrodes 
in O. 5 OMH 2 SO 4 and KOH aqueous 
solutions has been presented by Jerkiewicz 
and coworkers [367]. In CV experiments, 


the upper oxidation potential limit was 
being changed from 1.30 to 1.90 V (RHE) 
in the forward scan to form the oxide. 
After that, the direction of polarization was 
reversed and a single peak corresponding 
to the reduction of the generated oxide was 
formed in the voltammogram, as shown in 
Fig. 12 [367]. 

In Fig. 12, it is shown that the oxide 
reduction current (and charge) increases 




Fig. 12 (a) A series of CV profiles for 

Au electrode in 0.50 M aqueous H 2 SO 4 
solution: T = 298 K, sweep rate 
v = 50 mV s -1 , electrode surface area 
A = 0.495 cm 2 . The figure shows 
gradual development of the OC1 state 
and the changes in the oxide 
formation/reduction profiles upon the 
increase of the upper potential limit £ p. 
(b) A series of CV profiles for Au 
electrode in 0.5 M aqueous KOH 
solution: T = 298 K, sweep rate 
v = 50 mV s -1 , electrode surface area 
A = 0.490 cm 2 . The figure shows 
gradual development of the OC1 state 
and the changes in the oxide 
formation/reduction profiles upon the 
increase of the upper potential limit £ p 
(see text for the explanation of other 
symbols) [367], 





as the upper oxidation potential limit is 
increased. In general, the higher the an- 
odic polarization potential and the longer 
the polarization time, the thicker the ox- 
ide film that is obtained. Reduction of 
oxidation products occurs at potentials 
significantly less positive than oxidation 
potentials. It may point toward some trans- 
formations of the products of the electroox- 
idation reaction. In order to estimate the 
kinetics of the oxide growth, the 1 /p ox ver- 
sus log t p plots were constructed [367] (p 0 x 
is the oxide reduction charge density, and 
tp denotes polarization time). For electrode 
potentials of 2.05-2.20 V (RHE) in aque- 
ous H2SO4 solution, such plots exhibit two 
linear regions of different slopes (indicat- 
ing different mechanisms). The inflection 
point between these two linear ranges 
appears close to 1 /p ox = 0.10 mC -1 cm 2 . 
This agrees well with the fact that the oxide 
formation is preceded by chemisorption of 
OH, which competes with specifically ad- 
sorbed anions. However, the potential of 
OH/H2O couple is very positive (2.85 V 
versus SHE) and thus, adsorption of OH 
is rather limited. Instead, the formation 
of some type of polar covalently bonded 
Au' 5+ • • • OH 5- species is more proba- 
ble [366], 

Cathodic behavior after the prolonged 
(up to 10 4 s) potentiostatic polarization in 
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the range 2.00-2.43 V is more complex. It 
is presented in Fig. 13 [367]. 

Apart from the cathodic peak observed 
in Fig. 12, there are three additional peaks, 
which correspond to new oxide states. The 
peak described as OC1 corresponds to 
either AuO or Au(OH)2 [367], depending 
on the pH of the solution. Other peaks 
denoted as OC2, OC3, and OC4 refer 
to either AU2O3 or Au(OH)3. Burke 
and Nugent [366] have described similar 
cathodic behavior. They have assumed 
that during oxidation at positive potentials, 
oxygen evolution, and production of oxides 
is accompanied by the formation of 
unstable gold peroxide species. In general, 
several cathodic peaks or steps observed 
during reduction of Au oxide may also 
result from the existence of several types 
of hydrous oxide species or several activity 
states of the produced gold atoms. It has 
been found by Jerkiewicz and coworkers 
[367] that the OC1 state grows to the 
limiting thicknesses of either three or one 
monolayer for AuO and Au(OH)2 in acidic 
and basic solutions, respectively. During 
the same time, other oxide states grow 
unlimitedly, even up to 100 equivalent 
monolayers of AU2O3 or Au(OH)3. 

The combination of the electrochemical 
and ellipsometric data has led to the 
conclusion that Au oxides are composed of 
two layers: the inner film a and the outer 


Fig. 13 Li near sweep voltammetry 
(LSV) oxide reduction profile for an Au 
electrode after polarization at 
E p = 2.23 V (RHE) for t p = 900 s in 
0.50 M aqueous KOH solution; 

T = 298 K, sweep rate v = 50 mV s -1 , 
electrode surface area A = 0.280 cm 2 . 
The LSV profile reveals the OC1 , OC2, 
and OC3 states; the onset of OC4 is 
marked with an arrow [367], 
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film f. From ellipsometry, it is known 
[367] that the a film thickness reaches 
0.55 nm and 0.28 nm in acidic and basic 
solutions, respectively, a film is adjacent to 
the metallic substrate with a second film f 
growing on the top of a without any limit. 

It follows from the above that a film (AuO 
or Au(OH) 2 ) is sandwiched between the 
Au metal substrate and ft film, composed 
most probably of a hydrous form of either 
AU 2 O 3 or Au(OH) 3 . 

In case of thicker layers, a-oxide is 
reduced as first [366] giving a peak at 
ca 1.0 V. Reduction potential depends on 
several factors, including oxide coverage 
and scan rate. Burke and Nugent [366] have 
assumed that the Au 3+ transfer across a 
layer is quite slow. An a film passivates 
the surface to some extent with regard 
to the hydrous ft oxide growth. However, 
the passivating layer does not form a 
barrier against electroreduction of ft layer, 
especially in basic media. 

According to the presented model of 
oxides formation on Au, the outer surface 
of the thick oxide film exposed to the 
solution is either AU 2 O 3 or Au(OH) 3 . 
The type of oxide determines the surface 
electronic structure and electrocatalytic 
properties. Electrocatalytic properties of 
gold oxide-covered electrodes have been 
discussed by Burke and Nugent [366, 368]. 

Kolb and coworkers [369, 370] have stud- 
ied and observed initial stages of anodic 
oxidation of Au(lll) in H 2 SO 4 solutions, 
oxide formation, and topography of the 
oxide layer. In these studies, apart from 
CV, STM and AFM methods have been 
employed. 

The redox behavior of a polycrystalline 
gold electrode in 0.1 M NH 3 + O.IM 
NaCl 04 solution has been investigated 
using electrochemical and spectrometric 
techniques [371]. Two gold compounds: 
AuO and AuNH 2 were distinguished at 


the surface at +0.6 V (versus SCE) in 
amounts depending on the holding time 
at this potential. When the potential was 
held at +0.60 V for a longer time, other 
oxidized gold species might be formed at 
the surface. 

Conway and coworlcers [372] have stud- 
ied anodic dissolution of gold coupled with 
anodic oxide formation in HCIO 4 solutions 
with addition of bromide ions. It was ob- 
served that gold initially dissolves in a 3e 
oxidation process. 

In recent years, Burke and coworkers 
have found [373] that severe cathodization 
of pc-Au in acid solution resulted in 
the appearance of faradaic responses in 
the double-layer region. Such anomalous 
behavior may be explained by the presence 
of active gold atoms on the electrode 
surface. These active atoms appear as a 
result of the pretreatment process, when 
the part of inserted energy into the gold 
sample is retained mostly by the surface 
atoms and atoms of the outer layers, 
in the form of various types of defects, 
for example, adatoms, vacancies, grain 
boundaries, and others. 

Active low coordination, metastable state 
of the metal leads to anomalous electro- 
chemical response in which hydrous (ft) 
oxide species (Au 20 3 - KH 2 O) are produced 
in a premonolayer oxidation. In contrast, 
conventional response yields a monolayer 
(a) oxide species (AU2O3). Since the ac- 
tivity of the active Au state is variable, the 
nature of the ft oxide is also variable. Burke 
and Nugent [374] write about at least three 
forms of that oxide. 

The authors [373] have studied the ef- 
fect of prolonged cathodic polarization 
at negative potentials (E < 0.00 V) using 
both gold wire and rotating disc electrodes. 
They have shown that Au electrode prepo- 
larized at —0.60 V for 20 min reveals in 



the anodic scan, a significant anodic cur- 
rent peak at £ p = 0.42 V. This peak was 
followed by the flow of a relatively large 
anodic current in the range 0.60-1.10 V. 
Finally, at about +1.4 V, the large second 
anodic peak was observed, which corre- 
sponded to the formation of a monolayer 
oxide film. 

In the second sweep, the first anodic 
peak at about +0.50 V was observed, but it 
was much smaller. These unusual effects 
observed for Au electrodes were enhanced 
by raising the solution temperature. 

In order to explain the observed phe- 
nomena, it is assumed that during pro- 
longed cathodic polarization, there occurs 
an activation of the outer gold atom layers 
via hydrogen embrittlement. 

The authors also discuss the electrocat- 
alytic properties of gold active state at low 
potentials. There are no studies of such 
states by surface science techniques and 
the authors [373] claim that such active 
states would be very difficult to detect us- 
ing such techniques. 

The effect of severe thermal pretreat- 
ment of Au wire in an inert gas atmosphere 
[375] on the anodic behavior of gold was 
also considered. In some instances, pre- 
monolayer oxidation commenced at 0.25 
V (SHE). 

Also, in this case, such behavior was 
explained by the formation of a very 
active metastable state with low lattice 
stabilization energy. 

The formation of the active surface states 
of gold was also found in an alkaline 
solution [376]. Both cathodic and thermal 
pretreatments were used. As a result, up 
to five distinct premonolayer oxidation 
responses in the range 0-1.0 V (SHE) were 
observed. In a separate paper, a study of 
gold electrodes in the metastable states 
in acid and base solutions was made. 
The active electrodes were prepared by 
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rapid thermal quenching [377]. When the 
gold electrode was cooled rapidly from 
the molten state, oxidation responses were 
observed for gold in base at £ < 0.0 V. 

One should add that the formation of 
such nonequilibrium surface states may be 
important for electrocatalytic properties. 

Redox and electrocatalytic activity in base 
at unusually low premonolayer potentials 
were observed also for copper [378, 379]. 


UPD of various metals on different gold 
surfaces is one of the most intensively 
studied subjects. Abruna and coworkers 
have reviewed [380] the UPD deposition 
at single-crystal surfaces of Au, Pt, Ag, 
and other materials. More recently, Mag- 
nussen [381] has described ordered anion 
adlayers on metal electrode surface, which 
can affect the UPD process. 

24 . 4 . 6.1 Cu 

As early as in 1987, Kolb and coworkers 
used Auger electron spectroscopy (AES) to 
study UPD of Cu on Au [382]. 

Zeng and Bruckenstein [383] have stud- 
ied UPD of Cu at polycrystalline gold 
in 0.1 M NH 3 + 0.1 M NaClC >4 electrolyte 
using the rotating disk electrode, elec- 
trochemical quartz crystal microbalance, 
and time-of-flight secondary ion mass 
spectrometry (TOF-SIMS). The experi- 
ments have revealed that Cu(0) UPD 
occurs in the potential range —0.4 V < 
E < 0.1 V, at three different sites. The rate- 
determining step was the reduction of the 
dissolved copper ammonia complexes to 
Cu(0). 

For single-crystal electrodes, an ex- 
tended hexagon model, in which the 
adsorbate interactions are averaged, has 


24 . 4.6 

Underpotential Deposition ofVarious 
Metals on Au 
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been applied [384] for Cu UPD on Au(lll). 
Using this model, coupled adsorption 
isotherms for copper and sulfate ions 
were obtained and numerically solved. The 
isotherms obtained were in good agree- 
ment with the experimental dependences. 
Chabala and coworkers [385] have studied 
Cu UPD on Au(lll). They have utilized X- 
ray diffraction in situ and in the real time. 
Both potentiodynamic and potential-step 
polarizations were applied and the adlayer 
spacing of Cu on Au(lll) was determined 
as a function of several parameters, such as 
potential and time. Stimming and cowork- 
ers [386] have studied experimentally, Cu 
UPD on Au(100), applying in situ X-ray 
surface diffraction. The structure of the Cu 
UPD layer has been studied as a function of 
the applied potential and Cu(II) concentra- 
tion in the solution. In another paper [387], 
the same group of researchers studied the 
influence of anions on Cu deposition on 
Au(100) using CV. 

Xia et al. [388] have investigated the 
kinetics and phase transitions of Cu UPD 
on Au(lll) using in situ STM. 

It has been found that Cu electrore- 
duction from perchloric acid solution on 
Au(100) exhibits the UPD properties [389]. 
X-ray surface diffraction measurements 
have shown that the Cu UPD layer has 
a primitive (lxl) structure and that the 
adsorbed Cu species are located in four- 
fold hollow sites, with a vertical distance 
between the Cu adlayer and the Au surface 
of 0.14 nm. 

Early stages of copper electrodeposi- 
tion and coadsorption of chloride on 
the Au(lll) electrode surface have been 
studied by Wu et al. [390] applying elec- 
trochemical methods and in situ X-ray 
absorption measurements. The results in- 
dicate a large degree of static disorder and 
exclude the presence of high-symmetry 
structures. Krznaric and Goricnik [391] 


have studied, applying CV, Cu UPD 
on Au(lll) electrode in the presence 
of chloride ions at various concentra- 
tions ranging from trace amounts to 
0.55 M. At NaCl concentrations exceeding 
5 x 10 -3 M, Cu(I) was stabilized by chlo- 
ride and reduction of copper proceeded 
as the one-electron process at the Au(lll) 
surface covered with Cu and chloride bi- 
layer but not on Au(lll) free from Cu. 

Combined X-ray and electrochemical 
studies on Cu UPD at Au(lll) in the 
presence of bromide have been carried 
out by Abruna and coworkers [392]. At the 
potentials more positive than +0.55 V (ver- 
sus Ag/AgCl), bromide anions adsorbed 
at the electrode surface and formed an 
ordered and rotated hexagonal structure. 
Initial stages of Cu deposition were ob- 
served at ca +0.36 V. In the potential 
range of +0.32 to +0.20 V, two voltam- 
metric signals were observed, associated 
with additional copper deposition and giv- 
ing rise to the stoichiometric CuBr layer. 
At +0.147 V, a sharp voltammetric peak 
was formed, corresponding to the phase 
transition and formation of a (1 x 1) cop- 
per layer with a bromide (4 x 4) structure 
adsorbed on the Cu layer. At potentials less 
positive than +0.147 V, bulk copper depo- 
sition occurred. In another work, Abruna 
and coworkers [393] have compared the 
results of electrochemical and in situ SXS 
studies on Cu UPD at Au(lll) and Pt(lll) 
surfaces in the presence of bromide. The 
differences in the behavior of Cu UPD at 
these two electrodes were ascribed not to 
energetic reasons, but rather to geometric 
constraints imposed by the lattice structure 
of the metal on the deposited adlayer. 

Initial stages of bulk Cu deposition onto 
Au(100) have been investigated, applying 
STM [394]. Many monolayers of Cu 
were deposited, with the first monolayer 
formed via UPD, growing pseudomorphic. 



Later, Kolb and coworkers [395] have 
studied copper deposition on Au(100) 
using in situ STM and in situ SXS. 
At the potentials positive with respect 
to the reversible Nernstian potential in 
sulfuric acid solutions, pseudomorphic 
(1 x 1) copper monolayer was formed. 
In STM studies at negative potentials, it 
was observed that bulk copper nucleates 
at the surface defects, step edges, or 
island rims. STM images have shown 
that the copper film up to 10 layers has 
a pseudomorphic structure. On the other 
hand, SXS measurements allowed one to 
precisely measure the copper layer spacing 
(1.45 ± 0.02 A) . The obtained number is in 
good agreement with the value determined 
from the copper-copper step height in 
STM measurements. 

Sanchez and Leiva [396] have considered 
density functional in the investigations of 
Cu UPD on Au(lll) and Au(100). The 
analysis of different energetic contribu- 
tions to the underpotential shift has shown 
that deposition of Cu on these surfaces 
should occur at overpotentials. The au- 
thors have arrived at the conclusion that 
other factors, such as anion coadsorption, 
should be considered in order to explain 
their experimental observations. 

UPD of Cu on Au(lll) electrodes in 
the presence of sulfate anions has been 
particularly intensively studied, both ex- 
perimentally and theoretically [397] (for 
the review covering the literature up to 
1995, see Ref. 398). Sulfate ions are specif- 
ically coadsorbed with underpotentially 
deposited Cu at negative potentials. For 
this system, a very striking phenomenon is 
the appearance of two voltammetric peaks, 
separated by 50-150 mV, upon addition 
of Cu 2+ ions to the H2SO4 solution [382, 
397, 399-401]. For the potential range 
separating the peaks, the existence of ad- 
sorbate layer of the (^3 x ^3) structure, 
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consisting in 2/3 of a copper monolayer 
and in 1/3 of sulfate ions monolayer, has 
been suggested [402] Xu and Wang [403] 
have carried out the first-principles total- 
energy calculations to study the structure 
of Cu UPD on Au(lll) in H2SO4 so- 
lutions. It has been evidenced that the 
proposed honeycomb structure compris- 
ing in 2/3 a copper monolayer is unstable 
without the coadsorbed sulfate, which 
bound to copper. Sulfate anions bind much 
more weakly to the clean Au(lll) surface. 
Wifckowski and coworkers [404] have pre- 
sented the simulated dynamics of Cu UPD 
with sulfate ions present at the Au(lll). 
Uchida et al. [405] have applied EQCM to 
study adsorption of anions (perchlorate, 
sulfate) on pc-Au electrodes with and with- 
out copper adatoms. It has been shown 
that the ratio of the number of Cu adatoms 
to the number of adsorbed anions is close 
to two when Cu coverage ranges from 0.2 
to 0.5. Later, Uchida et al. [406] have stud- 
ied adsorption of bisulfate and perchlorate 
on Au(lll) electrodes, with and with- 
out Cu adatoms, applying electrochemical 
quartz crystal microbalance. Wiqckowski 
and coworkers [398] have applied com- 
bined computational statistical mechanics- 
based lattice-gas modeling, CV, coulome- 
try, ex situ Auger electron spectroscopy, 
and low-energy electron diffraction to 
study Cu UPD on Au(lll) electrodes 
in sulfate-containing electrolytes. Us- 
ing group-theoretical ground-state calcu- 
lations and Monte Carlo simulations, they 
have estimated effective electrovalencies 
and lateral adsorbate -adsorbate interac- 
tions, which cannot be calculated yet by the 
first-principles methods. Nakamura etal. 

[407] have applied in situ SXD to study 
the structure of coadsorbed copper bisul- 
fate anion and hydration water molecule 
on Au(lll) electrode in 0.5 M H2SO4 so- 
lution, in the potential range from 0.250 V 
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to 0.400 V. Two-thirds of the surface was 
occupied by Cu and 1/3 by the coadsorbed 
sulfate. On each Cu atom, one hydration 
water molecule was placed, forming a sta- 
ble structure. 

Recently, Kuzume et al. [408] have stud- 
ied copper UPD at high-index single- 
crystal Au surfaces. 

The mechanism of dissolution of the 
Cu UPD layer on Au(lll) has been stud- 
ied by Ataka et al. [409]. The monolayer 
comprised Cu in 2/3 and sulfate in 1/3 
proportions. It has been found by applying 
time-resolved surface-enhanced infrared 
absorption spectroscopy and chronoam- 
perometry that dissolution proceeds in two 
steps. In the first step, 1/3 Cu monolayer 
and all sulfate anions are removed via the 
Langmuir-type kinetics. In the second step, 
the rest of Cu is desorbed via nucleation 
and growth kinetics. 

Copper was also deposited on gold 
electrodes modified by chemisorption 
with different substances. Nishizawa et al. 
[410] have studied Cu deposition on 
Au(lll) electrode coated with a SAM of 
propanethiol in the potential region cov- 
ering UPD. It has been found that the 
SAM remains at the electrode surface 
without significant changes in its amount 
and structure, even after repeating Cu de- 
position and stripping cycles. Similarly, 
Kolb and coworkers [411] have performed 
CV studies on the kinetics of Cu UPD 
from H 2 SO 4 solutions on Au(lll) mod- 
ified with alkanethiol. They have found 
that Cu UPD proceeds on such surfaces, 
yet the UPD current peak is shifted to the 
overpotential region at typical scan rates. 
Also, in the underpotential region close to 
the Nernstian potential, the formation of 
the monolayer occurs, but it lasts for more 
than 1 h. Martinez-Ruiz et al. [412] have 
studied UPD of Cu on iodine-modified 
Au(lll) using in situ STM and CV in 


sulfuric acid solutions. In the UPD pro- 
cess, a (1 x 1) Cu monolayer was formed 
of a lattice parameter equal to that of 
Au(lll). The results suggest that iodine 
adlayer is constantly present at the top 
layer during electrodeposition and strip- 
ping of Cu and no noticeable loss of 
iodine is observed. Kinetics of Cu UPD 
on iodine-modified Au(l 11) electrodes has 
also been studied by the same group of 
researchers [413] in 1 mM solution of 
CuSC >4 in 0.05 M H 2 SO 4 , applying CV 
and chronoamperometry. The presence of 
iodine adlayer slowed down the kinetics 
of Cu UPD compared to the iodine-free 
surface. The kinetics of deposition was de- 
scribed applying a model with three types 
of contributions. 

Epitaxial electrodeposition has been 
applied to crystallize a 0.5-pm-thick CU 2 O 
film on Au(100) from an alkaline copper 
lactate solution [414]. 

Zhang et al. have studied the influence 
of bromine adsorption on copper elec- 
trodeposition on pc-Au electrodes modi- 
fied with SAMs [415], 

24.4.6.2 Cd 

The formation and growth of thin alloy 
film at underpotentials during electrode- 
position of Cd on Au(100) in 50 mM 
H 2 SO 4 + 1 mM CdSC >4 solution has been 
studied using EC-AFM [416]. 

Santos et al. [417] have studied UPD of 
Cd on polycrystalline Au electrodes using 
voltammetry and microgravimetry. 

Atomic structures of several adlayers of 
Cd deposited underpotentially on Au(lll) 
surface in H 2 SO 4 solution have been vi- 
sualized applying in situ STM [418]. Three 
ordered adlattices have been observed, all 
of which had a long-range linear mor- 
phology and were rotated by 30° with 
respect to the substrate lattice directions. 
The same system has been studied later 



[419] applying in situ and real-time surface 
differential diffraction. It has been found 
that at the initial stages of UPD, Cd atoms 
bind to the surface at the bridging sites. 
This was followed by the formation of an 
adlayer structure of Cd atoms adsorbed 
at the threefold hollow sites, before the 
Au— Cd intermixing took place. 

Formation of the Au— Cd alloy during 
Cd UPD on Au(lll) has been investigated 
by del Bario [420]. Apart from electrochem- 
ical methods, in situ STM has also been 
used. It appears from STM investigations 
that the alloy can be formed at relatively 
high underpotentials accompanied by the 
formation of 2D Cd islands. When ap- 
propriately large, these islands coalesce 
to form a new 2 D island on the top of 
the partially formed first Cd monolayer. 
These islands exhibit hexagonal atomic 
structure of the interatomic distance of 
0.29 ± 0.01 nm. 

Kawamura etal. [421] have studied 
the effect of electrolytic conditions on 
the coverage of an Au(lll) electrode 
with underpotentially deposited layer of 
Cd. The Cd atomic layer was located 
on the Au(lll) surface similar to the 
reconstructed structure. Also, a layer of 
sulfate anions was positioned on the Cd 
atomic layer. Cd coverage was found to be 
dependent on the concentration of H 2 SO 4 . 

Schmuki and coworkers [422] have stud- 
ied initial stages of Cd electrodeposition 
on the Au(lll) surface from H 2 SO 4 so- 
lutions. The results have shown that in 
such solutions (Cd(II) in H 2 SO 4 ), the 
Au(lll) surface starts to reconstruct at po- 
tentials around 850 mV versus bulk formal 
potential of cadmium electrode. Nucle- 
ation of Cd started in the potential range 
350-300 mV as the formation of separated 
islands of monoatomic height. Further, ca- 
thodic polarization led to the formation of 
strings and finally to the cadmium layer 
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with the expected surface alloying. The 
same group of researchers [423] studied 
electrodeposition of Cd on a herringbone 
reconstructed Au(lll) surface from the 
same solution as before, by also apply- 
ing EC- STM. Distinct dots of monoatomic 
height were formed in the UPD region. 

At these potentials, nucleation proceeded 
exclusively at the elbow sites of the 
Au(lll) herringbone reconstruction, lead- 
ing to a self-organized surface patterning 
of nanoscale Cd islands. 

Vidu et al. [424] have studied the kinet- 
ics of thin alloy film formation and growth 
during Cd electrodeposition on Au(100) 
and Ag(100) within the Cd UPD range 
from —0.3 to —0.45 V. Electrochemical 
and AFM experiments in 1 mM CdSC >4 
and 0.05 M H 2 SO 4 solutions have revealed 
that the overall alloying process comprises 
two processes: the first occurring relatively 
fast within a few atomic layers (D ~ 10 -16 
cm 2 s -1 ), and the second much slower 
(D ~ 10 -19 cm 2 s -1 ), indicating a solid- 
state diffusion. In the later work [425], 
the process of inward diffusion of Cd UPD 
into an Au(100) substrate has been studied 
in the temperature range 295-333 K, ap- 
plying voltammetry, microgravimetry, and 
X-ray diffractometry. Activation energy of 
the above-mentioned fast diffusion step is 
about 70 kj mol -1 . It has been found that 
the amount of Cd UPD increases with the 
temperature. From X-ray diffraction stud- 
ies, it was concluded that /J-Au— Cd layer 
is formed on the sample after keeping the 
electrode in the UPD region at —1100 mV 
(versus Hg|Hg 2 SC> 4 ) for 1 h at 333 K. Vidu 
and Hara [426] have studied the kinetics 
of thin alloy film formation and growth on 
Au(100) from 1 mM CdSC >4 and 50 mM 
H 2 SO 4 within the underpotential range of 
Cd electrodeposition. The distribution of 
Cd atoms on the Au electrode surface has 
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been estimated on the basis of the cal- 
culated diffusion coefficients of Cd. The 
mechanism of the surface alloying process 
in the UPD region has also been proposed. 

Cd deposited underpotentially on 
Au(lll) reaches a limiting coverage of 
0.66 monolayer. Electrosorption valency 
corresponding to this coverage is equal to 
0.5, which indicates that Cd adatoms are 
not fully discharged at the surface [427]. 

Surface alloy formation during Cd UPD 
on Au(110) in H 2 SO 4 solutions has been 
investigated, applying long-time polariza- 
tion experiments and in situ AFM [428]. 
The dynamics of this process depended 
on the polarization conditions. Moreover, 
alloying process competed with surface dif- 
fusion and further adsorption processes. 
Cd UPD on Au(lll) from sulfate solutions 
has also been studied by Lay et al. [429], 
who have utilized electrochemical STM ul- 
trahigh vacuum emersion techniques and 
quartz crystal microgravimetry. According 
to STM results, the Au(lll)-(1 x 23) re- 
construction is not lifted up by Cu UPD. 
Also, morphology of reconstruction indi- 
cates formation of the adlayer structure 
on the surface. EQCM studies suggest 
coadsorption of anions. Also, there are 
indications of a surface alloy formation. 

24.4.6.3 Pd 

In a series of papers, Kolb and coworkers 
have presented CV and in situ STM 
studies on palladium deposition on various 
gold single-crystal electrodes. They have 
found [430] that PdCU 2- is adsorbed on 
Au(lll), forming a distorted hexagonal 
structure, which plays a crucial role in 
Pd deposition and dissolution. It has also 
been found that Pd deposition starts from 
the formation of a pseudomorphic layer 
in the underpotential region, followed 
by the formation of the second Pd 
monolayer at overpotentials. Pd nucleated 


at monoatomic high steps and grows 
two dimensionally. Morphology of the 
overlayers changed with the increasing Pd 
coverage from the flat and well ordered for 
the first two monolayers to the increasingly 
rough and defect rich. 

Electrochemical properties of Pd adlay- 
ers on Au(lll) have also been compared 
to the behavior of massive Pd(lll) [431]. 
Gradual transition to the bulk proper- 
ties with increasing Pd coverage has been 
observed. 

Similar to Pd UPD on Au(lll), Pd 
deposition on unreconstructed Au(100) 
has also been studied applying CV and 
in situ STM by Kolb and coworkers [432]. 
They have investigated both an island-free 
surface and the surface covered with the 
islands originating from the lifting of the 
(hex) -reconstruction. It has been found 
that approximately one Pd monolayer 
accompanied with a distorted-hexagon 
chloride adlayer is formed in the UPD 
process. First Pd layers on Au(100) had 
different electrochemical behavior than 
large Pd(100) single crystals. 

In another work from this series [433], 
deposition of Pd on the unreconstructed 
Au(110) has been studied. An ordered 
adlayer of PdCU 2- was imaged with 
atomic resolution. Pd deposition started at 
monoatomic high steps. From the coulo- 
metric data, it follows that approximately 
three monolayer equivalents are deposited 
in the UPD range, what may, in turn, be a 
result of the surface alloy formation. 

Naohara etal. [434] have also studied 
electrodeposition of Pd from PdCU 2- 
complex on Au(100) electrode using in 
situ STM. Electrochemical deposition of 
Pd on Au(100) occurred at potentials more 
negative than 1.0 V. The first Pd layer 
was deposited not only on the terrace 
but also on gold islands, which were 
formed as a result of the lifting process 



of the reconstructed Au(100). The bulk 
and surface structures of the deposited 
Pd layers were investigated by X-ray 
diffraction. The formation of a Pd(100) 
phase of a (1 x 1 ) surface structure has 
been confirmed. 

Electrochemical behavior of ultrathin 
Pd epitaxial layers deposited electrochem- 
ically on Au(lll) and Au(100) has been 
found to be strongly dependent on the sur- 
face structures and the thickness of the 
Pd thin films [435]. From the kinetic stud- 
ies of Pd deposition on Au(lll) electrode 
from K 2 PdCU in 0.1 M H 2 SO 4 , it has been 
deduced [436] that this process proceeds 
via an instantaneous nucleation and two- 
dimensional (2D) growth. Initial stages of 
Pd deposition on Au(110) have also been 
studied by Robach et al. [437], who have 
applied STM, low-energy electron diffrac- 
tion, and Auger electron spectroscopy for 
this purpose. 

24.4.6.4 S, Se, and Te 

Also, thin films of semiconducting com- 
pounds were formed on a gold electrode. 
To obtain them, a methodology called elec- 
trochemical ALE (electrochemical atomic 
layer epitaxy) has been developed. This 
procedure is based on the formation 
of individual atomic layers of particu- 
lar elements, which may further form a 
compound. Accordingly, in each cycle, a 
controlled formation of a monolayer of 
the particular compound occurs. The ad- 
vantage of this methodology is that three- 
dimensional growth of one-elemental de- 
posit is inhibited. 

The above method combined with UPD 
of atomic layers has been used for the 
preparation of such compounds as CdTe, 
CdSe, CdS, and others. A paper reviewing 
the formation process of such compounds 
has been published by Wade et al. [438]. 
Preparation of such compounds is usually 
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carried out on gold electrodes. In that 
case, the first atomic layer of the particular 
element is obtained via UPD at the gold 
surface. 

We briefly present below the papers 
dealing with deposition of S, Se, and Te 
on Au electrodes and with the formation 
of semiconducting compounds at their 
surfaces. 

24.4.6.5 Sulfur 

Gichuhi et al. [439] have used Au(lll) 
electrode covered with the initial under- 
potentially deposited Cd layer. When H 2 S 
was electrolyzed at this surface, applying 
underpotential, an adlattice of the S— S in- 
teratomic spacing equal to 0.34 nm was 
obtained. The second monolayer of Cd 
and S had the same structure as the first 
CdS monolayer, showing that these two 
CdS monolayers were epitaxial. However, 
the third deposited monolayer of CdS ex- 
hibited interatomic spacing as observed 
for the bulk CdS. A direct fabrication 
of monodispersed, ultrasmall nanocrystals 
from the SAMs at Au(lll) substrate has 
also been described [440]. Reconstruction 
of CdS monolayers has been studied by 
Demir and Shannon [441], 

24.4.6.6 Selenium 

Huang et al. have studied electrodeposi- 
tion of selenium on Au(100) [442]. The 
structures of submonolayer coverages have 
been identified using ultrahigh vacuum 
electrochemical techniques, as well as 
STM. Selenium atomic layers were formed 
electrochemically by ( 1 ) direct electrore- 
duction of HSeC> 3 _ , (2) anodic stripping 
of previously formed bulk Se. Alanyalioglu 
et al. [443] have investigated electroreduc- 
tion of Se atomic layers on Au(lll) from 
aqueous SeC >2 solutions. Two waves at 
the potentials more negative than that 
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expected for the Se(IV)/Se couple were 
observed. Therefore, Se deposition could 
not be accomplished via UPD. In addition, 
Ruach-Nir et al. [444] have analyzed struc- 
tural effects in electrodeposition of CdSe 
quantum dots on mechanically strained 
gold. 

24.4.6.7 Tellurium 

Ikemiya et al. [445] have investigated 
both the atomic structure and growth 
of electrodeposited Te films on Au(100) 
and Au(lll) with large lattice misfits. 
Deposition was performed in sulfuric 
acid solutions using in situ AFM. On 
both substrates, bulk-deposited Te films 
were formed according to the Stranski- 
Krastanov mechanism. Their atomic struc- 
tures changed with the increasing film 
thickness. 

It has been found [446] that in situ opti- 
cal second-harmonic rotational anisotropy 
was significantly changed along with the 
first UPD of Te, and that bulk Te depo- 
sition attenuated the anisotropic character 
of the overall surface symmetry. 

Later, Sorenson et al. [447] have stud- 
ied electrochemical formation of tellurium 
atomic layers on Au(100) and phase tran- 
sitions within these layers. They used 
voltammetry, in situ STM, and low-energy 
electron-diffraction methods. Two sub- 
monolayer reduction steps of HTeC>2 + 
were observed. Three-dimensional nu- 
cleation progressed at potentials corre- 
sponding to the bulk Te deposition. The 
structures of electrodeposited atomic lay- 
ers of Se and Te on Au(100) and Au(lll) 
have been studied and compared [448]. 
At each surface, both elements formed a 
low-coverage structure, with atoms packed 
in high coordinate sites at distances just 
above their van der Waals diameters. When 
the coverage was increased, chalcogenide 
atoms formed either chains or rings. In 


Ref. 448, a discussion concerning the ap- 
pearance of triangular phase boundaries 
for both chalcogenide atoms on Au(lll) is 
also presented. 

Sorenson et al. [449] have carried out 
similar studies on electrodeposition of 
atomic Te layers on Au(lll) surfaces 
from aqueous solutions. Similarly as 
in earlier works, in this study also, 
the following techniques were utilized: 
voltammetry, in situ STM, low-energy 
electron diffraction, and Auger electron 
spectroscopy. Prior to the deposition, 
tellurium oxide species coated the surface. 
Two steps were distinguished in the UPD 
process. Deposition process was kinetically 
slow. 

Nicic et al. [450] have applied chrono- 
coulometry and EQCM to perform UPD 
of Te monolayers on Au surfaces from 
HCIO4 solution. 

Auger electron spectroscopy, X-ray pho- 
toelectron spectroscopy, low-energy elec- 
tron diffraction, and in situ STM have been 
employed to investigate two-step alternate 
electrodeposition of Cd and Te atomic 
layers, forming finally, CdTe monolayers 
(electrochemical ALE on Au(lll)) [451]. 
STM images suggest that previously pro- 
posed hexagonal structures for CdTe may 
not be correct. 

24.4.6.8 Bi 

Wang et al. have compared UPD of Bi on 
different Au surfaces (see Fig. 14). It has 
been found that chemisorbed Bi adatoms 
bound preferably at more open surface. 

From the CV data, the following charges 
associated with Bi 3+ deposition have been 
estimated: 445, 472, and 357 pC cm -2 
for Au(lll), Au(100), and Au(110), re- 
spectively. The charges involved in the 
deposition of one Bi atom per one surface 
gold atom are 666, 576, and 408 pC cm -2 , 
for the same sequence of the surface 
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Fig. 14 Linear sweep 
voltammograms for UPD of Bi 
on three low-index gold surfaces 
in 0.1 M HCIO 4 containing 
2.5 mM Bi 2 C> 3 . Scan rate: 

2 mV s -1 . Dashed line shows 
the onset of bulk deposition. 
Inset: atomic model of the 
close-packed 2Bi-(p x ,/3) 
monolayer on Au (111) (after 
Ref. 59). 


types [59]. Hence, the following values of 
Bi coverage (with respect to monolayer) 
were calculated: 0.67 for Au(lll), 0.82 for 
Au(100), and 0.88 for Au(110). These val- 
ues are close to those determined from the 
SXS studies [59, 452]. It is noteworthy that 
Bi— Au bonding was found to be more non- 
metallic than those of Tl— Au and Pb— Au 
monolayers. Therefore, Bi monolayer dif- 
fers substantially from the layers of the 
above-mentioned two elements [59]. 

Underpotential and overpotential depo- 
sition of Bi on Au(lll) have been studied 
applying in situ STM [453]. It has been 
found that the adsorbed bismuth lifts 
the reconstruction of the Au(lll) surface, 
leading to the formation of Au islands 
at potentials more cathodic than 0.170 V 
versus SCE. Atomic images of UPD Bi 
layer have shown the formation of a 
nearly rectangular unit cell of dimension 
0.39 ± 0.02 x 0.43 ± 0.02 nm. 



i_i , 1 , 1 , 1 , 1 . 1 , 

0.2 0.3 0.4 0.5 0.6 0.7 0.8 


Erhe 

[V] 

5-10-nm-diameter and 3-4 atomic 
layers deep nanometer-sized zero- 
dimensional (0D) cavities have been 
obtained at Au(lll) surface applying short 
(80 ns) voltage pulses to the STM tip 
[454]. In these nanocavities, localized 
UPD of 0D bismuth dots has been 
observed applying in situ STM. The 
authors have discussed and compared the 
investigated system with the behavior of 
the Au(lll)/Ag + ,NC> 3 _ system. 

Itaya and coworkers [455] have studied 
Bi UPD on Au(100) in HCIO 4 solutions 
using in situ STM. It has been found that 
UPD occurs in three steps involving the 
formation of an A(3 x 3) structure and a 
square lattice has been found for the first 
layer. 

Tamura et al. [456] have studied the ki- 
netics of UPD of Bi monolayer on Au(lll) 
applying simultaneously, electrochemical 
methods, current transients, and SXS. 
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Langmuir adsorption kinetics of Bi ad- 
sorption was observed for transients. 

Du and Wang [457] have developed a 
method for bismuth determination, based 
on good electrochemical properties of gold 
electrode covered with underpotentially 
deposited Bi. In this method, Bi was 
preconcentrated at the Au surface and this 
step was followed by anodic stripping. 

24.4.6.9 Pt 

Electrochemical deposition of Pt on 
Au(lll) electrode in acidic lUPtCf, so- 
lutions has been studied [458] using STM 
and EQCM. The formation of the Pt(lll) 
bulk phase and the surface structure of 
Pt(lll)-(1 x 1) were confirmed by X-ray 
diffraction and UPD of copper and hydro- 
gen, respectively. 

Waibel et al. [459] have studied deposi- 
tion of Pt on unreconstructed Au(lll) and 
Au(100) applying CV and in situ STM. 
STM studies revealed that PtCh 2- com- 
plex is adsorbed on both surfaces and Pt 
is further deposited at rather high overpo- 
tential. Nucleation of Pt started mainly at 
the defects, like step edges, at low deposi- 
tion rates. Due to the high overpotential, 
some nuclei also appeared on terraces at 
the random sites. 

Also, Nagahara et al. [460] have em- 
ployed in situ STM to study molecular 
adlayers of haloplatinate complexes and 
electrochemically generated Pt monopar- 
ticles on Au(lll). In atomic resolution 
STM images, pinwheel features of pla- 
nar PtX 4 2- adsorbates (X = Cl - , Br - , I - ) 
were observed. Reduction potentials of 
these overlayers to metallic Pt decreased 
in the order PtCU 2- > PtBr 4 2- > Ptl6 2- . 
The Pt deposit existed in the form of 
nanoparticles of an average diameter of 
3.0 nm and height of 0.46 nm. They 
were uniformly distributed on the Au(lll) 
substrate. 


24.4.6.10 Ni 

Bubendorff et al. [461] have reported, on 
the basis of CV and STM studies, that it 
is possible to deposit, applying UPD, a Ni 
monolayer on Au (111) from a sulfamate 
solution. It has been found using high- 
resolution STM that the formation of Ni 
layer occurs via complexation of Ni(II) by 
sulfamate adlayer on the Au surface. 

Moller et al. [462] have performed in 
situ STM observations of Ni electrodeposi- 
tion on reconstructed Au(lll) electrodes. 
Ni nucleation proceeded in three dis- 
tinct potential-dependent steps. The same 
group of researchers [463] has studied 
electrodeposition and electrodissolution of 
Ni on Au(100) electrodes. Pronounced 
differences were observed for the nucle- 
ation and submonolayer growth on the 
reconstructed and unreconstructed sur- 
faces. On perfectly reconstructed Au(100), 
the formation of Ni islands started at 
overpotentials significantly higher > 
100 mV) than on unreconstructed sur- 
face (ri > 40 mV), where Ni monolayer 
islands were formed. Dissolution of the Ni 
film exhibited better monolayer stability in 
comparison to the multilayer deposit. 

Allongue et al. [464] have studied nu- 
cleation and growth mechanisms of Co 
and Ni on Au(lll) using in situ STM and 
electrochemical methods. 

Submonolayer of Ni deposited in the 
temperature range of 130-180 K on 
the missing-row reconstructed Au(110)- 
(1 x 2) surface has been analyzed using 
STM [465]. An order within the thin epitax- 
ial AuNi film deposited on an Au(100) sur- 
face, accompanying temperature changes, 
has been investigated by applying X-ray 
diffraction [466]. 

24.4.6.11 Co 

Repain et al. [467] studied a growth of 
cobalt on Au(lll) vicinal surfaces in 



the submonolayer range. The presence 
of surface reconstruction led to self- 
organized nanostructures, such as very 
regular arrays of clusters or nanowires. 
The obtained results may be useful in the 
development of the fabrication procedure 
of cobalt nanostructures or ultrathin films 
of unique magnetic properties. 

Also, Kolb and coworkers [468] have 
studied initial stages of Co deposition 
on Au(lll) and Au(100) using CV and 
STM. Depending on the crystallographic 
orientation of the substrate and electro- 
chemical properties, either three- or two- 
dimensional growth has been observed. 
The influence of surface reconstruction on 
the nucleation and growth behavior has 
also been discussed. 

Formation and stripping of a cobalt 
adlayer on/from a polycrystalline Au elec- 
trode have been studied [469] applying 
electrochemical methods under underpo- 
tential conditions. The kinetics of depo- 
sition fitted a model of a simultaneous 
adsorption and diffusion-controlled two- 
dimensional instantaneous nucleation of 
cobalt on the electrode surface. 

Nucleation and growth of cobalt nu- 
clei on a polycrystalline gold elec- 
trode have been studied by the same 
group of researchers [470] using elec- 
trochemical methods in 10 -2 M C 0 CI 2 
and 1 M NH 4 CI solutions of pH = 9.5. 
The authors have studied the transi- 
tion accompanying the change of elec- 
trode potential from underpotential to 
overpotential deposition (OPD) region. 
The corresponding current-time tran- 
sients were explained in terms of a ki- 
netic mechanism involving three different 
contributions: (1) Langmuir-type adsorp- 
tion process, (2) 2D diffusion-controlled 
instantaneous nucleation, and (3) mass 
transfer-limited 3D nucleation. 
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Stepanyuk et al. [471] have applied local 
approximation of the density-functional 
theory and the Korringa-Kohn-Rostoker 
(KKR) Green’s function method to deter- 
mine the energy of Co adatoms located at 
the ideal Au(100) surface. Total-energy cal- 
culations have shown that Co atoms and 
small Co clusters are preferably embedded 
inside the substrate. 

24.4.6.12 Sb 

Jung and Rhee [472] have reported voltam- 
metric studies on the deposition of Sb on 
Au(lll) and Au(100) electrodes. In the 
formation of the metallic Sb layer, two 
processes were involved. The first one was 
the reduction of the irreversibly adsorbed 
oxygeneous Sb layer. The other was com- 
pleting the full monolayer of Sb via UPD 
of oxygeneous Sb species in the solution. 

Later, Wu et al. [473] presented an in 
situ STM study of Sb electrodeposition 
on Au(lll). The authors have studied 
irreversible adsorption of Sb and redox 
behavior of Sb(III) adspecies with and 
without the influence of UPD, and vice 
versa. 

The process of irreversibly adsorbed Sb 
on Au(lll) at the open-circuit potential 
(close to 0.2 V) has been investigated us- 
ing in situ STM [474]. The oxygenated Sb 
adlayer was nucleated and grown on ter- 
races and at step edges. The oxygenated Sb 
domains present on terraces were round- 
shaped islands of a diameter ranging 
between 3 and 6 nm. 

Wang et al. [475] have proposed a similar 
analytical method as that for bismuth 
for antimony determination based on Sb 
UPD on gold electrode. In the proposed 
procedure, Sb was accumulated at the 
gold surface, and this step was followed 
by anodic stripping. A detection limit 
2.1 x 10 -9 M was reported for a 120 s 
electrochemical deposition. 
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Yan et al. [476] have presented in situ 
STM results of a structural transition 
of Sb on Au(100). Remarkable structural 
transition took place at the potential, suf- 
ficient to initiate UPD. Both the coverage 
and potential-dependent Sb— Au interac- 
tions were responsible for the structural 
transition. The formation of the surface 
compound AuSb 2 has been suggested. 

24.4.6.13 Sn 

UPD of Sn on Au(100) has been studied 
applying electrochemical methods and in 
situ STM [477]. Three stages of Sn UPD 
have been distinguished: ( 1 ) reversible 
submonolayer UPD, (2) surface alloying, 
and (3) bulk-extended alloying. Reversible 
UPD of a submonolayer proceeds in the 
form of 2 nm clusters at 0.04 V itself. The 
surface alloying took place at —0.04 V, and 
the bulk alloying at —0.3 V, which quickly 
changed the surface morphology. 

Mao et al. [478] have applied in situ STM 
to study Sn UPD on reconstructed and 
unreconstructed Au(lll) electrodes. On 
the unreconstructed Au(lll), Sn formed 
size-confined two-dimensional clusters of 
1-2 nm. At more negative potential, 
surface alloying was observed. On the 
reconstructed Au(lll) surface, in turn, Sn 
preferably nucleated at face-centered cubic 
regions. The nuclei expanded toward the 
hexagonal close-packed regions to build up 
deposit domains. 

24.4.6.14 Al 

Aluminum underdeposited on gold 
electrodes from AICI 3 + NaCl melts at 
200-300 °C. The process has been 
studied [479] applying CV, potentiostatic 
deposition, and galvanostatic oxidation. 
The obtained deposits were characterized 
by electron microprobe analysis and 
glancing incidence by X-ray diffraction. 


Formation of several successive layers of 
bulk intermetallic compounds has been 
shown. Also, Lee et al. [480] have detected, 
during Al UPD, the formation of two 
alloys on polycrystalline Au electrodes 
from acidic l-ethyl-3-methylimidazolium 
chloroaluminate that melt at room 
temperature. Moreover, in the Al UPD 
region, fast phase transition between 
these two intermetallic compounds 
has been evidenced. Later, the 
same group of researchers [481] has 
performed EQCM studies on Al 
deposition and alloy formation on 
Au(lll) in ambient temperature molten 
salts /benzene mixtures. 

24.4.6.15 Tl 

Thallium UPD on Au(lll) has 
been studied, applying potential-step 
chronocoulometry and quartz crystal 
microbalance [482], The UPD surface 
coverage increased with the increasing 
cathodic potential. At low coverage, the 
sublayer was not completely discharged, as 
it appeared from electrosorption valency. 

Poskus and Agafonovas [483] have ap- 
plied radioactive Tl-204 to study its UPD 
on a polycrystalline gold electrode in alka- 
line solutions. The potential dependence 
of the equilibrium surface concentration 
obtained from the radiometric method 
has been compared to that calculated 
from CV. Surface concentration of Tl de- 
creased monotonically as the potential was 
changed from the more positive Nern- 
stian values. This dependence exhibited 
a minimum without reaching zero. At 
more positive potentials (with respect to 
the minimum), adsorption of Tl + induced 
by specifically adsorbed hydroxyl anions 
occurred. 

It has also been found that metal-halide 
coadsorption of Tl— Br and Tl— I proceeds 
on Au(lll). This was a proof that UPD 



of metals can be affected by specific 
adsorption of anions [59]. 

24.4.6.16 Pb 

Pb UPD on poly crystalline Au electrode 
in 0.1 M perchloric acid solution has been 
studied by Henderson et al. [484]. In this 
study, CV, electrochemical quartz crystal 
microbalance (EQCM), and probe beam 
deflection methods have been used. It 
has been found that Pb UPD proceeds in 
three steps. The first step comprised water 
ejection from the gold surface. This step 
was followed by metal UPD accompanied 
by the removal of the adsorbed OH. Also, 
Zeng and Bruckenstein have studied UPD 
and adsorption of Pb on pc-Au electrodes, 
applying XPS and TOF-SIMS method in 
case of 0.1 M NaCl electrolyte [485], and 
EQCM in case of 0.1 M NaClC >4 and 0.1 M 
NaCl electrolytes [486]. In the presence of 
chloride anions, the adsorption of Pb— Cl” 
complex has been found. 

A relation between the surface stress 
and the structural change within the 
Pb UPD layer on Au film electrode 
has been studied, applying a bending 
beam method [487]. A maximum in the 
surface stress versus potential dependence 
emerged at the onset of UPD, similarly as 
in electrocapillary curve. 

Hale et al. [488] have studied Pb UPD 
on Au(110), applying XPS and ultrahigh 
vacuum apparatus with a chamber for 
electrochemical experiments. Lead was 
detected at the gold surface in the entire 
considered potential range: —0.5 to 1.5 V 
(versus Ag/AgCl). A large increase in the 
surface concentration of oxygen was found 
for lead-containing solutions. 

Rojas [489] has investigated theoretically, 
the stability of either different submono- 
layers of Pb adsorbed on Au(100) or 
grown as the first monolayer. Calcula- 
tions were performed using the atom 
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superposition and electron delocalization 
molecular orbital methodology in the clus- 
ter approximation. 

Deposition of Pb has also been carried 
out at modified gold electrodes. The films 
of 3-mercaptopropane sulfonate on poly- 
crystalline gold electrodes were prepared 
from an acidic solution. At such electrodes, 

UPD current corresponding to voltammet- 
ric reduction of lead(II) was enhanced, 
compared to the current observed at a clean 
polycrystalline gold electrode [490]. 

Also, epitaxial electrodeposition of 
Pb— Tl— O superlattices on single-crystal 
Au(100) has been carried out [491]. 

The films were formed at room temp- 
erature from aqueous solutions of 5 x 
10 ” 3 M TINO 3 and 0.1 M Pb(N0 3 ) 2 in 
5 M NaOH. Applying current density of 
0.05 mA cm -2 , a bulk film of a composi- 
tion of Pbo. 46 Tlo 54 O 1 7 was formed. 

Finally, UPD of Pb on silver and gold 
colloids has been described by Bokshits 
et al. [492], 

24.4.6.17 Zn 

Talcahashi et al. [493] have applied CV for 
UPD of Zn on an Au(lll) electrode from 
phosphate solutions containing Cl”, Br”, 
and I”. 

24.4.6.18 Ce 

Nanoscale electrodeposition of Ge on 
Au(lll) from an ionic liquid has been 
studied [494] utilizing in situ STM. At un- 
derpotentials, a thin rough layer is formed. 

In turn, at overpotentials close to 250 mV, 
50-nm-diameter nanoclusters of the initial 
height of several nanometers were grown. 
Interestingly, at overpotential of 50 mV, 
the deposits could be transformed within 
several hours into a layered structure, in- 
dicative of Ge(lll) bilayers. 
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24.4.6.19 Rh 

Kibler et al. [495] have studied electro- 
chemical deposition of Rh on Au(lll) us- 
ing CV and in situ STM. Rhodium started 
to deposit irreversibly around 200 mV ver- 
sus SCE. First, a Rh bilayer was grown, 
which exhibited electrochemical behavior 
similar to that of well-ordered Rh(lll) 
surface. 

24.4.6.20 Li 

Li UPD on highly oriented Au(lll) 
electrodes has been performed [496] from 
LiAsF 6 solutions in PC using quartz crystal 
microgravimetry, CV, and UV- visible 
reflectance spectroscopy simultaneously. 

Saito and Uosaki [497] have studied the 
formation and morphological changes of 
the surface Li film on Au(lll) electrode 
in 0.1 M LiCl 04 solution in PC applying 
STM. The surface film was observed 
at potentials more negative than 1.5 V 
(Li + /Li). Many nuclei appeared on the flat 
terrace of the electrode at potentials more 
negative than 0.9 V, where UPD of lithium 
on Au was started. 

24.4.6.21 Fe 

Kawagoe et al. [498] have investigated the 
growth of Fe submonolayer films on 
Au(001) in the temperature range of 300 
to 500 K using STM. The STM images 
have shown that growth and morphology 
of the films markedly depend on the 
growth temperature. Fe islands of a 
monolayer-height nucleated and grew on 
Au(001)terraces at 300 K. At 353 and 393 K, 
Fe islands with double-layer height and 
small pinholes were observed on terraces. 
Step edges were decorated by Fe dendrites. 

24.4.6.22 Ag 

Wigclcowski and coworkers [499] have used 
AES to study UPD of Ag on the Au surface. 


Chabala and Rayment [500] performed a 
time-resolved in situ and real-time X-ray 
diffraction study of Ag UPD on the Au(ll 1) 
surface. Later, the same researchers [501] 
described an in situ surface differential 
diffraction and anomalous scattering of 
surface relaxation accompanying Ag UPD 
on Au(lll). Time-resolved surface differ- 
ential diffraction has been used [502] to 
study the mechanism and kinetics of Ag 
electrodeposition on Au(lll). Also, the ef- 
fect of the surface stress in the surface 
differential diffraction measurements has 
been investigated. Gimenez et al. [503] 
have performed Monte Carlo simulation 
of the formation and growth of low- 
dimension phases in Ag UPD on Au(lll). 
From Monte Carlo simulations, it has also 
been found [504] that energetic atoms can 
promote nucleation and island growth at 
early stages of film growth and thus im- 
prove the smoothness of the film surface. 
Whelan et al. [505] have studied structural 
surface transitions induced by repetitive 
UPD of Ag on Au(lll). More recently, 
Kondo et al. [506] have published the re- 
sults concerning in situ structural study 
on Ag UPD on Au(lll) electrode, apply- 
ing SXS technique. In situ STM has been 
used to investigate electrodeposition of sil- 
ver on Au(lll) electrodes from H 2 SO 4 
solution [507]. STM images of Ag UPD 
have revealed a series of ordered adlayer 
structures of increasing coverage with de- 
creasing potential. 

Ag UPD onto gold substrates covered 
previously with SAMs of alkanethiols 
in order to induce penetration of silver 
between the monolayer and the gold 
substrate has been described by Oyamatsu 
et al. [508] 

Wang et al. [509] have reported overpo- 
tential deposition of Ag monolayer and 
bilayer on Au(lll) mediated by the Pb 
adlayer UPD/stripping cycles. 
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Brankovic et al. [510] have described the 
surfactant-mediated electrochemical depo- 
sition of Ag on Au(lll). Also, Reyes-Cruz 
etal. [511] have studied electrochemical 
deposition of Ag and Au from cyanide 
leaching solutions. 

24.4.6.23 Hg 

Inukai et al. [512] have used STM to study 
Hg UPD on Au(lll) in sulfuric and per- 
chloric acid solutions. For sulfuric acid, 
the influence of adsorption of bisulfate 
was indicated. It has been found that af- 
ter the formation of the first UPD adlayer, 
two different structures were simultane- 
ously formed on the same terrace. For 
perchloric acid, only a single structure was 
found. These results reflected a significant 
influence of the supporting electrolyte an- 
ions on the UPD structure. Recently, Abaci 
et al. [513] have presented the temperature- 
dependent studies on the influence of 
counteranions on Hg UPD on Au(lll). 

Finally, we should mention the paper 
by Oyamatsu et al. [514] who have studied 
UPD of Tl, Pb, Ag, Cd, Cu, and Bi on an 
Au(lll) /mica electrode coated with a SAM 
of alkanethiols, applying CV and STM. 
UPD proceeded for the alkyl chain length 
shorter than C8. It has also been suggested 
that the blocking effects of the SAM 
depend on the Stokes radius of metal ions. 
For a particular case of Ag deposition, the 
formation of islands of atomic monolayers 
on which octanethiol molecules were 
adsorbed hexagonally has been noticed. 

24.4.7 

Electrochemistry of Coordination 
Compounds of Cold. Electrodissolution and 
Electrodeposition of Au 

For the general characteristics of com- 
plex compounds, it is useful to remember 
that both Au(I)/Au(0) and Au(III)/Au(I) 


aqua complex systems have very positive 
potentials and thus exhibit strong oxida- 
tive properties. These potentials may be 
changed considerably when gold ions form 
complexes with different ligands, which 
stabilize both oxidation states [515-518]. 
Warren and Bennett [515] have pre- 
pared Au(III) complexes with diphos 
[o-phenylenebis(dimethylphosphine)] and 
its arsenic analog - diars. They were ir- 
reversibly reduced in acetonitrile at Pt 
electrode at the potentials of —0.45 and 
—0.17 V for diphos and diars complexes, 
respectively (versus Ag|10 -2 M AgCl 04 in 
CH 3 CN). 

[AuL 2 ] 3+ + 2e > [AuL 2 ]+ (7) 

Basil et al. [518] have studied theoreti- 
cally and experimentally dinuclear phos- 
phorus ylide complexes of Au(I) and 
Au(II). These compounds revealed irre- 
versible redox behavior in CV experi- 
ments. 

McArdle and Bossard [516] have per- 
formed a CV study on electrochemical 
properties of Au(I) and Au(III) com- 
plexes with four bis(diphenylphosphines) 
at a gold working electrode. Two-electron 
processes (Au 3+ /Au + ) of these species 
were either reversible or quasi-reversible 
at moderate scan rates. Earlier papers 
were discussed in the 4th volume of 
Encyclopedia of Electrochemistry, published 
in 1975. More recently, Lagerge et al. 
[519], for example, have studied adsorp- 
tion of potassium gold cyanide from 
water onto industrial activated carbon, 
widely used for the recovery of gold at 
pH = 6.0. In the applied concentration 
range, two distinct mechanisms of ad- 
sorption, either successive or overlapping, 
were experimentally proved to proceed at 
room temperature. At low concentrations, 
gold was reversibly adsorbed as Au(CN) 2 “ 
anions. 
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Koelle and Laguna [520] have carried out 
a systematic study on gold complexes at 
both oxidation states with phosphine and 
tetrahydrothiophene as neutral ligands, 
halide ions, as well as C 6 F 5 (C 6 CI 5 ) as an- 
ionic ligands. The prepared complexes (15) 
were investigated using CV at a Pt working 
electrode. CH 2 CI 2 or acetonitrile served 
as a solvent with tetrabutylammonium 
hexafluorophosphate as a supporting elec- 
trolyte. All complexes were irreversibly 
reduced and only voltammetric peak po- 
tentials were reported. 

The results obtained allowed one to 
establish the sequence of electroreduction 
potentials for Au complexes with 1 r- 
acceptor ligands. 

Both electroreductions occur at poten- 
tials considerably more negative than those 
observed for halide or oxosystems. Obvi- 
ously, phosphine ligands stabilize Au(I) 
more than, for instance, CN“ and, con- 
sequently, shift the respective potential to 
more negative values compared to the po- 
tential of Au(CN) 2 - . Even stronger effect 
is caused by C 6 F 5 (C 6 CI 5 ) groups. 

Bond and coworkers [521] have de- 
scribed Au(III) electroreduction and Au(0) 
oxidation stripping processes in dilute 
aqua regia utilizing platinum, rhodium, 
iridium, gold, and glassy carbon elec- 
trodes. Sorption of tetrachloroaureate ions 
on carbon paste electrode modified with 
montmorillonite has been performed as 
a preconcentration step in the determina- 
tion of gold in pharmaceutical preparation 
[522], 

Further review of the latest literature 
allows one to claim that the recent 
electrochemical studies on gold complexes 
involve mainly electrodissolution of gold 
in the complexing media and its further 
electrodeposition from the complexing 
solution. Obviously, a large number of 
such investigations is related to practical 


applications, since gold is frequently used 
as a coating metal. 

24.4.7.1 Au Electrodeposition 

The influence of different metal ions on the 
kinetics of gold electrodeposition on gold 
from alkaline cyanide solutions has been 
studied by Bek and coworkers [523-527]. 
Au was also deposited on glassy carbon and 
Pt electrodes from Au(I) ammonium so- 
lutions [528]. Nucleation mechanism was 
temperature dependent. Also, Marquez 
et al. [529] have investigated, applying elec- 
trochemical and spectroscopic methods, 
deposition of Au, Ag, and Au~ Ag alloys 
on glassy carbon, and silicon electrodes 
from alkaline cyanide electrolytes. Also, 
electroreduction of AuCU - at boron-doped 
diamond electrodes has been studied [530]. 
Boxley etal. [531] have carried out elec- 
trochemical deposition and reoxidation of 
Au on highly oriented pyrolytic graphite in 
5 mM AuCU - and 6 M LiCl solution. It has 
been noticed from double potential-step 
chronocoulometry that electrodeposition 
is reversible. Au nanoparticles were pref- 
erentially deposited on the upper plane of 
the step edges. It has also been shown 
that Au(I) -thiourea aqueous baths are a 
promising alternative to cyanide solutions 
for electrodeposition of Au and its alloys 
[532]. Free thiourea molecules were found 
to be adsorbed on the electrode at cathodic 
potentials in a vertical configuration, inter- 
acting with the metal surface via amino 
groups. The same authors [533] have 
performed in situ spectroelectrochemical 
Raman investigations of Au deposition and 
electrodissolution in KAu(CN )2 solutions 
at pH = 6.3. Under anodic conditions, en- 
hanced formation of Au(CN) 2 ~ and OCN - 
was observed. Also, in situ SERS has been 
employed to study Au deposition from 
sulfite electrolytes [534] and in the pres- 
ence of benzyldimethylphenylammonium 



24.4 Electrochemistry of Gold 899 


chloride [535]. In recent years, electrodepo- 
sition of gold from thiosulfate-sulfite baths 
has been investigated [536, 537]. Gold sin- 
gle crystals were prepared via periodic re- 
verse current electrodeposition in organic 
ion-track membranes used as templates 
and in the presence of either KAu(CN )2 
or Na 3 Au(SC> 3)2 solution. Au single crys- 
tals were successfully grown only from the 
cyanide solutions. There is a large interest 
in deposition of gold on silicon (see, for 
instance, [538-540]) considering the ap- 
plications in microelectronics. Electrode- 
position of gold has been carried out on 
different «-GaAs crystal faces [541] at the 
water- 1,2-dichloroethane interface [542] 
into three-dimensional polypyrrole film 
[543]. Electrodeposition of thin gold films 
on indium-tin oxide and platinum sub- 
strates from an aminosilicate-stabilized 
gold sol has been described [544]. The 
obtained films were conductive, semitrans- 
parent, and comprised 4-6 nm Au parti- 
cles, each coated with a thin aminosilicate 
shell. Sih et al. [545] have electrodeposited 
and characterized conducting thin films 
of gold nanoparticles bridged with oligoth- 
iophene linkers. Electrochemical oxidation 
of these particles resulted in the deposition 
of thin films consisting of intact nanopar- 
ticles linked by oligothiophene moieties. 
Finally, Lasia and coworkers have studied 
nucleation and crystal growth accompany- 
ing soft [546] and hard gold deposition 
[547-550], 

24.4.7.2 Au Electrodissolution 

Dissolution of gold and silver from Au/Ag 
alloys in aerated cyanide solutions has 
been investigated using rotating disc elec- 
trodes [551]. Dissolution was partially 
controlled by transport of either oxygen 
or cyanide. Kinetics of anodic dissolution 
of gold in cyanide solutions containing 
different metal ions has been extensively 


studied by Bek and coworkers [552-566] 
(see also [567]). Also, the effect of tem- 
perature on dissolution has been studied 
[79, 568]. Electrochemical studies on dis- 
solution of gold in thiosulfate solution 
[569-571] and in ammonia solutions at 
temperatures above 100 °C have been car- 
ried out [572]. Anodic dissolution of gold 
and its associated elements, for exam- 
ple, silver, copper, nickel, and iron in 
alkaline thiourea solution has also been 
accomplished [573, 574]. Gold was passi- 
vated by elemental sulfur produced from 
irreversible decomposition of thiourea. Ad- 
dition of Na 2 SC >3 improved the stability 
of thiourea in alkaline media and decel- 
erated selective dissolution of gold (see 
also [575]). In HCIO 4 solutions contain- 
ing chloride ions, it has been noticed, 
using EQCM, that Au(lll) dissolves in 
the three-electron oxidation process [576] 
and no evidence for one-electron oxidation 
has been found. Oscillatory electrodissolu- 
tion of Au in 2 M HCl solutions has been 
investigated in Raman spectroscopy stud- 
ies [577]. The obtained results indicate that 
the transition between active and passive 
states of Au account for current oscillations 
in a very narrow potential range. 

24.4.8 

Gold Clusters 

The color of the colloidal solutions of gold 
depends on the size of colloidal particles 
(clusters). Several methods have been used 
for the preparation of such clusters (for a 
review see [578]). Since the size of clusters 
may change from one to several hundred 
angstroms, their electronic structure may 
vary between that of single atoms and the 
solid metal. 

Gold clusters are stabilized by the 
adsorption of surfactants. Alkanethiols 
play an important role in this stabilization, 
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since - as we discussed earlier - they are 
adsorbed strongly on gold surfaces. There- 
fore the synthesis of clusters is carried out 
frequently in the presence of thiols. The 
adsorption of surfactants on the surface of 
growing clusters is useful in controlling 
of their size. In the core of such clusters 
there are Au atoms, while on the surface 
AU+ ions are present which interact with 
thiols as shown by XPS [579]. 

The energy of Au-S surface bond on 
a cluster is 490 kj / mol and the surface 
coverage by sulfur atoms is high (30 
percent), compared to Au(lll) surface. 

One may obtain a stabilized cluster 
having different terminal groups. 

The protective layer of surfactants may 
be exchanged for another, more appropri- 
ate surfactants [580]. The kinetics of such 
substitution has been studied [580]. 

Such nanoparticles may be deposited 
on different surfaces also, either by elec- 
trodeposition or by interaction with the 
surface. Various methods were used to 
combine clusters with the surfaces of solid 
substrates [578]. Some of them are based 
on the interaction of terminal groups of 
protective thiols with surface atoms or 
compounds attached to the surface earlier. 
In the formation of the cluster mono- 
layer on the surface of solid substrates, 
the electrostatic interaction of clusters, 
with surfactants having charged terminal 
groups with the surfaces modified with 
thiols, also with charged terminal groups 
(— NH 3 +, — COO~) is very important (see 
for instance [581]). There are also modi- 
fications of solid substrates several layers 
thick [581] obtained with the use of linkers 
such as dithiols, which combine gold clus- 
ters with the gold support by the chemical 
Au-S bond. 

Gold clusters were also attached to the 
Au electrode by dithiols with the reactive 
bipyridyl group (Bpy) incorporated into 


their structure [582, 583], The electrode 
reaction of Bpy was fast on gold electrode 
modified by such dithiol and also with 
attached Au clusters. 

After application of a proper potential 
to the tip of STM, the oxidized form of 
Bpy was reduced. Such a system repre- 
sents the electrochemical nanoswitch. For 
gold clusters tunneling of single electrons 
was also observed. This effect was ob- 
served for nanosystems separated from 
two electrodes by a tunneling layer, either 
using STM or electrochemical methods 
[584, 585], 

The electron tunneling on Au clusters 
shows that the monolayer of alkanethiols 
has good insulating properties. The trans- 
fer of a single electron between a STM tip 
and cluster occurs if the charging energy 
E = e 2 /2C (C is the capacity of cluster and 
e the charge of electron) is higher than the 
thermal energy Ej = kT. 

The transfer of single electrons is ob- 
served on the current-potential depen- 
dence as a sequence of steps. This shows 
that clusters behave as redox reactants. 
There are many applications of gold clus- 
ters in various fields, such as preparation of 
new materials, electronics, heterogeneous 
catalysis and electrocatalysis, biosensors 
and others. 

In medicine and biology quantum dots 
(composed of several gold atoms) are used 
as markers of chemical substances. 

We present gold clusters very briefly, 
because recently there an extensive re- 
view [578] on their preparation, properties 
and applications in various fields was pub- 
lished. 
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The chapter on the electrochemistry of 
silver was published in 1978 as a part 
of the 8th volume of Encyclopedia of Elec- 
trochemistry of the Elements. At that time, 
most of the electrochemical properties of 
silver were limited to polycrystalline Ag 
(pc-Ag) surfaces, although the first studies 
with single-crystal electrodes were already 
described. Since the time that this chap- 
ter was published, one can indicate three 
main trends: 

1. a continuous interest in pc-Ag elec- 
trodes; 

2. a significant progress in the studies on 
single-crystal Ag electrodes; and 

3. increasing applications of various sur- 
face spectroscopy techniques combined 


with traditional electrochemical tech- 
niques in the studies of processes 
occurring both on polycrystalline and 
single-crystal Ag surfaces. 

It is noteworthy that recent advances in 
the electrochemistry of silver are related 
more to the role of the surface of Ag 
electrodes, than to the investigations of 
Ag compounds in solutions. 

The content of this chapter is essen- 
tially limited to physicochemical literature 
on the electrochemistry of silver published 
during the last decade. Since a large num- 
ber of papers related to the chemistry of 
silver was published, it was not possible to 
include all of them in this review. More- 
over, many of these publications seem to 



be of interest to physicists rather than to 
chemists, and thus, it was not thought nec- 
essary to include them in the Encyclopedia 
of Electrochemistry. This review is, there- 
fore, a selection of papers exemplifying 
representative trends in the recent stud- 
ies of the properties of the silver electrode 
surfaces and in the electrochemical charac- 
teristics of the selected processes occurring 
at such electrodes. It also includes some 
analytical papers, but the readers particu- 
larly interested in analytical applications of 
various types of silver electrodes in voltam- 
metric methods (including polycrystalline 
and single-crystal ones) are referred to, 
for example, a review by Gorokhovskii [1], 
covering the time period 1960-2000, and 
references cited therein. 

24.5.1 

Properties of Ag Electrodes 

24.5.1.1 Polycrystalline Ag Electrodes 

24.5.1.1.1 Preparation As compared to 
single-crystal Ag surfaces, the prepara- 
tion of pc-Ag electrode may seem to be 
a relatively simple task. However, a pc- 
Ag surface, which ensures reproducibility 
and stability, also requires a special pro- 
cedure. Ardizzone et al. [2] have described 
a method for the preparation of highly 
controlled pc-Ag electrode surface (char- 
acterized by electrochemical techniques 
and scanning electron microscopy (SEM)). 
Such electrodes, oriented toward elec- 
trocatalytic properties, were successfully 
tested in halide adsorption experiments, 
using parallelly, single-crystal and conven- 
tional pc-Ag rods as references. 

24.5.1 .1 .2 Surface and Double-layer Pro- 
perties An extensive, recent review on 
electrochemical properties of the (polycrys- 
talline) pc-Ag/solution interface, together 
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with earlier works, is included in the paper 
by Trasatti and Lust [3]. Electrical dou- 
ble layer at the pc-Ag/aqueous solution 
interface was characterized with the dif- 
fuse layer minimum located on the C^-E 
curve at E = —0.94 to —0.96 V versus 
saturated calomel electrode (SCE). The 
roughness factor for pc-Ag was found 
as /pz > 1-2, applying the Parsons-Zobel 
method [4]. The potential of zero charge 
(PZC) found using the capacitance method 
was equal to —0.944 ± 0.015 V (SCE). 
Other experimental methods yielded this 
value ranging from —0.927 to —0.890 V 
for NaF, HCIO4, and Na2S04 solutions 
[3]. The effect of anions varied in the 
order: F _ > SC>4 2 ~ > CIO4 - . Ahern et al. 

[5] have observed four low-level redox re- 
sponses within the double-layer region of 
pc-Ag in basic medium and hence sug- 
gested four different types of active surface 
state (or site) transitions. The correlation 
between the transition potentials and the 
onset/termination potentials of different 
electrocatalytic processes were found. 

It is noteworthy that for investigating 
pc-Ag electrodes, various surface spectro- 
scopic methods have been utilized re- 
cently. A majority of the relevant papers 
are focused on the Raman scattering phe- 
nomena, mainly on the surface-enhanced 
Raman scattering (SERS) and related 
methods. One should emphasize that sil- 
ver was one of the few noble metals for 
which the SERS response was observed, 
provided that the surface was previously ac- 
tivated by electrochemical or other means 

[6] in order to roughen it. Kruszewski [7] 
has investigated light absorption at the 
SERS-active Ag electrode. The intensity 
of light reflected from the SERS-active 
electrode was measured as a function of 
the potential and time. It was concluded 
that the observed irreversible increase in 
the intensity of the reflected light was 
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caused by an irreversible decrease in light 
absorption, related to the irreversible decay 
of the number of “active sites”. Recently, 
Kruszewski [8] has analyzed the depen- 
dence of the SERS signal on the Ag surface 
roughness, which was changed by vary- 
ing the parameters of oxidation -reduction 
procedure. The measurements of angular 
distribution of elastically scattered light, as 
well as scanning and transmission elec- 
tron microscopy, were employed for the 
determination of roughness. The exper- 
imentally observed relationship between 
the roughness extent and the SERS sig- 
nal was compared with the predictions 
of the classical electromagnetic enhance- 
ment model. 

Another important technique is 
the second-harmonic generation (SHG) 
method [6]. Interestingly, ever since SHG 


techniques in combination with SERS 
were introduced in the early 1980s to 
study electrode surfaces, silver surfaces 
have become the most investigated 
objects. Surface roughening supports 
activation of surface plasmons that cause a 
substantial increase of the electromagnetic 
field at the surface. Plasmon is a 
highly delocalized excitation state formed 
collectively via electrostatic interaction of 
weakly bound electrons. Since interfacial 
SHG depends on the fourth power of 
the surface electromagnetic field generated 
by the incident laser beam, the field 
enhancement at rough silver surfaces 
should also lead to the significant 
enhancement of SHG at these surfaces, 
as compared to SHG at the smooth 
surfaces. Since it has been found that 
the electrode potential significantly affects 



Fig. 1 Potential-dependent SHG response of a thin silver film 
(45 nm) in contact with a solution of 0.1 M NaCICU (solid circles), 
0.1 M NaCICTt + 50 mM urea (solid squares), and 0.1 M sodium 
acetate +5 mM lead acetate (open triangles). Most of the crystallites 
of the pc-Ag film were oriented with the (111) face parallel to the 
surface. The minimum of the curve occurs at around —0.75 V, which 
is close to the PZC for Ag(l 11) surface. Adsorption of urea causes a 
little shift in PZC and a significant decrease of the SHG intensity 
negative of PZC point, whereas the deposition of a monolayer of Pb 
causes a dramatic increase in the SHG intensity [6, 9], 




the SHG response, this method appeared 
to be interesting also for electrochemical 
purposes [6]. Thus, potential-dependent 
adsorption of neutral molecules and ions, 
as well as deposition processes at the Ag 
surface, affect the SHG signal (see Fig. 1). 

One of the early examples of the appli- 
cation of the SHG technique in electro- 
chemistry, proving its high sensitivity, is 
the investigation of the sulfate monolayers 
adsorbed on pc-Ag electrodes [10]. Also, 
one should mention the paper by Camp- 
bell and Corn [11], who have evidenced 
that the SHG method is also applicable to 
studies in nonaqueous solutions, namely, 
to the investigations of hydrogen evolution 
in acetonitrile (ACN). 

Apart from the methods based on 
Raman spectra and SHG, the Fourier 
transform coupled with infrared (IR) 
techniques (see e.g. Ref. 12), scanning 
tunneling microscopy (STM), and atomic 
force microscopy (AFM) have also been 
used. 

Another relatively new technique is the 
infrared visible sum frequency generation 
(SFG) spectroscopy and the difference 
frequency generation (DFG) spectroscopy 
[13], both of which represent vibrational 
spectroscopic techniques sensitive only to 
the material located at interfaces. 

Apart from the above techniques, the 
electromodulated reflectance spectroscopy 
combined with cyclic voltammetry has 
been utilized by Gaigalas et al. [14] in the 
investigations of electron transfer between 
the (2Fe-2S) protein putidaredoxin and 
either bare or bekanamycin-modified Ag 
electrode. Of the two models considered, 
the free diffusion model, as compared to 
the adsorbed layer model, exhibited better 
concordance with the experimental data. 
After modification of the Ag electrode with 
bekanamycin, it exhibited only a small 
increase in the observed redox reaction 
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rates. The measured rate constants were 
compared to the values predicted from the 
Marcus theory of electron transfer. 

In addition to the application of rough- 
ened Ag electrodes in SERS measure- 
ments, one should add that Geddes et al. 

[15] have described the use of such Ag 
electrodes in metal-enhanced fluorescence 
studies also. The constant current flowing 
between two silver electrodes in pure water 
facilitated the growth of fractal-like struc- 
tures on the cathode. The electrode was 
coated with a monolayer of human serum 
albumin protein labeled with Indocyanine 
Green. It was observed that the fluores- 
cence intensity on the roughened electrode 
increased approximately the 50-fold, com- 
pared to the unroughened electrode. 

Otsulca and Iwasaki [16] have employed 
AFM method to observe the self-affine 
fractal structure of the electrochemically 
roughened Ag electrode surfaces [17]. 
Later, they have described the dynamic 
scaling in recrystallization of this electrode 
surface in water. 

24.5.1 .2 Single-crystal Ag Electrodes 

24.5.1.2.1 Preparation A significant 
number of papers, which have appeared 
over the last decade, are focused on the 
studies of the Ag (hkl) surface in con- 
tact with various species. Our concise 
survey covers only those that are most 
relevant to electrochemists. In the elec- 
trochemical practice, the most intensively 
studied Ag surfaces include: Ag(lll), 
Ag(100), Ag(110), and Ag(001), whereas 
the number of papers devoted to, for 
example, Ag(210) and Ag(410) is sub- 
stantially smaller. Electrode surfaces can 
be prepared in various ways: electrolytic 
growth in a Teflon® capillary, electrolytic 
polishing of Ag single crystals, or chemi- 
cal (Cr 03 + H 2 O) polishing of Ag crystal 
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faces [3]. According to Hamelin et al. [18], 
during the oxidation -reduction potential 
cycle, surface oxide reduction and hydro- 
gen evolution take place, and the surface 
roughness increases. It is also of practical 
importance to mention that thermal an- 
nealing, which is normally used for the 
preparation of an Au surface, in principle, 
can also be applied for single-crystal Ag 
electrodes; however, higher affinity of Ag 
to oxygen makes the experimental con- 
ditions more critical than they are for 
Au [3]. These difficulties in reproducible 
preparation of well-defined single-crystal 
Ag surfaces seem to limit the number of 
works, in which such electrodes were used. 

24.5.1.2.2 Surface and Double-layer Pro- 
perties Valette [19] has analyzed earlier 
experimental data on the inner-layer ca- 
pacity at PZC for Ag(lll), Ag(100), and 
Ag(110) surfaces in order to estimate the 
surface area and capacitance contributions 
of superficial defects for real electrodes, 
as compared to ideal faces. Considering 
the application of surface spectroscopy 
techniques to single-crystal Ag electrodes, 
one should note that anisotropy of the 
SHG response for metal electrode allows 
one to analyze and correlate its pattern 
with interfacial symmetries and its varia- 
tions by changing nonlinear susceptibility 
and the surface structure. Early studies 
on Ag(lll) single-crystal electrodes have 


been performed by Shannon et al. (cf. e.g. 
Ref. 20). In particular, one can monitor in 
situ, the reconstruction of the electrode 
surface (cf. e.g. Ref. 21). Also, recently, 
the interference second-harmonic gener- 
ation anisotropy (ISHGA) technique has 
been applied to crystalline Ag and Au 
electrodes [6]. This advanced technique 
is expected to be an even better source 
of information on the geometric and 
electronic structure of the interface and 
its changes upon potential scanning and 
adsorption. 

The differences between various Ag sur- 
faces can be distinguished by comparing 
their surface morphology (generally, the 
surface of (110) crystal is more folded 
than that of (111)) and other properties, 
such as the surface density of atoms, the 
PZC, and double-layer capacitance. The 
double-layer properties of single-crystal Ag 
electrodes have been studied very inten- 
sively [3, 22-27]. Selected characteristics 
of various Ag surfaces are compared in 
Table 1, which shows that the higher the 
surface density of atoms, the more pos- 
itive PZC becomes. Furthermore, Fig. 2 
exemplifies differential capacity data of 
those Ag surfaces. 

Zheng et al. [29] have compared 
surface properties of the assembled 
silver nanoparticle electrode/indium-tin 
oxide (AAgNP/ITO) and roughened 
silver electrode, using electrochemical 


Tab. 1 Surface density of atoms (cr at ) measured at the potentials of zero charge (PZC), and 
double-layer capacitances of the inner part of the double layer (Cj) for different crystal planes of Ag 
(lattice constant d = 0.2889 nm) 


Ag plane 

ff at [at. nm 2 ] 

PZC [V] (versus SHE, 
0.01 M KPF 6 )[3] 

Q [pF cm~ 2 ] 

(KPF 6 solutions) [19] 

Cj [pF cm 2 ] 
(UCIO 4 solutions) [28] 

(111) 

13.83 

-0.445 ± 0.005 

77 ±2 

40 

(100) 

11.98 

-0.615 ± 0.005 

92 ±2 

42 

(110) 

8.47 

-0.725 ± 0.005 

1 12 ± 2 

70 
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[V] 

Fig. 2 Differential double-layer capacitances of Ag(l 1 1), 
Ag(100), and Ag(l 10) in 10 mM NaF determined applying an ac 
technique;/ = co/2tt = 20 Hz, scan rate v = 5 mV s -1 . The 
calculated curve corresponds to the model polycrystalline Ag 
electrode [24], 

techniques and SERS, and methyl viologen 
(MV) and p-aminothiophenol (PATP) as 
the probing molecules. MV molecules 
were strongly adsorbed on the roughened 
Ag electrode, but not on AAgNP/ITO. 

Also, since no SERS spectrum was 
observed for AAgNP/ITO, probably no 
active sites were present on the surface of 
the isolated Ag nanoparticles to participate 
in the interactions between the ring plane 
of MV and Ag nanoparticle. 

24.5.1.2.3 Surface Dynamics Quassetal. 

[30] have studied diffusive transport of 
atoms along the step edges on Ag(lll). 


Baier, Giesen et al. have described the 
dynamics of step and island on Ag(lll) 
and Cu(100) [31], as well as on Au(100) 
[32] electrodes in the electrolyte. Baier and 
Giesen [33] have determined the activa- 
tion energies of mass transport processes 
on Ag(lll) electrodes in the aqueous elec- 
trolyte. Haftel and Einstein [34] have stud- 
ied the influence of the electrochemical po- 
tential on energy landscapes close to step- 
and island edges: Ag(lll) and Ag(100). 
A model of the metal/solution interface 
involving hydrophilicity of Ag(lll) and 
based on the capacitance analysis, has been 
published by Emets et al. [35] Electron 
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confinement to the nanoscale Ag(lll) 
islands on Ag(lll) has been quantita- 
tively studied by Li et al. [36], Winkes et al. 
[37] have performed surface resistance 
measurements at the metal/electrolyte in- 
terface of Ag(110) and Ag(lll) thin-film 
electrodes. An Ag(lll)/water interface de- 
serves special attention. The results of 
X-ray scattering studies [38] were consis- 
tent with the simulation results: it has been 
found that water is reorienting next to the 
charged surface and undergoes restructur- 
ing in the presence of the strong field [39]. 
Sun et al. [40] have described the structures 
of adatom clusters on Ag(lll) surfaces, ap- 
plying genetic algorithm. STM studies of 
bare Ag(100) electrode within the potential 
range 0.4 to —0.1 V did not reveal any 
potential-induced surface reconstruction 
(contrary to such reconstruction observed 
at Au(100) electrodes) [41]. Winkes et al. 
[37] have measured the surface resis- 
tance at the metal/electrolyte interface of 
Ag(100) and Ag(lll) thin-film electrodes. 
Koga [42] has observed the diffusive mo- 
tion of 2 x 2 adlayer formed on the Ag(100) 
nanoparticle facet induced by nitric acid 
adsorption. The adsorbates exhibited a pro- 
file image that was double-periodical to 
that of an Ag(100) surface along the [010] 
direction, and their collective diffusion was 
observed in the real time. A Monte Carlo 
simulation of submonolayer homoepitax- 
ial growth on Ag(110) and Cu(110) has 
been performed by Mottet et al. [43], 
Surface self-diffusion at intermediate tem- 
peratures for Ag(110) has been studied 
by Pedemonte et al. [44]. Substrate recon- 
struction and electronic surface states of 
Ag(001) have been studied by Savio et al. 
[45]. For the analysis of Ag(001) surface, 
Simpson and Furtak [46] have employed 
optical SHG spectroscopy with s-polarized 
excitation. The surface plasmon dispersion 


on sputtered and nanostructured Ag(001) 
has been studied by Savio et al. [47]. 

24.5.1.2.4 Affinity of Water and Nonaque- 
ous Solvent Molecules to Ag Surfaces 

Hydrophilic properties of single-crystal Ag 
electrodes have been a subject of con- 
troversy [48]. Trasatti [49] has suggested 
the following series of the decreasing hy- 
drophilicity: Ag(110) > Ag(100) > Ag(lll), 
while Valette [50] has proposed the op- 
posite order. Further studies, in which 
hydrophicility of Ag was estimated from 
the adsorption energy of aliphatic alcohols 
[51-53], led to the following conclusion: 
since the adsorption energy is strongly 
dependent on the lattice plane of the elec- 
trode as well as on the size of the anion 
of the supporting electrolyte (through the 
salting-out effect of the adsorbate), it is 
not possible to indicate unambiguously 
the hydrophilicity series of lattice planes 
from electrochemical experiments [48]. 
Anyhow, the position of water molecules 
is the closest to the folded Ag(110) surface 
and the farthest -to the smooth Ag(lll) 
surface [48]. As regards adsorption of an- 
ions, one should mention that the surface 
concentration of sulfate ions changes on 
particular Ag planes in the following order: 
Ag(lll) > Ag(110) > Ag(100) (not concor- 
dant with the decreasing surface density 
of atoms). Such a sequence proves that for 
adsorption of ions, not only the electrode 
surface structure but also the structure of 
the adsorbed ions are important [54, 55]. 
A more detailed review of the problems 
of anions and water adsorption on differ- 
ent Ag surfaces is given in Ref. 3. Recently, 
Doubova et al. [56] have used ACN as either 
the adsorbate or the solvent to probe the 
crystal face specificity of Ag-water inter- 
action at the electrode/solution interface. 
From the capacitance and voltammetric 
plots, it has been concluded that the 
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adsorption strength of ACN on Ag from 
the aqueous solution is weak and de- 
creases in the following order: (111) > 
(100) > (110). It has also been suggested 
that ACN adsorption occurs in two al- 
ternative modes: (1) directly on the metal 
surface and (2) at the water layer adsorbed 
on the metal surface, which cause ap- 
parent inconsistencies of the adsorption 
parameters. Furthermore, the presence 
of variable amounts of water in ACN 
had an inhibiting effect on Ag surface 
oxidation. The diminution of the water 
content in ACN led to free anodic dis- 
solution of the metal surface. Doubova 
and Trasatti [57] have investigated ad- 
sorption of isovaleronitrile versus ACN 
in 0.15 M NaClC >4 on Ag single-crystal 
face electrodes performing capacity mea- 
surements. The obtained data have shown 
that adsorption increases in the follow- 
ing sequence of crystal faces: (110) < 
(100) < (111) < Hg. In contrast with 
ACN adsorption, the mode of adsorp- 
tion of isovaleronitrile is attributable to 
hydrophilic-hydrophobic interactions, re- 
sulting in a squeezing-out mechanism. 
Adsorption of neutral compounds depends 
on the crystallographic orientation of the 
metal surface, mainly because of the face 
specificity of metal-solvent interactions, 
the latter being stronger for more open 
surfaces (i.e. those of lower atomic den- 
sity [22]). In the specific case of Ag single 
crystals, the following observations have 
been made. For linear aliphatic alcohols, 
the Gibbs energy of adsorption increases 
in the sequence: (110) < (100) < (111) 
[53, 58, 59], as expected from the concepts 
expressed above. For ACN [56, 60], in con- 
trast, the adsorption order is: (111) < (100) 
< (110), although no interactions between 
the triple bond of the N group and the 
metal surface are possible. 


Gu et al. [61] have studied the SERS 
response of Ag electrodes in ACN. 

24.5.2 

Adsorption of Inorganic Species on Ag 
Electrodes 

24.5.2.1 Halide Ions 

24.5.2.1.1 pc-Ag Electrodes Hecht and 
Strehblow [62] have utilized X-ray 
photoelectron spectroscopy (XPS) and ion 
scattering spectroscopy (ISS) in the exam- 
ination of the electric double layer on Ag 
in NaCl solutions. It has been found that 
specific adsorption of Cl - was accompa- 
nied by coadsorption of cations and water. 
A layered structure of the specifically ad- 
sorbed chloride anions and the coadsorbed 
cations was confirmed. 

Adsorption of bromide ions on pc-Ag 
surface has been investigated in several al- 
cohols: C„H 2 „+iOH (« = 1-5), including 
butanol isomers (see e.g. Refs 63-66), with 
supporting electrolytes LiClCN and LiBr 
(electrochemical methods were combined 
with surface spectroscopy techniques) . The 
potential-dependent orientation of the al- 
cohol molecules was driven by the inter- 
actions of nonbonding O electrons and 
the alkyl chain with the electrode, as well 
as by hydrogen bonding of OH groups 
with specifically adsorbed Br“ [3]. For a 
more detailed comprehensive review of 
the experimental procedure, the reader 
is referred to the original papers, cited 
above and summarized in Ref. 3. Later, 
Pemberton and Shen [67] utilized electro- 
chemical and SERS techniques to study 
adsorption of bromide ions on Ag in a se- 
ries of aliphatic alcohols (from methanol 
to pentanol, containing LiBr). An excel- 
lent correlation was observed between the 
SERS intensity and Br _ surface coverage 
determined from differential capacitance 
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Tab. 2 Maximum Br coverage and potentials 
of zero charge (PZC) values of Ag in alcohols 
with 0.4 M LiBr [67] 


Solvent 

r x to 11 

[moles cm~ 2 ] 

PZC, V versus 
Ag/AgCl 

Methanol 

no 

-0.7 

Ethanol 

no 

-0.6 

Propanol 

90 

-1.0 

Butanol 

135 

-0.9 

Pentanol 

140 

-0.6 


data. The double-layer data are presented 
in Table 2. 

Shi et al. [68] have studied iodine ad- 
sorption on Ag using atomic-resolution 
electrochemical scanning tunneling mi- 
croscopy (ECSTM) method. Distinctly dif- 
ferent iodine adlayer structures and sur- 
face diffusion behavior were observed on 
mechanically polished pc-Ag in compari- 
son with those obtained on single-crystal 
electrodes. 

24.5.2.1.2 Single-crystal Ag Electrodes 

Recently, Nazmutdinov and Zinkicheva 
[69] have studied adsorption of the fluoride 
ion from the gas phase on various single- 
crystal Ag surfaces, applying a density- 
functional method. Adsorption energy was 
found to increase in the series: Ag(100) 
< Ag(lll) <Ag(311) < Ag(110). Sneddon 
and Gewirth [70] have published the in situ 
characterization of halide adsorption and 
Ag-halide growth on Ag(lll) electrodes 
using AFM. The chemical bonding state 
of chlorine on Ag(100) has been studied 
by Chang and Lung, who applied angle- 
resolved secondary ion mass spectrometry 
[71]. It has been shown that chlorine 
dissociates at the surface to yield a bonding 
state of atomic form at room temperature 
and Cl adatom is chemisorbed highly 
above the topmost substrate layer of Ag 


atoms. The Ag— Cl bond was oriented 
along the <100> azimuth with the 
adsorbate occupying a C-4 symmetry site. 
Andryushechkin et al. [72] have studied 
the epitaxial growth of AgCl layers on 
the Ag(100) surface. A potential-induced 
two-dimensional Ising order-disorder 
transition in bromide adsorbed on Ag(001) 
has been described by Ocko et al. [73]. In 
situ X-ray scattering studies have revealed 
that with the increasing potential, bromide 
undergoes a second-order phase transition 
from the lattice gas to the ordered c(2 x 2) 
structure. From a comparison of X-ray 
and electrochemical measurements, a 
significant lateral disorder at low coverage, 
decreasing with an increasing coverage, 
has been found. Endo et al. [74] have 
studied the structures of bromine adsorbed 
on the Ag(lll) electrode at different 
applied potentials. They have employed 
for this purpose, in situ X-ray absorption 
fine-structure spectroscopy (XAFS). In the 
cyclic voltammogram, a characteristic peak 
was formed at 0.05 V (versus Ag/AgCl). 
In the region just before this peak, 
the Ag— Br bond length was estimated 
as 2.72 ± 0.05 A, while after the peak, 
the spectra revealed the presence of 
two different Br— Ag bonds of 2.74 ± 
0.05 and 2.80 ± 0.05 A in lengths. These 
results were attributed to a drastic 
surface reconstruction taking place at 
the characteristic cyclic voltammetric peak 
potential without any changes in the 
surface Br density. Beltramo et al. [75] 
have investigated, applying SHG and 
impedance spectroscopy, the chloride 
and bromide layers adsorbed on single- 
crystal Ag electrodes. The SHG response 
at the incident wavelength of 1064 nm 
was measured and structural transitions 
in the adsorbed layer were detected. 
Beltramo and Santos [76] have studied 
further, specific adsorption of chloride and 



bromide on Ag(lll) surface, employing 
impedance spectroscopy. A physical model 
has been proposed to obtain different 
kinetic and mass transport parameters 
at low concentrations of halide ions. 
Moreover, the surface charge densities 
were calculated. In situ SHG studies of 
covered Ag(lll) electrodes have also been 
published by Santos et al. [77]. XPS and 
STM studies of pseudo-AgX monolayers 
organized at Ag(lll) and Au/Ag(lll) 
have been published by Kawasaki 
etal. [78]. Recently, Jovic and Jovic [79] 
have combined differential capacitance 
measurements with the simulations of 
frequency curves for different equivalent 
circuits to study (111) in 0.01 M NaCl. 
The dependence of the capacitance on 
the frequency was investigated. It was 
suggested that in the equivalent circuit, 
the double-layer capacitance should be 
replaced with a constant phase element. 
The in situ X-ray adsorption studies 
of bromine on the Ag(100) electrode 
have been described by Endo etal. [80], 
It was observed that the electron is 
transferred from the bromide anion to 
the silver substrate, and that the bond is 
partly covalent. The Br— Ag distance was 
determined to be 2.82 ± 0.05 A, which is 
shorter than that of the bulk AgBr. The 
adsorption site appeared to be a fourfold 
hollow site. The authors have suggested 
that the bromide ionicity is reduced in 
the adsorbate phase at the electrode. Ab 
initio calculations for bromine adlayers 
on Ag(100) and Au(100) surfaces have 

Fig. 3 The results of studies of 
electrosorption of bromide on the 
Ag(100) surface. The scattered 
intensities, after background 
subtraction, are shown at (1 / 2,1 /2) and 
(0,1) versus the applied potential. The 
corresponding cyclic voltammogram 
(10 mV s” 1 ) is shown at the bottom [83], 
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been performed by Wang and Rikvold 
[81]. Wandlowski et al. [82] have studied 
adsorption of bromide at the Ag(100) 
electrode surface. Under electrochemical 
conditions (similarly as in vacuum) an 
ordered c(2 x 2) structure was observed 
above a critical coverage, with halide ions 
located in the fourfold hollow sites of the 
underlying silver lattice. The difference 
found between Ag(100) and Au(100) is 
that for silver the packing arrangement 
is square, compared with the quasi- 
hexagonal structure detected for gold 
(Fig. 3) [83]. 

Hanewinlcel et al. [84] have studied the 
change in the surface resistance of an 
Ag(100) electrode caused by the adsorbed 
bromide. It was suggested that bromide 
ions adsorbed in the double layer of the 
hollow sites do not exchange electron 
with the metal. Shimooka et al. [85] 
have studied the adlayer structures of 
Cl and Br, and a growth of bulk AgBr 
layers on Ag(100) electrodes using in situ 
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STM and ex situ low-energy electron 
diffraction (LEED) in ultrahigh vacuum 
(UHV). It has been shown that the 
adsorbed Cl and Br monolayers possess 
a c(2 x 2) structure on Ag(100) in acidic 
solutions. At potentials corresponding to 
the formation of bulk AgBr, AgBr(lOO) 
layers grew epitaxially on Ag(100). On the 
Ag(100) surface, both Ag and Br ions 
in the topmost layer of the bulk AgBr 
were observed. LEED pattern revealed a 
c(2 x 2) crystallographic arrangement for 
the bulk AgBr(lOO) formed on Ag(100). 
Electrochemical studies and Monte Carlo 
simulations of electrosorption of Cl and 
Br on Ag(100) have been described by 
Rikvold, Abou Hamad et al. [86, 87], as 
well as by Mitchell et al. [88, 89]. 

Yamada et al. [90] have used in situ STM 
and ex situ LEED to monitor continuous 
variation of iodine adlattices on Ag(lll) 
electrodes. Interestingly, contrary to the 
Ag(100) surface brought in contact with 
I - ions, Ag(lll), in the presence of 
I - ions, exhibited, in cyclic voltammo- 
grams, small reversible peaks at potentials 
slightly negative to the bulk Agl formation. 
This phenomenon, in view of additional 
LEED and STM studies, was ascribed to 
the rotational phase transitions in the 
Ag(lll)-I~ adlayer. The iodine atom ad- 
layers on Ag(110) were studied, applying 
the energy band theory by Wang et al. 
[91]. A density-functional theory approach 
has been applied by Tang etal. [92] to 
investigate chemisorption of iodine. Ab 
initio pseudopotential density-functional 
study has been performed by Wang et al. 
[93] to analyze interactions of halogen 
atom with Ag(110). Teshima etal. [94], 
using in situ STM technique, have stud- 
ied the effect of the adsorbed iodine on 
the deposition and dissolution reactions of 
Ag(100). It is noteworthy, in these studies, 
that clean Ag(100) surface was exposed 


to the KI solution under potential con- 
trol, since under open circuit conditions 
(OCP) the formation of bulk Agl and 
surface roughening were rather expected. 
Cyclic voltammetric studies have shown 
that Ag dissolution/deposition occurs re- 
versibly at the same potential, regardless 
of the presence or absence of iodine at the 
Ag(100) surface. However, H 2 evolution 
process was shifted by ca —0.15 V when 
bare Ag(100) surface was replaced with 
the I-Ag(lOO) one (this is an example of 
the adsorbate-induced overpotential). One 
should add that the I-Ag(lOO) adlayer 
structure was found to be potential in- 
dependent and emphasize the exceptional 
stability of I on Ag(100) [41]. In turn, it 
has appeared that the etching of Ag on 
I-Ag(lOO) is anisotropic: the etching rate 
along the [010] direction is faster than 
along the [001] direction. A model for the 
explanation of this phenomenon has been 
proposed [41], 

24.5.2.2 Pseudohalide 

Rogozhnilcov [95] has analyzed the 
impedance response of an Ag electrode in 
cyanide solutions. The impedance spectra 
have shown time evolution of the surface 
blocking. Time evolution of the active Ag 
electrode area after immersion in CN“ 
containing solutions has been analyzed by 
Baltrunas et al. [96]. A time of 20-60 s was 
required for settling down the blocking 
(dependent also on CN - concentration). 

The SFG spectra of CN - at Ag elec- 
trode at various potentials varying from 
— 1.2 V (SCE) to the upper limit below Ag 
dissolution have been recorded by Tad- 
jeddine and Le Rille [13]. Contrary to the 
IR spectra, in which four bands for this 
system were observed, SFG spectra ex- 
hibited a single band, providing direct 
spectroscopic information on the adsorbed 
species. According to the same authors, the 



SFG method is also a powerful tool for a 
direct determination of the PZC. Tadjed- 
dine et al. [97] have employed this method 
to determine the PZC of Ag(poly). The 
observed value was —0.95 V and —1.05 V 
(SCE) in the absence and in the presence of 
25 mM CN - , respectively, in the solution 
containing 100 mM NaClC> 4 . 

Vibrational properties of OCN - ad- 
sorbed on a silver electrode from neutral 
solutions have been studied by Bowmaker 
et al. [98], applying in situ synchrotron far- 
infrared spectroscopy and visible-infrared 
SFG spectroscopy. As an example, the 
results of these studies are summarized 
below. In SFG spectra, two bands were 
formed; they were assigned to the an- 
tisymmetric stretching mode of OCN - 
ions bound to the Ag surface: the first 
one in the region 2100-2130 cm -1 (for 
E = —0.6 to 0 V versus SCE, cyanate N 
bound to a bridging surface site), and 
the second in the region 2200-2240 cm -1 
(for E = 0 — 4 V, cyanate in a terminal 
N-bonding mode). In the far-IR spectrum, 
the following were distinguished: (1) a 
broadband at about 360 cm -1 , at £ > 0 V, 
which was assigned to the i’(AgN) mode of 
terminally bound cyanate, in accordance 
with the assignment for the VIS-IR SFG 
band observed at these potentials, and (2) a 
sharper band at 90 cm -1 that might have 
arisen from a bending (or restricted rota- 
tion) of cyanate on the silver surface. 

An ab initio study of the interaction 
of SCN - with a silver electrode allowed 
Tielens et al. [99] to predict vibrational 
frequencies. 

24.5.2.3 Oxygen and its Compounds 

Lutzenkirchen-Hecht and Strehblow have 
investigated the electrochemical double 
layer on Ag electrodes in alkaline media 
[100] using ex situ XPS and ultraviolet 
photoelectron spectroscopy (UPS). An 
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evidence for specific adsorption of OH - 
ions has been found. Noteworthy is the fact 
that adsorption of oxygen compounds was 
often coupled with the surface oxidation of 
Ag. The relevant papers are presented later 
in a separate chapter. 

24.5.2.4 Sulfur Compounds 

Innocenti et al. have studied the kinetics 
[101] of two-dimensional phase transi- 
tions of sulfide and halide ions, as well 
as electrosorption valency [102] of these 
ions adsorbed on Ag(lll). The electrode 
potential was stepped up from the value 
negative enough to exclude anionic ad- 
sorption to the potential range providing 
stability of either the first or the sec- 
ond, more compressed, ordered overlayer 
of the anions. The kinetic behavior was 
interpreted in terms of a model that ac- 
counts for diffusion-controlled random 
adsorption of the anions, followed by the 
progressive polynucleation and growth. 

For the conditions under which a stable 
second overlayer is formed, the kinetic 
behavior was explained in terms of the 
transition from total desorption to the for- 
mation of the second overlayer occurring 
via the intermediate formation of the first 
monolayer [101]. Partial charge-transfer 
coefficients for the considered anions de- 
creased in the order sulfide = iodide > 
bromide > chloride, that is, in the order of 
the increasing Pauling’s electronegativity. 
Reaction of sulfur dioxide with oxygen ad- 
sorbed on Ag(110) has been studied by 
Alemozafar et al. [103], applying LEED, 
temperature programmed reaction spec- 
troscopy (TPRS) and STM. 

Theoretical calculations for the sim- 
plified systems have shown that on 
the Ag(110) surface, sulfate ions adsorb 
with the binding energy of 782 kj mol -1 , 
whereas for carbonate ions, this energy 
is equal to 949 kj mol -1 [104]. These 
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energies are higher than for Ag(lll), since 
on the more open Ag(110) surface, the 
bond order between the surface metal 
atoms and other metal atoms is lower 
than in the case of closer surfaces; there- 
fore, less coordinated surface atoms bind 
more strongly to the adsorbates [104]. 
Sobkowski et al. [105] have investigated 
adsorption of sulfate anions on various 
Ag electrodes. An effect of the surface 
structure on adsorption of sulfate ions 
on pc-Ag (and single-crystal Ag surfaces: 
(111), (110), and (100)) has been published 
by Smolinski et al. [55]. Radiometric and 
electrochemical methods were used in this 
study. On all the four studied surfaces, 
adsorption was reversible with respect to 
the potential and bulk concentration of 
sulfate. The pc-Ag surface exhibited inter- 
mediate adsorption properties, compared 
to the single-crystal surfaces, for which sul- 
fate adsorption decreased in the sequence: 
Ag(lll) > Ag(110) > Ag(100) (with tetra- 
hedral structure of the anion matching best 
the trigonal distribution pattern of the sur- 
face Ag atoms on (111) and (110) planes). 
Thermodynamic parameters of adsorption 
were fitted to the Frumkin isotherm. Also, 
Sobkowski et al. [106] have determined ra- 
diometrically, the adsorption isotherms, as 
well as the surface concentration/potential 
dependences, for various single-crystal Ag 
electrodes. The surface concentration se- 
quence was found to change as follows: 
Ag(lll) = Ag(110) > Ag(100). Thermo- 
dynamic parameters of adsorption were 
calculated by fitting the experimental data 
to the virial, Frumkin’s, and Henry’s ad- 
sorption models. The sequence of the 
sulfate adsorption from 0.1 M NaClCb 
on three basal silver planes was quite 
different from that observed in acidic sup- 
porting electrolyte and agreed with the 
sequence of the zero-charge potentials for 
the investigated silver surfaces. Recently, 


Schweizer and Kolb [107] have studied sul- 
fate adsorption on Ag(lll) and Ag(100) 
in 0.1 M H2SO4, applying cyclic voltam- 
metry and in situ STM. A new surface 
preparation method involving the inductive 
heating has been employed to eliminate 
oxygen during the annealing procedure. 
This method led to high quality Ag(lll) 
and Ag(100) surfaces. An ordered ad- 
layer of sulfate and bisulfate were found 
on the Ag(100) and (111) faces. An un- 
usual c(3 x 3^3) adlayer structure was 
found for Ag(lll), while for Ag(100), an 
incommensurate (1.3 x 3) structure was 
observed. No ordered adlayer was found 
on Ag(110). These results constitute the 
first observation of ordered sulfate adlayers 
on single-crystal Ag electrodes. Marinkovic 
et al. [108] have performed the IR studies 
of sulfate adsorption on Ag(lll) surface. 
Theoretical calculations have shown that at 
Ag(lll) surface, sulfate ions have a bind- 
ing energy of 159 kcal mol -1 , carbonate 
ions 183 lccal mol -1 , and tricoordinated 
bisulfate ions 58 lccal mol -1 (calculated at 
the hollow sites of Ag(lll)) [104]. 

Recently, S and O adsorption on pure 
and Ge-doped Ag(lll) has been studied 
by Blomqvist et al. [109]. 

24.5.2.5 Inorganic Carbon Compounds 

Quantitative determination of the local 
adsorption structure of carbonate on 
Ag(110) has been done by Kittel etal. 
[110]. They have found that the carbonate 
species is essentially planar and adsorbs 
almost parallel to the surface at the off- 
atop site with respect to the outermost 
layer Ag atom. The C— Ag layer spacing 
was 0.264 ± 0.009 nm, with a well-defined 
azimuthal orientation. This geometry is 
understood best in terms of the added-row 
model proposed by Guo and Madix. This 
model assumes that additional Ag atoms 
lie adjacent to the carbonate, such that the 



bonding involves at least one of the oxygen 
atoms. The distance between this oxygen 
atom and its nearest neighbor Ag adatom 
is 0.19 ± 0.04 nm. The C— O distances are 
in the range 1.26-1.30 A. 

24.5.2.6 Fullerenes 

Morphology of C6o thin films grown 
on Ag(001) has been studied by Giu- 
dice etal. [Ill], applying UHV-STM. C6o 
molecules were arranged in a quasi- 
hexagonal c(6 x 4) structure, having the 
long axis positioned along the (110) direc- 
tion of the Ag surface. Due to the presence 
of two equivalent directions, the C 60 him 
presented different domains, separated by 
dislocation lines. The same research group 
[112] has continued the STM studies on 
C^o thin films on Ag(001). A peculiar 
irreversible transition, which led to the on- 
set of brightness differences between the 
molecules in the same film, was observed 
at around 300 K. This effect was ascribed to 
electronic differences caused by nonequiv- 
alent orientation of C6o molecules on the 
surface. Goldoni and Paolucci [113] have 
studied the interaction of fullerene C6o 
with Ag(100) and indicated the occurrence 
of strong, predominantly ionic, bonding. 
Electronic structure and growth mode of 
the early stages of C6o adsorption at the 
Ag(001) surface [114], electronic structure 
of K-doped C6o monolayers on Ag(001), 
and coexisting inequivalent orientations 
of C(,o on Ag(001) have been studied by 
Cepek etal. [115, 116]. Grobis etal. [117] 
have analyzed the local electronic prop- 
erties of a molecular monolayer of C 60 
on Ag(001) using STM at T = 7 K. It has 
been confirmed that the appearance of 
bright and dim molecules originates from 
Ag surface reconstruction. Peculiar STM 
molecular contrast (“bright” and “dim”) 
in C6o/Ag(100) has been observed by Pai 
etal. [118]. 
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24.5.2.7 Other Inorganic Compounds 

Valette [119] has used the dependence 
of the minimum of the double-layer ca- 
pacitance on the concentration of the 
supporting electrolyte to find the adsorp- 
tion sequence of anions on Ag(110) face: 

F“ > C10 4 “ > PF 6 “ = BF 4 “. For the lat- 
ter two ions, adsorption is practically 
negligible. This series shows that small 
ions undergo relatively strong adsorp- 
tion since they can more easily penetrate 
the space between the silver atoms in 
the inner layer of the Ag(110) electrode 
than larger ions. It is known that the 
tendency of perchlorate to adsorb non- 
specifically is favored on metals of low 
work function [120], such as Ag(110) sur- 
face (cp = 2.3 eV). For this reason, Stuve 
etal. [121, 122] have studied adsorption 
of perchloric acid and the reaction of ad- 
sorption products with coadsorbed H 2 O. A 
model for tridentate adsorption of C10 4 “ 
on Ag(110) has been proposed [122]. It 
has been concluded that the chemisorbed 
perchlorate can be hydrated with the 
adsorbed H 2 O under UHV conditions. 
Contrary to Ag(110), on Ag(100), perchlo- 
rate ions undergo stronger adsorption than 
F~ [123]. 

Niaura and Jakubenas [124] have studied 
the effect of alkali metal ions on the SERS 
spectra of phosphate anions adsorbed at 
Ag electrodes. The formation of ion pairs 
at the interface has been confirmed. 

The bromide-induced adsorption of thal- 
lium complex on pc-Ag electrode has been 
studied using CV and chronocoulome- 
try [125]. 

Electrochemical deposition of polyborate 
monolayers at Ag(lll) electrodes has been 
studied by Stevenson et al. [126]. 

Coadsorption of ammonia and hydrogen 
fluoride with water on Ag(110) has been 
described by Krasnopoler et al. [127] as an 
example of hydrogen bonding and surface 
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interactions in protic solvents. Structural 
and morphological changes accompany- 
ing reaction of NH 3 with oxygen adsorbed 
on Ag(110) have been investigated by Guo 
and Madix [128]. 

Lee et al. [129] have studied adsorp- 
tion configuration and local ordering of 
silicotungstate anions (STA) on Ag(100) 
electrode surfaces. Voltammetric studies 
have shown that STA passivates the Ag 
surface and thus slows down the electron 
transfer the dissolved redox species partic- 
ipate in. STA species is oriented with its 
fourfold axis perpendicular to the Ag(100) 
surface and the center of the STA molecule 
is located 4.90 A above the top layer of the 
Ag substrate. From the analysis of bond 
lengths, it has been found that four termi- 
nal O atoms are located near the hollow 
sites and that an Ag— O bond length is 

2.06 A. 

Jafarian et al. [130] have studied adsorp- 
tion and absorption of hydrogen species on 
Ag electrodes in alkaline solution. Gurten 
etal. [131] have investigated the effect of 
alcohols: MeOH, EtOH, and PrOH on hy- 
drogen evolution reaction on Ag electrode 
in contact with 0.01 M NaCl solution. It was 
observed that the presence of alcohols in- 
creased the hydrogen yield and decreased 
anodic overpotential (for the Pt anode) . 

24.5.2.8 Metalocenes 

Welipitiya et al. [132] have studied ad- 
sorption and desorption of ferrocene on 
Ag(100) , applying photoemission and ther- 
mal desorption. The initially adsorbed 
surface species closely resembled that of 
molecular ferrocene. The molecule was 
adsorbed with the cyclopentadienyl ring 
ligands parallel to the surface. Wood- 
bridge et al. [133] have performed the 
high-resolution electron energy loss spec- 
troscopy (HREELS) andXPS studies of fer- 
rocene on Ag(100). Researchers from the 


same group have also studied adsorption 
of other metalocenes. Langell et al. [134] 
have studied adsorption and decomposi- 
tion of decamethylferrocene on Ag(100), 
while later, Pugmire et al. [135] have per- 
formed spectroscopic studies of adsorp- 
tion and decomposition of nickelocene 
at the same surface. Also, Pugmire et al. 
[136] have investigated orientation of nick- 
elocene molecules on Ag(100), follow- 
ing temperature-programmed desorption 
and applying HREELS. At relatively in- 
ert Ag(100) surface at 175 K, nickelocene 
was physisorbed molecularly to form a 
monolayer coverage. Its molecular axis 
was perpendicular to the surface plane. 
At 225 K nickelocene started to decom- 
pose to the adsorbed cyclopentadienyl and 
nickel. Molecular desorption was observed 
only for multilayer material, at 210 K, or 
for the first monolayer, when the adja- 
cent surface sites were not available for 
decomposition. 

24.5.3 

Adsorption of Organic Species on Ag 
Electrodes 

24.5.3.1 Hydrocarbons 

IR reflection/absorption spectroscopic 
study of ethylene adsorption on Ag(110) 
and atomic oxygen precovered Ag(110) 
surfaces have been described by Akita 
etal. [137]. Interaction of ethylene with 
perfect and defective Ag(001) surfaces 
[138, 139], as well as coadsorption of 
ethylene and oxygen on Ag(001) [140], have 
been studied by Kokalj et al. It has been 
found that ethylene binds rather weakly to 
both clean and oxygen precovered Ag(001) 
surfaces, and that the molecular geometry 
is almost unchanged upon adsorption. The 
binding energy with Ag(001) increased 
considerably in the vicinity of steps 
and adatoms. Also, chemisorption energy 



increased considerably in the presence of 
subsurface oxygen. Adsorption of ethylene 
on Ag(001) has also been studied by 
Vattuone et al. [141], who have employed 
vibrational excitation method to the 
description of the switching from the 
molecular to the dissociative adsorption 
of this compound. Later, Vattuone et al. 

[142] have studied ethylene adsorption 
on clean and oxygen-covered flat and 
stepped Ag(001). The final adsorption state 
depended on the translational and internal 
energies of the gas-phase molecules, as 
well as on the presence of defects. For 
instance, for low translational energy, 
ethylene was either physisorbed or very 
weakly chemisorbed at flat terrace sites. 
Kokalj et al. have studied adsorption of 
ethylene on the stepped Ag(«10) surfaces 

[143] (with n = 2, 3, 4) using density- 
functional theory. It has been found that 
ethylene adsorbs preferably on the top 
sites of the step edge. The (100) terraces 
were found to behave similarly to the flat 
Ag(100) surface, which binds ethylene only 
weakly. 

Pawela Crew and Madix [144] have in- 
vestigated desorption of propylene and 
propane from Ag(110) with the empha- 
sis put on the anomalous effects of 
weak chemisorption on desorption kinet- 
ics of alkenes. Molecular conformation 
of styrene on Ag(100) related to the cat- 
alytic epoxidation of terminal alkenes has 
been studied by Williams et al. [145], 
IR studies of the adsorption structures 
of 1,3-butadiene at Ag(lll) and Au(lll) 
surfaces have been published by Osaka 
et al. [146], 

The role of water in partial oxidation of 
propylene on the Ag(110) surface has been 
shown by Gland et al. [147]. 

Adsorption of benzene on Ag(110) has 
been investigated by Pascual, Kelly et al. 
[148-151], 
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24.5.3.2 Pyridine and Other Nitrogen 
Compounds 

Adsorption of pyridine, a rigid molecule 
able to attain various orientations with 
respect to the metal surface, evidently re- 
mains the most studied process of adsorp- 
tion of organic molecules at the electrodes. 
Pyridine replaces water molecules at the 
electrode surface; the number of removed 
H 2 O molecules depends on the orienta- 
tion of pyridine molecules with respect 
to the electrode surface. This process is 
associated with the partial charge trans- 
fer across the electrode surface. Using the 
SERS method, Ma and Wu have studied 
the pyridine -iodine charge-transfer com- 
plex at the Ag electrode [152]. Yang etal. 

[153] have analyzed the roughened Ag elec- 
trode with the adsorbed pyridine, employ- 
ing two-dimensional surface-enhanced Ra- 
man imaging and comparing the result 
to the AFM images. Adsorption of pyri- 
dine on Ag (and Au) has been studied 
by Tsionky etal. [154], who applied the 
electrochemical quartz crystal microbal- 
ance (EQCM) method. The frequency shift 
caused by adsorption of pyridine depended 
strongly on the nature of the metal. Fur- 
thermore, the potential-related frequency 
shift was observed even in the absence 
of specific adsorption. Interaction of wa- 
ter with the Ag surface was found to be 
much weaker than with Au. Nicholson 
et al. [155] have analyzed speciation of pyri- 
dine at a rough Ag electrode surface during 
oxidation -reduction cycles and have de- 
termined the kinetic and spectroscopic 
profiles of three pyridine complexes. 

The studies of pyridine adsorption on 
Ag(110) (as well as on Ag(311) and 
Ag(210) surfaces) have been performed 
by Hamelin etal. [156-158]. An increase 
in the electrode potential by only 10 mV 
appeared sufficient for pyridine molecules 
to change their surface concentration from 
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zero to the full coverage at the positively 
charged electrode. The C 5 H 5 N molecules 
were then oriented vertically and attached 
to the Ag surface via N atom. It is 
noteworthy that the adsorption energy of 
pyridine on single-crystal Ag electrodes is 
lower by 15-20 kj mol -1 than that for gold 
electrodes. 

Ma and Wu [152] have carried out 
SERS studies on pyridine-iodine charge- 
transfer complex on pc-Ag electrode. 

Shi et al. [159] have performed the time- 
resolved surface-enhanced Raman scatter- 
ing (TR-SERS) investigations of adsorption 
and electroreduction of 4-cyanopyridine on 
Ag electrode. It has been shown that the 
nature of the adsorbed species and the 
reduction products depend on the solu- 
tion concentration. The rate constants of 
the respective reaction steps were deter- 
mined. Li et al. [160] have performed SERS 
and surface-enhanced hyper-Raman scat- 
tering (SEHRS) studies of pyrazine and 
pyridine adsorbed on Ag electrodes. Lopez- 
Tocon etal. [161] have performed SERS 
studied on photoinduced charge-transfer 
processes of 2,4,6-trimethylpyridine on Ag 
electrodes. Charge transfer in SERS, based 
on the spectra of 3,5-dimethylpyridine 
at an Ag electrode, has been discussed 
by Arenas etal. [162]. Bukowska etal. 
[163], using SERS and electrochemical 
techniques, have investigated adsorption 
of 4-phenylpyridine at the Ag/solution 
interface in a wide range of electrode po- 
tentials. 4-Phenylpyridine was adsorbed 
on Ag stronger than pyridine. For satu- 
rated solutions, it has been found that 
4-PhPy molecules undergo reorientation 
from rather “flat” at potentials more 
positive than —0.7 V (SCE), to rather “per- 
pendicular” at more negative potentials. 
Electrochemical reduction of pyrazine on 
Ag electrode has been studied by Brolo 
and Irish [164-167], applying SERS. The 


complete analysis of the SERS response 
of pyrazine, based on a resonant charge- 
transfer mechanism, has been published 
by Arenas etal. [168]. Also Arenas etal. 

[169] have applied the charge-transfer 
mechanism to the explanation of the SERS 
spectra of 2,3-dimethylpyrazine adsorbed 
on Ag electrode. Kudelski and Bukowska 

[170] have employed SERS to analyze 
adsorption of piperidine on a silver elec- 
trode. For this process, relative SERS 
enhancement factors were determined as 
a function of the incident wavelength and 
the applied potential. The effect of charge 
transfer on the Raman intensity was esti- 
mated from these data. Cehn et al. [171] 
have studied the adsorption behavior of 
isoquinoline on Ag surface in HC1 solu- 
tion utilizing SERS spectra. Isoquinoline 
molecule was adsorbed on Ag via Ag— N 
interaction at the perpendicular orienta- 
tion. As the applied voltage was shifted to 
—0.6 V, the strength of this bond declined 
and the molecule orientation was tilted. 

Osaka et al. [172] have also studied the 
adsorption structures of acrylonitrile on 
Ag(lll) and Ag(110) surfaces using IR 
reflection/absorption spectroscopy. Other 
nitrogen compounds are discussed in the 
section devoted to biochemically important 
compounds. 

24.5.3.3 Carboxylic Acids 

Waszczuk et al. [173] have performed ra- 
diometric and voltammetric studies of 
benzoic acid adsorption on a pc-Ag elec- 
trode in contact with 0.1 M HCIO 4 so- 
lution. The electrodes were obtained by 
electroplating Ag black onto a vacuum- 
deposited silver substrate. Benzoic acid 
appeared to be surface active in the en- 
tire range of potentials available at Ag 
in aqueous solutions. Adsorption of ben- 
zoic acid increased as the potential became 
more positive and this surface process was 



fully reversible, regardless of the potential 
range and solution concentration. Apply- 
ing the Langmuir isotherm, the apparent 
Gibbs energy of adsorption was estimated 
and equaled to —31 kj mol -1 . From the 
kinetic analysis, it has been concluded that 
the surface process, rather than diffusion, 
is a rate-determining step in benzoic acid 
adsorption. Parker et al. [174] have stud- 
ied deprotonation of carboxylic acid on 
Ag(110) and Ag(lll) surfaces. 

24.5.3.4 Alcohols 

Adsorption of «-hexanol on Ag(100) and 
Ag(110) from aqueous 0.05 M KCIO 4 
solutions has been studied by Foresti 
et al. [59], who performed capacitive charge 
measurements and compared the re- 
sults with those obtained for Ag(lll). 
The calculated adsorption free energy (at 
the potential of maximum adsorption) 
was AG° ds = —17.7 kj mol -1 for Ag(100), 
compared to — 18.4kJ mol -1 for Ag(lll). 
Adsorption parameters on Ag(100) sur- 
face have been compared to the molecular 
model by Guidelli and Foresti [175]. It has 
been concluded that «-hexanol molecules 
are adsorbed in a flat orientation, sim- 
ilarly as on Hg and Ag(lll). On the 
Ag(110) surface, M-hexanol exhibited negli- 
gible adsorptivity. Based on AG° a <is values, 
the following hydrophilicity sequence has 
been obtained: Hg < < Ag(lll) < Ag(100) 
< Ag(110), with the value for Ag(110) be- 
ing anomalously low. Jurlciewicz-Herbich 
etal. [176] have studied adsorption of 1- 
butanol and 2-butanol on Ag(100) and 
Ag(110) surfaces in two different sup- 
porting electrolytes (NaF and LLCIO 4 ). It 
has been found that for weak interac- 
tions between the alcohols and the metal, 
all interactions occurring in the inner- 
layer region at the electrode contribute to 
the free energy of adsorption; hence, the 
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latter depends on the adsorbate interac- 
tions with water and supporting electrolyte 
ions. 

Wu et al. have studied adsorption and 
reaction of 2 -iodoethanol [177] and ac- 
etaldehyde [178] on Ag(lll). Doubovaet al. 

[179] have studied adsorption of amyl al- 
cohol on Ag(lll) electrodes in 0.05 M 
KCIO 4 solutions and explained the ob- 
served differences and inconsistencies in 
the light of the applied experimental tech- 
nique (e.g. the role of ac frequency) and 
the electrode surface preparation proce- 
dure. Generally, amyl alcohol was ad- 
sorbed less on Ag(lll) than on Hg. 

The electron-induced surface reactions of 
methyl formate [180] and methanol [181] 
on Ag(lll) have been studied by Schwaner 
and White. Foresti et al. [182] have investi- 
gated electrochemically, adsorption of 1,5- 
pentanediol on the Ag(lll) and Ag(110) 
faces. 

24.5.3.5 Sulfur Compounds 

Santos et al. [183] have performed electro- 
chemical and SHG studies of the Ag(lll) 
electrode surface covered with various 
organosulfur compounds. Li et al. [184] 
have studied adsorption of thiophenol, 
4-aminothiophenol and 1,4-dithiobenzene 
on the roughened Ag electrode surface em- 
ploying SERS technique. The substituent 
in the benzene ring affected the orien- 
tation of the molecules: thiophenol ring 
was tilted toward the normal of the elec- 
trode surface, 4-aminothiophenol adopted 
an upright orientation, 2,4-dithiobenzene 
lay flat on the electrode surface, resulting 
in a strong substrate-jr ring interaction. All 
the molecules were adsorbed via the sulfur 
atom by forming the Ag— S bond. Cor- 
relation of electronic and local structures 
of 4-hydroxy-thiophenol on NaCl(100) and 
Ag(100) has been found by Tegenlcamp 
and Pfnur [185]. 
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24.5.3.5.1 Thiourea (TU) Liu and Wu 
[186] have presented the results of SERS 
studies of thiourea (TU) adsorbed on Ag 
electrodes. Zhong et al. [187] have studied 
coadsorption of TU and various electrolyte 
anions. Lukomska and Soblcowski [188] 
have compared the results from elec- 
trochemical impedance spectroscopy and 
radiochemical methods concerning ad- 
sorption of TU on the pc-Ag electrode in 
neutral solution. Adsorption parameters, 
in terms of the Langmuir isotherm, were 
calculated. TU adsorption proceeded in the 
entire range of the applied potentials; it 
was reversible with respect to the electrode 
potential and bulk TU concentration (with 
small amount of TU being irreversibly 
adsorbed). Smolinski and Soblcowski [189] 
have investigated the influence of the Ag 
electrode surface structure on adsorption 
of TU in HCIO4 solution utilizing elec- 
trochemical and radiochemical methods. 
Adsorption of TU was reversible with re- 
spect to the bulk concentration and the 
applied potential in the range of ideal polar- 
izability of the electrodes. The maximum 
surface concentration ofTU followed the 
sequence: Ag(lll) > Ag(100) > Ag (110), 
in agreement with the atom surface den- 
sity of the silver planes. For all planes, 
Gibbs energy of TU adsorption was sim- 
ilar: 25.5 ± 1 kj mol -1 (in terms of the 
Langmuir isotherm). Yagi et al. [190] have 
used sulfur- K near-edge X-ray absorption 
fine structure (S K-edge XAFS) and XPS 
to study molecular adsorption of (CTh^S 
on Ag(lll). The IR reflection/absorption 
spectroscopic studies of the adsorption 
structures of dimethyl sulfide and methyl 
ethyl sulfide on Ag(110) and Cu(110) have 
been published by Kasahara et al. [191]. 

24.5.3.5.2 Alkanethiols and Self-assembled 
Monolayers The number of papers 
on self-assembled monolayers (SAM) on 


silver surfaces is quite small compared 
to the papers concerning gold surfaces. 
This is probably because of the difficul- 
ties in preparing clean and well-ordered 
silver surfaces [192], A large number of 
compounds contain sulfur atoms in their 
molecules that can interact with the Ag 
surface. Hatchett et al. [193, 194] have 
investigated electrochemical oxidative ad- 
sorption of ethanethiolate on Ag(l 1 1 ) . Free 
energy of adsorption of «-alkanethiolates 
at Ag(lll) was determined electrochemi- 
cally [195]. 

Widrig et al. [196] have studied voltam- 
metrically, the SAMs of several 
n -alkanethiols formed on pc-Ag electrodes. 
Analysis of data showed that during ad- 
sorption, the hydrogen of thiol group is 
lost and the sulfur is oxidized by one 
electron. Based on the charge required 
for the reductive desorption of the mono- 
layer, the surface coverage was found to be 
7.0 x 10~ 10 mol cm“ 2 . 

Further, Hatchett et al. [197] have de- 
scribed electrochemistry of sulfur adlayers 
on Ag(lll) and found the evidence for the 
concentration- and potential-dependent 
surface phase transition. Electrochemical 
evidence for the adsorption of alkanethi- 
ols at two sites of the Ag(lll) surface 
has been published by Mohtat et al. [198]. 
X-ray studies of the adsorbed mono- 
layers of 1-octanethiol on Ag(lll) and 
Cu(lll) have been performed by Rieley 
et al. [199]. SAMs of 1,8-octanedithiol 
on Ag(lll) have been investigated, ap- 
plying electrochemical STM by Cavallini 
etal. [200]. Doomes etal. [201] have de- 
scribed anomalous X-ray absorption near 
edge structure (XANES) spectra of oc- 
tadecanethiol adsorbed on Ag(lll). Uibel 
et al. [202], utilizing electrochemical and 
SERS measurements, have determined 
the structure and free energy of adsorp- 
tion of «-alkanethiolates at Ag(lll). Lee 
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et al. [203] have studied nondissociative 
chemisorption of methanethiol on Ag(l 10) 
and compared it with adsorption on 
Cu(110) [204], discussing chemical as- 
pects of the formation of SAMs. The 
structure and electrochemical behavior of 
ethanethiol SAMs on Ag(100) and Ag(lll) 
in 0.1 M H2SO4 have been studied by 
Schweizer and Kolb [192], who have em- 
ployed in situ STM and cyclic voltammetry 
for this purpose. Compared to the iso- 
electronic Au(lll) and despite almost 
identical lattice constants, the structures 
of ethanethiols on Ag(lll) were differ- 
ent and for thiols of longer chains, a 
distorted hexagonal structure (compared 
to the commensurate (V3 x V3) R30° 
structure for Au(lll)) was observed. For 
Ag(100) and Ag(lll), a double-layer ca- 
pacity was equal to 4.4 and 3.4pF cm -2 , 
respectively. These values are consid- 
erably lower than those obtained for 
ethanethiol-modified Au(100) and Au(ll 1) 
(6.5 and 8pF cm -2 , respectively) and 
probably reflect higher packing density 
of ethanethiol on silver surfaces. From 
the charges accompanying reductive des- 
orption, assuming a one-electron process 
and subtracting the double-layer charge 
measured in 0.1 M NaOH, Schweizer 
and Kolb [192] have arrived at a cov- 
erage value equal to 6 = 0.3 (Ag(100)) 
and 6 = 0.37 (Ag(lll)) for the mono- 
layer. On Ag(100), an incommensurate 
structure of a next-neighbor distance of 
0.44 nm was observed, while for Ag(lll) 
a commensurate (V7 x a/7) R19.1° struc- 
ture with two different adsorption sites 
was found [192]. Reductive desorption of 
SAMs of allcanethiols on Ag(lll) and 
Au(lll) electrodes has been studied by Az- 
zaroni et al. [205]. It has been concluded 
that the difference in peak potentials of 
that desorption is determined by the en- 
ergy to introduce an electron into the 


adsorbed alkanethiolate-metal species, the 
desorption energy of the alkanethiolate 
anion, and the solvent/metal interaction 
energy. Also, Hatchett et al. [194] have 
studied oxidative adsorption of ethanoth- 
iolate on Ag(lll) in alkaline solutions, 
utilizing cyclic voltammetry and SERS 
methods. The structure of alkanethiols of 
different chain lengths (from 1 to 11 C 
atoms), adsorbed on Ag(lll), has been 
studied by Heinz and Rabe [206], who 
used ex situ STM. 

24 . 5 . 3.6 Biochemically Important 
Compounds 

Vivoni etal. [207] have employed SERS 
to determine orientation of 6-mercapto- 
purine (6MP) molecules adsorbed on the 
roughened Ag electrode. It has been 
concluded that 6MP are attached head-on 
via N 1 atom when the molecule is adsorbed 
onto a silver electrode surface. 

Using the SERS method, Cunha et al. 
[208] have studied the potential depen- 
dence of thymine coordination on pc-Ag 
electrodes for potentials positive to PZC 
up to the end of the double-layer potential 
range. At less positive potentials, one of the 
ring oxygen atoms was involved in chem- 
ical bonding and the molecule assumed a 
tilted position. In contrast, at more positive 
potentials, one of the ring nitrogen atoms 
(possibly, the deprotonated one) estab- 
lished a new bond with the surface, making 
the molecule’s axis closer to the surface 
normal. Wang et al. [209] have described 
the SERS studies of microperoxidase- 11 
on roughed Ag electrodes. 

Li et al. have performed a compar- 
ative study on the surface-enhanced 
resonance hyper-Raman scattering and 
surface-enhanced resonance Raman scat- 
tering (SERRS) of dyes adsorbed on Ag 
electrode and Ag colloid [210]. 
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Chen et al. [211] have studied the 
orientation of azathioprine adsorbed on 
the Ag electrode using SERS and ab ini- 
tio calculations. Brolo et al. [212] have 
studied adsorption of L-cysteine on a poly- 
crystalline silver electrode utilizing SERS 
and surface-enhanced second-harmonic 
generation (SESHG) methods. L-Cys was 
strongly adsorbed onto Ag and remained 
there up to the potential of —900 mV (ver- 
sus Ag/AgCl). For potentials more positive 
than —650 mV, L-Cys adsorbed with the 
protonated amino group directed toward 
the Ag surface; at more negative potentials, 
reorientation occurred. SERS investiga- 
tion of NAD(+) adsorbed on Ag electrode 
has been performed by Chen etal. [213], 
Cao et al. have published the results of 
SERS investigation of the interaction of 
imidazole with a silver electrode in ACN 
solution [214]. These authors, also applying 
SERS, have investigated interfacial water 
at Ag electrodes in ACN solutions [215], 
Carter et al. [216] have employed SERS 
to determine the orientation of 1- and 
2-methylimidazole molecules at Ag elec- 
trodes. Milkowska and Jurkiewicz-Herbich 

[217] have investigated adsorption of tyro- 
sine on Ag(110) and Ag(lll) surfaces. 

The effect of surface modifiers on 
electrode reactions and conformation of 
cytochrome c(3) adsorbed on Ag electrode 
has been investigated by Hobara et al. 

[218] using SERS and electroreflectance 
voltammetry. It has been shown that redox 
interactions of cytochrome c(3) are more 
reversible at Ag electrode modified with 
11-mercaptoundecanoic acid compared to 
bare metal surface. Using nonresonant 
SERS technique, Niaura etal. [219] have 
studied adsorption of cytochrome c on 
Ag electrode. The analysis performed 
by Wandlowski [220] has evidenced the 
intermediate position of silver in the series 
describing the stability of the condensed 


physisorbed uracil phase: Hg < Ag(lll) 
< Au(lll). Guidelli etal. [221] have 
modeled short- and long-time behavior 
of two-dimensional phase transitions of 
chemisorbed uracil on Ag(lll). Cavallini 
et al. [222] have performed in situ STM 
investigation of uracil on Ag(lll). 

24.5.3.6.1 Adsorption on Modified Ag 
Electrodes Dick et al. [223] have de- 
scribed the SERS studies of cytochrome 
c bound to alkanethiols adsorbed on Ag 
electrodes. The studies were aimed at 
evidencing the distance and orientation de- 
pendence of heterogeneous charge trans- 
fer. Yang et al. [224] have presented in situ 
Raman spectra for the NAD + -modified 
Ag electrode at various potentials. The Ag 
surface was modified with a SAM. SERS 
studies have shown that NAD + molecules 
undergo reorientation or desorption from 
the Ag electrode when potential is shifted 
from —0.5 to 0 V (SCE). Fang etal. [225] 
have studied the adsorption structure of 
RNA triple helix. Williams et al. [226] 
were the first who have observed the 
capping/uncapping by a ligand of Zn por- 
phyrin adsorbed on Ag(100). Redox and 
conformational equilibria of cytochrome 
c(552) adsorbed on chemically modified 
Ag electrode probed by SERS have been 
further studied by Bernad et al. [227] 

24.5.3.7 Other Organic Compounds 

Grochala, Kudelski, and Bukowska [228] 
have described the anion-induced charge- 
transfer enhancement in SERS and SERRS 
spectra of rhodamine 6G on Ag electrode 
as a function of the electrode potential, 
upon addition of chloride and citrate 
anions. In a very recent paper, Brolo 
et al. [229] have discussed the ratio of the 
surface-enhanced anti-Stokes scattering 
to the surface-enhanced Stokes- Raman 



scattering for molecules adsorbed on Ag 
electrode. For this purpose, SERS spectra 
for oxazine 720, rhodamine 6G, and 
pyridine adsorbed on a rough silver surface 
under controlled potential conditions were 
recorded. It has been concluded that 
the main features of the preferential 
enhancement of the anti- Stokes scattering 
for an adsorbed molecule on rough silver 
can be understood in the context of current 
SERS theories. 

Electrochemical, SERS, and surface en- 
hanced resonance Raman (SERR) studies 
of the reduction of methylene blue on silver 
electrode have been published by Nicolai 
etal. [230, 231] 

Itaya et al. [232] have described in situ 
STM investigations of organic compounds 
adsorbed on iodine-modified Au(lll), 
Ag(lll), and Pt(lll) electrodes. 

Guo and Madix [233] have employed 
STM to study adsorption of acetylide on 
Ag(110). They have determined the num- 
ber of metal atoms incorporated in such 
molecular intermediates, as, for example, 
imide, nitrate, and sulfite. Tautz et al. 
[234] have used HREELS to investigate the 
substrate influence on the ordering of or- 
ganic submonolayers. They have also per- 
formed a comparative study of perylene- 
tetracarboxylic-dianhydride (PTC DA) on 
Ag(110) and Ag(lll). The results of the 
studies of ultrathin films of PTC DA 
bear some importance in the context 
of organic epitaxy, which relies on the 
formation of highly ordered interfaces. 
Nowakowski et al. [235] have used STM 
and LEED for the analysis of the or- 
dered structures of nonplanar deriva- 
tive of perylene-tetracarboxylic-diimide 
(PTCDI) on Ag(110). The chosen adsor- 
bate was perylene-3,4.9,10-tetra-carboxylic- 
diimide-di(2,6-isopropylphenyl), which is 
a derivative of organic semiconductor 
PTCDI. The adsorbate exhibited high 
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mobility on the Ag(110) surface at room 
temperature. In the submonolayer regime, 
well-ordered structures were observed. 
Moreover, two different structures were 
distinguished in the monolayer regime, de- 
pending on the preparation procedure. The 
first one was a random structure with the 
molecules lying nearly flat on the surface 
(relative to the perylene core). The second 
one was a closer-packed commensurate 
structure with the molecules of tilted pery- 
lene cores and forming stacks. For the 
second, more densely packed structure, 
flat-lying functional groups overlapped. 

The differences in submolecular image 
contrast between the two structures were 
considered to be a consequence of different 
tilting angles of the adsorbed molecules. 

24.5.4 

Electrode Processes with Participation 
of Silver Electrodes 

24.5.4.1 Reactions Involving Oxidation 
of Ag Surface 

24.5.4.1.1 Oxygen and its Compounds 

Itagaki et al. [236] have studied electrore- 
duction of oxygen at the oxidized Ag 
electrodes using channel-flow double elec- 
trode. The H0 2 “ species was detected 
and the role of preoxidation of Ag elec- 
trode was discussed. Zabarnick et al. [237] 
have applied EQCM to study the silver sur- 
face corrosion and to detect sulfur. Using 
the TR-EQCM, Chen et al. [238, 239] have 
studied the mechanism of silver(I) oxide 
formation on a pc-Ag electrode in alkaline 
solution, in a series of potentiodynamic 
experiments. The first stage of the oxida- 
tion was unambiguously attributed to the 
formation of Ag 2 0 monolayer. In the sec- 
ond oxidation stage, a very small amount 
of Ag or its oxide was dissolved in the so- 
lution and the Ag 2 0 layer thickness was 
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gradually increased. Compact, Ag20 layers 
were formed in the first two stages of the 
oxidation, while Ag 20 formed at more pos- 
itive potential was porous. No species other 
than Ag20 was detected. Anodic behavior 
of Ag electrode in KOH solutions has been 
studied by Bughiu et al. [240]. Nagle et al. 
[241] have investigated a growth of multi- 
layer oxide films on pc-Ag surface in basic 
media, under conditions of repetitive po- 
tential cycling. Depending on the lower 
potential limit of the oxide growth cycles, 
either Ag20 or AgOH predominated. Savi- 
nova et al. [242] have studied the structure 
and reactivity relations for H 2 O 2 reduction 
at Ag electrodes in NaF/NaOH electrolytes 
of various pH. Cyclic voltammetry and ac- 
impedance spectroscopy were used. OH - 
chemisorption was observed in a wide po- 
tential range (between —1.1 andO V (SCE), 
depending upon pH). The occurrence of a 
slow chemical step in the overall reaction 
mechanism has been proved. Its rate was 
strongly affected by the oxidation of the 
surface submonolayer. The proposed reac- 
tion scheme involved the structure of the 
adsorbate layer at the electrode/electrolyte 
interface at various potentials. Flatgen 
etal. [243] have proposed autocatalytic 
mechanism of H 2 O 2 reduction on Ag in 
acidic media, which may produce negative 
differential resistance and current oscilla- 
tions. The proposed mechanism assumed 
the potential-dependent coverage of the 
Ag electrode with the activating adsorbate 
(OH) a< j, which is formed in the course 
of H 2 O 2 reduction as an unstable inter- 
mediate. Experiments, as well as model 
calculations, have been performed. Inter- 
action of oxygen with Ag(110) has been 
studied by Raukema et al. [244]. Adsorp- 
tion of O 2 onAg(llO) has been investigated 
by Bird and Gravil [245]. Formation of 
d-holes at the initial stages of the oxidation 
of Ag(001) has been studied by Benedek 


et al. [246] Cyprian et al. [247] have inves- 
tigated adsorption of atomic oxygen on 
Ag(001) using density-functional theory. 
Altieri et al. [248] have studied morpho- 
logical change of a MgO(OOl) monolayer 
deposited on Ag(001) induced by the ap- 
plication of H 2 O. Jovic etal. [249] have 
performed cyclic voltammetric studies on 
Ag(lll) and Ag(100) faces in NaOH so- 
lutions. In situ Raman spectroscopy was 
used by Savinova et al. [250] to study 
the interface between Ag(lll) electrodes 
and alkaline NaF electrolytes at various 
pH. Submonolayer oxidation started much 
below the bulk silver oxide formation, 
namely, at the potential of ca —0.6 V ver- 
sus Hg/HgO electrode at pH 11. In the 
Raman spectra, the bands attributed to 
Ag— OH stretching and AgO— H bend- 
ing vibrations of electrochemisorbed hy- 
droxide species were identified. Fluoride 
ions stabilized adsorption of hydroxide 
species. A multistep mechanism for the 
formation of hydroxide/ oxide species at 
the Ag surface has been proposed. Us- 
ing ex situ XPS, Savinova et al. [251, 
252] have studied the interface between 
Ag(lll) andan alkaline electrolyte. In their 
earlier studies, Zemlyanov and Savinova 
et al. have observed OH groups incor- 
porated in the Ag(lll) electrode [253]. 
More recently, Savinova et al. [254] have 
discussed the mechanism of Ag(lll) sub- 
monolayer oxidation, applying combined 
electrochemical, in situ SERS, ex situ XPS, 
and UPS. The potential-dependent forma- 
tion of adsorbates was observed above the 
zero-charge point of the Ag electrode for 
OH groups (OlHjJ and oxide-like species 
(0*7). A mechanism of the oxidation of 
Ag(lll) submonolayer has been proposed 
on the basis of combined cyclic voltam- 
metric, in situ SERS, ex situ XPS and UPS 
studies. Danckwerts et al. have published 
the results of electrochemical and SHG 
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studies of the Ag(lll) surface [255] includ- 
ing coadsorption of fluoride and hydroxide 
ions in alkaline electrolytes, for pH rang- 
ing from 5.8 to 14 [256]. It has been found 
that OH - adsorption at Ag(lll)/alkaline 
electrolyte interface is the initial step lead- 
ing to the formation of the surface oxide. A 
rapid transition from the F“ -dominated 
to the OH “-dominated adsorption has 
been observed, as both species remained 
charged upon adsorption. At sufficiently 
positive potentials, yet below the reversible 
potential of the bulk oxide growth, OH 
was discharged, leading to the build up 
of the submonolayer oxide, whereas in 
acidic electrolyte, Ag was dissolved. At 
intermediate pH, the formation of a struc- 
tured OH“/F“ coadsorbed layer has been 
proposed. Shaikhutdinov [257] et al. have 
performed ex situ STM study of under- 
potential oxidation of Ag(lll) electrode in 
alkaline (NaF + NaOH) electrolyte. The 
STM images have shown that the oxida- 
tion of the Ag(lll) surface starts above the 
point of zero charge and proceeds accord- 
ing to the nucleation-growth mechanism. 
It started at the steps and extended to 
the terraces as the electrode potential was 
scanned in the positive direction. In the 
backward potential scan, the initial sur- 
face morphology was restored. Complex 
oxide structures formed during oxidation 
of Ag(lll) and Ag(100) by hyperthermal 
atomic oxygen have been described by Li 
and Yang [258], Carlisle etal. [259] have 
used STM for imaging the surface and 
the interface atoms of an oxide film on 
Ag(lll). Recently, Kunze etal. [260] have 
performed an in situ STM study of the ini- 
tial stages of electrochemical oxide forma- 
tion at the Ag(lll)/0.1 M NaOH interface. 
A comparative study of hydroxide adsorp- 
tion from the mixed NaOH /NaF solutions, 
on Ag(lll), Ag(110), and Ag(100) faces, 
using cyclic voltammetry, ex situ electron 


diffraction, and in situ SHG has been re- 
cently published by Horswell et al. [261]. 
For all silver planes studied, two pairs of 
anodic and cathodic peaks were observed 
in cyclic voltammograms. They appeared 
in the potential range below the equi- 
librium Ag20/Ag potential. These peaks 
were attributed to the specific adsorption of 
OH“ ions followed by submonolayer oxide 
formation. The differences between cyclic 
voltammograms for the (111), (HO), and 
(100) planes were assigned to (1) different 
work functions; (2) surface atomic den- 
sities; and (3) corrugation potentials for 
these surfaces. Furthermore, ex situ LEED 
and reflection high-energy electron diffrac- 
tion (RHEED) studies have shown that 
disordered adlayers are formed on Ag(lll) 
and Ag(100), in contrast to Ag(110), where 
ordered structures are produced in the po- 
tential region corresponding to the first 
pair of voltammetric peaks. In the poten- 
tial range of the second pair of peaks, LEED 
results indicated disordered oxide phases 
present on each crystal plane; RHEED re- 
sults showed the presence of small islands 
of the c(2 x 2) structure at particular elec- 
trode potentials on (110) and (100). Also, 
isotropic (for (111), (HO), and (100) planes) 
and anisotropic (for (110) and (111) planes) 
contributions to the measured SHG in- 
tensity were calculated. Recently, Kokalj 
et al. [262] have investigated adsorption 
of atomic oxygen and its inclusion into 
subsurface sites on Ag(210) and Ag(410) 
surfaces. 

24.5.4.1.2 Sulfur Compounds Electro- 
chemical growth of Ag 2 S on Ag(lll) 
electrodes has been studied using XPS 
by Conyers and White [263]. 

Flatgen et al. [264, 265] have involved 
surface plasmon microscopy to study 
the formation of spatiotemporal potential 
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patterns at a silver electrode during 
reduction of peroxodisulfate. 

24.5.4.1.3 Carbon Compounds Electro- 
chemical behavior of pc-Ag electrodes in 
Na2CC>3 solution and the effect of CIO4 - 
ions have been studied by Ibrahim et al. 
[266] under potentiodynamic and poten- 
tiostatic conditions (the results were sup- 
plemented with X-ray diffraction (XRD) 
analysis). It has been found that the 
active/passive transition (involving forma- 
tion of Ag20 and Ag2CC>3 layers) occurs 
prior to oxygen evolution and that perchlo- 
rate ions stimulate active dissolution of Ag. 
These proceed in the passive region and 
lead to the pitting corrosion. Abd El Rehim 
et al. [267] have investigated further per- 
chlorate pitting corrosion of a passivated 
silver electrode. 

Constant et al. [268] have used HREELS 
to study the formation of carbonate on 
Ag(110). Also, Guo and Madix [269], us- 
ing STM, have investigated the interaction 
of carbonate ions with Ag(110). Oxidation 
of CO by molecular oxygen adsorbed on 
Ag(110), as well as the influence of sur- 
face reconstructions on the CO oxidation 
reaction rate at the O/Ag(110) surface, 
has been investigated by Burghaus and 
Conrad [270, 271]. Later, Barth and Zam- 
belli [272] have employed STM to the 
studies of CO oxidation by molecular 
oxygen at Ag(110) surface in the tem- 
perature range 60-110 K. At the lowest 
temperatures, CO remained weakly bound 
to Ag(110). Striped CO superstructures 
running along the [001] direction were ob- 
served at intermediate coverages, indicat- 
ing weak anisotropic interactions between 
the molecules. Oxidation readily took place 
upon CO exposure, whereby single oxygen 
atoms were identified as an intermediate 
product, which could be further titrated 


with CO molecules. More recently, CO ox- 
idation on Ag(110) has also been analyzed 
by Burghaus et al. [273], who additionally 
discussed the surface reconstruction in re- 
lation to the subsurface oxygen problems. 
Transient CO2 formation has been stud- 
ied under “quasi-steady-state” conditions 
applying surface titrations. The reactiv- 
ity of the surface toward CO oxidation 
was reduced in the course of the develop- 
ing surface reconstruction and a possible 
influence of subsurface oxygen on CO2 
formation rates was excluded. Adsorption 
of oxygen and carbon dioxide on cesium- 
reconstructed Ag(110) surface has been 
studied by Guo and Madix [274]. 

24.5.4.2 Electrode Reactions of Selected 
Organic Compounds, Adsorbed on Ag 
Electrodes 

Jones and Barteau [275] have studied 
the cyclization and related reactions of 
iodoethanol on Ag(110). The mechanism 
of diethyl ether formation on Ag(110) 
and its dependence on the coadsorbed 
oxygen species has been studied by Jones 
et al. [276], 

Ab initio pseudopotential study of de- 
hydrogenation of methanol on oxygen- 
modified Ag(110) surface has been de- 
scribed by Sun et al. [277]. 

24.5.4.2.1 Biochemically Important 
Species 

Bare Ag electrodes. It is noteworthy that 
the recently studied electrode processes of 
organic compounds at pc-Ag electrodes 
involve mainly biochemically important 
species. For example, Zeng et al. [278] 
have investigated the voltammetric behav- 
ior of 2-mercaptopyrimidine (MPD) and 
have found that at appropriate potentials, 
MPD adsorbs on and interacts with the 
electrode to form an insoluble silver salt 
at the surface. The first of two cathodic 
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peaks (—0.66 V) was ascribed to the re- 
duction of this sparingly soluble silver 
MPD compound, whereas the second peak 
(—1.28 V) was attributed to the reduction 
of MPD to pyrimidine. Furthermore, Zeng 
and Purdy [279] have investigated the influ- 
ence of cetyltrimethylammonium bromide 
(CTAB) on the voltammetric behavior of 
a series of thiopurines at Ag electrode. 
In the presence of CTAB, cathodic ac- 
cumulation of thiopurines was greatly 
improved and made the stripping peaks 
increase. Adsorptive voltammetric behav- 
ior of resveratrol (a compound present in 
wine) at Ag electrode has been studied by 
Dong et al. [280]. The Langmuir-like ad- 
sorptive behavior was assumed and the 
free energy of adsorption was calculated 
as —46.21 kj mol -1 at 298 K. Ye and Zhou 

[281] have studied the redox behavior of ty- 
rosinase, applying cyclic voltammetry and 
potential-step chronoamperometry. The 
investigated redox process involved two 
electrons and was quasi-reversible. The lin- 
ear dependence of the measured current 
versus concentration makes the studied re- 
action analytically applicable. Ye and Zhou 

[282] have investigated the electrochem- 
ical behavior of hemoglobin at bare Ag 
electrode, also from the point of view of 
potential analytical applications of this pro- 
cess. A pair of redox peaks was observed at 
+0.26 V (oxidation) and +0.01 V (reduc- 
tion), at a sweep rate of 20 mV s -1 . Cai 
et al. [283] have applied in situ SERS tech- 
nique to study irreversible adsorption of 
hemin and/or its reduced counterpart on 
the roughened Ag electrodes, as a func- 
tion of the applied potential in aqueous 
electrolytes. The standard redox poten- 
tial was found to be —0.12 V (SCE). Fast 
preequilibrium between the electrochemi- 
cally active (monomer) and inactive ( fi-oxo 
dimer) forms of hemin has been proposed. 
Later, Zheng et al. [284] studied adsorption 


of hemin on a roughened Ag electrode. Li 
et al. [285] have described the voltammet- 
ric response of nicotinamide coenzyme I at 
Ag electrode. This compound was directly 
oxidized at a bare Ag electrode at ca 0.23 V 
and the resulting species yielded a ca- 
thodic peak at ca 0.12 V. Raman studies of 
photochemical charge-transfer excitation 
of trans-4-stilbazole at a silver electrode 
have been reported by McMahon et al. 

[286] . Sanchez-Cortes and Garcia-Ramos 

[287] have analyzed the effect of charge- 
transfer mechanism on the SERS response 
of 1,5-dimethylcytosine adsorbed on Ag 
electrodes, as well as on different metal 
colloids. Li et al. have studied electrore- 
duction of phenazine on silver electrodes, 
applying SEHRS and SERS [288]. 

Modified Ag electrodes. A significant 
number of papers have been devoted 
recently to electrode processes of bio- 
chemically important compounds at the 
modified Ag electrodes. Li, Chen, and Zhu 
have studied electrochemical behavior of 
cytochrome c at the imidazole-modified 
silver electrode [289] and electrochemical 
reduction of NAD + at the benzoimidazole- 
modified silver electrode [290]. Imidazole 
reacted with Ag and covered the metal to 
give a stable and long-lasting chemically 
modified electrode, suitable for the elec- 
trode process of cytochrome c (as similar 
to imidazole for NAD + reduction). The 
same electrode was utilized by Li et al. in 
the investigation of redox process of myo- 
globin [291]. Zhu et al. [292] have described 
the voltammetric response of myoglobin at 
a captopril-modified silver electrode. Fur- 
thermore, Li et al. [293] have performed 
electrochemical studies of hemoglobin at 
the L-cysteine-modified Ag electrode. The 
covalent binding of cysteine to Ag sur- 
face via sulfur atom allowed one to obtain 
very stable and long-lasting chemically 
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modified electrode, ensuring an excellent 
voltammetric response in the presence of 
hemoglobin. Zhang et al. [294] have in- 
vestigated the electrochemical properties 
of hemoglobin at silver electrode modified 
with self-assembled lipoic acid monolayer. 
Lipoic acid molecules were strongly ad- 
sorbed at the Ag electrode surface through 
the cleavage of the S— H bond and for- 
mation of the Ag— S bond. Long et al. 
have described electrocatalytic oxidation of 
NAD(P)H [295] and electrochemical re- 
generation of coenzyme NADH [296] on a 
L-histidine-modified silver electrode. They 
have proposed its application to the flow 
detection of this compound. Tian et al. 
[297], using EQCM, have estimated kinetic 
parameters of adsorption of human serum 
albumin onto hydroxyapatite-modified Ag 
electrode. The voltammetric behavior of 
DNA at Ag electrode has also been stud- 
ied by Trnkova [298]. In particular, the 
influence of electrochemical pretreatment 
of silver electrode surfaces, as well as the 
choice of the starting and switching po- 
tentials, on voltammetric signals of DNA 


have been discussed. The conclusion was 
that elimination voltammetry with silver 
electrodes represents a promising alterna- 
tive in the construction of a biosensor for 
nucleic acids. 

24.5.5 

Underpotential Deposition Processes 

Discharge of H + ions reveals the role 
played by the structure of Ag surface 
in the underpotential deposition (UPD) 
of hydrogen. Figure 4 shows that in the 
acidic medium, the activity of the electrode 
surfaces toward H + discharge decreases in 
the series: Ag(lll) > Ag(poli) > Ag(100) 
> Ag(110), following the decrease in the 
surface density of atoms [48, 189]. 

The composition and the structure 
of electrodeposited metallic monolayers 
have always been a subject of intensive 
electrochemical investigations. However, 
the sources of information were limited by 
the number of available electrochemical 
methods. The UPD process on single- 
crystal surfaces (including Ag) has been 
summarized by Jiittner and Lorenz [299] 



Fig. 4 Cyclic voltammograms recorded at single-crystal and polycrystalline Ag 
electrodes in 0.1 M HCIO 4 . Scan rate: 0.1 V s _1 [189], 



already in 1980. At that time, UPD was 
a relatively new field of investigation. 
Recently, owing to the development of 
such spectroscopic surface methods as 
Auger electron spectroscopy (AES), LEED, 
STM, XPS, and XRD (grazing angle X-ray 
diffraction), more complete analysis of 
the structure of metallic monolayers on 
single-crystal surfaces can be performed. 
It is clear now that for the anodic 
electrodissolution of metals, the important 
role is played by the adlayers of various 
species (e.g. iodine on Ag) [41]. A more 
recent review of UPD at single-crystal 
surfaces of Au, Pt, Ag, and other materials 
has been published by Herrero et al. [300]. 

The nature of bonding of the adsorbed 
species to the model cluster of metal 
surfaces can be analyzed in terms of 
the so-called constrained space orbital 
variation (CSOV) method. For halogen 
anions adsorbed on various silver surfaces, 
it has been found that Pauli repulsion, 
metal polarization, and charge transfer to 
the metal surface mainly contribute to the 
binding energy of the ions [104, 301]. 

24.5.5.1 AgUPDonAg 

Garcia et al. [302] have performed an in 
situ STM study of electrocrystallization of 
Ag on Ag(lll) and have shown that Ag 
deposition occurs preferentially at the step 
edges following a layer-by-layer growth 
mechanism. 

24.5.5.2 Ag UPD on Au and Pt 

A series of papers have been devoted to 
the silver deposition on single-crystal sur- 
faces of other metals, mainly Au(lll) and 
Au(100). Zell et al. [303] have performed 
electrochemical in situ STM, cyclic voltam- 
metric, and potential-step studies of phase 
formation during Ag (and Al) electrodepo- 
sition from the room-temperature molten 


24.5 Electrochemistry of Silver | 941 

salts on flame-annealed Au(lll). Cyclic 
voltammograms of Ag on Au(lll) were 
characterized by the adsorption-controlled 
UPD and diffusion-controlled overpoten- 
tial deposition (OPD). In the UPD range, 
two-dimensional Ag islands were formed, 
which merged into a coherent Ag mono- 
layer. Further reduction of the potential 
value was followed by the formation and 
growth of a second monolayer. In the OPD 
range, a diffusion-controlled layer-by-layer 
growth of Ag clusters occurred. Ag UPD 
on Au(lll) and Au(100) has been inves- 
tigated by Garcia et al. [304, 305], who 
employed in situ STM and electrochemical 
techniques for this purpose. Ag UPD was 
found to occur stepwise and similarly on 
both surfaces. On Au(lll), the condensed 
Ag phase was preferentially generated in 
monoatomic steps, whereas on Au(100), 
a simultaneous 2D nucleation of Ag on 
flat terraces was observed. Deposition of 
Ag on the Au(100) surface has been stud- 
ied experimentally by Ikemiya et al. [306] 

(in situ AFM measurements) and theo- 
retically by Gimenez et al. [307, 308]. Also, 
Chabala, Ramadan et al. [309-311] have in- 
vestigated Ag UPD on Au(lll) using XRD 
techniques. Rooryck, Buess-Herman et al. 

[312] have performed Auger electron spec- 
troscopic and LEED studies of the growth 
of Ag on Au(lll), (311), and (554) single- 
crystal surfaces. It has been suggested that 
the growth mechanism depends partly on 
the atomic surface roughness. Rooryck 
etal. [313] have revisited later silver UPD 
on Au(lll) and stepped Au(lll) in sul- 
furic acid using cyclic voltammetry in 
combination with UHV-based methodolo- 
gies. They have shown that the first step 
of silver UPD is strongly dependent on 
the superficial state of the substrate and 
on the formation of an Ag— Au surface 
alloy. In the absence of surface alloy, 
sharp and intense UPD peak at 0.53 V 
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(versus Ag/Ag + ) was associated with the 
deposition of Ag on Au terraces. Poten- 
tial cycling in the UPD region introduced 
some surface defects and gradually trans- 
formed the surface into the surface alloy 
phase, leading to the appearance of a sil- 
ver UPD peak at 0.61 V. These findings 
constituted the basis for the discussion on 
voltammetric data from the previous stud- 
ies on Au(lll). Gimenez et al. [308] have 
performed theoretical (e.g. Monte Carlo) 
considerations of electrochemical phase 
formation for Ag deposited on Au(l 1 1) and 
Au(100). More recently, Kondo et al. [314] 
have employed X-ray scattering techniques 
for the in situ structural study of Ag UPD 
on Au(lll) electrodes in sulfuric acid. 
They have found that Ag monolayer was 
formed in the potential range between the 
second and the third UPD peaks. Also, 
an Ag bilayer was formed in the poten- 
tial range between the third UPD peak and 
bulk deposition potential. Recently, Cercel- 
lier et al. [315] have investigated epitaxial 
Ag ultrathin film grow on Au(lll) using 
STM and angle-resolved photoemission 
spectroscopy (ARPES). Also, more com- 
plex deposition schemes were described. 
Watanabe et al. [316], using EQCM, have 
studied Cu and Ag adatoms at Au(lll) 
in perchloric acid solutions. Takami et al. 
[317] have described the formation of a 
composite Ag— Cu monolayer on Au(lll) 
applying sequential UPD. Wang et al. [318] 
have studied OPD of Ag monolayer and bi- 
layer on Au(lll) mediated by Pb adlayer 
UPD/stripping cycles. 

UPD of Ag onto Au electrodes covered 
with SAM of alkanethiols has been de- 
scribed by Oyamatsu [319]. Hu et al. [320] 
have prepared nanoelectrode ensembles by 
assembling silver colloid and mercaptan 
on a gold electrode. 

Finally, one has to mention an interest- 
ing study [321] of Ag electrodeposition onto 


iodine-pretreated Pt(lll). Spectroscopic 
studies (LEED, AES) have revealed that 
this deposition occurs in four steps: three 
subsequent underpotential processes are 
followed by the deposition of “bulk” Ag, 
while the iodine layer remains attached 
to the outermost layer, regardless of the 
number of Ag layers deposited. 

Ogura et al. [322] have studied hydrogen 
adsorption on Ag (and Au) monolayers 
grown on Pt(lll). 

24.5.5.3 Pb 

Leiva and Schmickler [323] have employed 
the density-functional formalism to in- 
vestigate the electronic properties of Pb 
monolayer deposited on Ag(ll 1) electrode. 
They have predicted the enhancement of 
the signal observed in SHG spectroscopy. 
Stevenson et al. [324] have investigated 
the effect of the surface defect structure 
on the UPD deposition of Pb monolay- 
ers at Ag(lll). Sackmann et al. [325] have 
studied Pb UPD on Ag(lll) and Ag(100) 
using in situ scanning probe microscopy 
(SPM) combined with electrochemical 
impedance spectroscopy (EIS). Relatively 
simple conditions were found for Ag(lll); 
formation of a condensed Pb monolayer, 
starting exclusively at monoatomic steps, 
was observed at low supersaturations with 
respect to the condensed 2D phase. The 
analysis of SPM and EIS data indicated 
that the lateral growth of the condensed 
Pb monolayer preferentially occurred via 
a direct transfer of Pb 2+ from the elec- 
trolyte to the step edges. Smolinski and 
Sobkowski [189] have studied UPD of Pb 
on Ag(lll) and have shown that the de- 
position/dissolution process is reversible 
in this sense that reduction and oxidation 
charges are practically equal (Fig. 5). 

Widmer and Siegenthaler [326] have de- 
scribed STM investigation of Pb adsorption 
on Ag(lll) surface in chloride electrolytes. 



Fig. 5 Underpotential 
deposition of Pb on Ag(l 1 1) 
electrode from 0.1 M HCIO 4 
solution containing 1 x 1CP 3 M 
Pb 2+ [189], 



Obretenov et al. [327] have performed the 
Monte Carlo simulation of UPD in the 
Ag(lll)/Pb 2+ system. Schmidt et al. [328], 
using in situ STM, have studied 2D 
phase formation accompanying Pb UPD 
on Ag(100) and Au(100). Sackmann et al. 
[325] have performed combined in situ 
SPM and EIS studies of Pb UPD on 
Ag(100) and Ag(lll). 

24.5.5.4 Tl 

Waszczuk et al. [329] have carried out 
radiometric studies of UPD of thallium on 
single-crystal Ag electrode from perchloric 
acid solutions. Deposition of Tl on Ag(100) 
to obtain monolayer, bilayer, and bulk 
crystallites has been studied by Wang et al. 
[330]. These studies have shown that apart 
from the substrate geometry, the nature 
of the substrate -adatom interactions also 
influence the structure of the UPD metal 
adlayers. This is because of the fact that, 
contrary to Au and Pt electrodes, Tl forms 
a well-ordered bilayer phase before bulk 
deposition on Ag(100) surface occurs. 

24.5.5.5 Ni 

Morin etal. [331] have studied electrode- 
position of Ni on Ag(lll) under the 
potential-controlled step flow conditions. 
Morin et al. [332], using in situ STM, have 


investigated the formation of ultrathin Ni 
films on Ag(lll) and compared the ob- 
tained results with those of analogous 
studies with Au(lll). At multilayer cover- 
ages, atomically smooth Ni deposits were 
found of a lattice constant close to that 
observed for metallic Ni. More recently, 
Lachenwitzer etal. [333] from the same 
research group have performed the STM 
study of electrodeposition and anodic dis- 
solution of Ni on Ag(lll). Sztyler and 
Budniok [334] have studied the initial 
stage of nickel electrocrystallization on the 
Ag(lll) substrate. Growth, structure, and 
epitaxy of ultrathin NiO films on Ag(001) 
have been studied by Luches et al. [335]. 
The early stages of NiO growth on Ag(001) 
have been studied by Caffio et al. [336], ap- 
plying low-energy ion-scattering, XPS, and 
LEED. 

24.5.5.6 Chalcogenides 

Aloisi et al. [337] have performed in situ 
STM and electrochemical investigations 
of oxidative UPD of sulfur on Ag(lll). 
Electrodepositions of silver selenide [338], 
silver telluride thin films [339], and silver 
selenide nanowires [340] have also been 
described. 

Innocenti et al. [341] have studied de- 
position of CdS and ZnS on Ag(lll), 
employing electrochemical atomic layer 
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epitaxy (ECALE). Thin films of CdS de- 
posited on Ag(lll) have been studied 
photometrically by Innocenti et al. [342], 
as well as electrochemically and micro- 
scopically (STM), by Foresti et al. [343]. 
Atomic structure of ultrathin CdS phase 
deposited on Ag(lll) surface, applying 
ECALE, has been studied via X-ray photo- 
electron diffraction (XPD) by Cecconi et al. 
[344]. Pezzatini et al. [345] have investi- 
gated the formation of ZnSe on Ag(lll) by 
ECALE. Cavallini et al. [346] have involved 
STM to the studies of Se electrodeposition 
on Ag(lll). 

24.5.5.7 Other Elements and Compounds 

Electrodepositions of silver-cadmium 
alloys have also been described [347]. 
Underpotential and bulk depositions of Pb 
on the screen-printed Ag electrodes have 
been described by Zen et al. [348]. Del 
Popolo and Leiva [349] have studied Cu 
deposition on Ag(lll) using embedded 
atom method. In situ STM study of 
the initial stages of Cu electrodeposition 
on Ag(100) has been published by 
Dietterle et al. [350]. A comparative kinetic 
study of Cd diffusion into Au(100) 
and Ag(100) during electrodeposition has 
been described by Vidu et al. [351]. The 
formation of a superficial alloy as a 
result of the initial growth, and the 
structure of Mn on Ag(100), have been 
investigated by Schieffer et al. [352]. Abt 
and Blugel [353] have reported the first- 
principles investigation of the formation 
of Mn/Ag(100) surface alloy. Elmouhssine 
et al. [354] have studied the growth and 
magnetic properties of Mn monolayer on 
Ag(100). Growth of Cr on Ag(001) has been 
investigated by Quinn et al. [355] using 
STM. Epitaxial growth of Cr on Ag(001) 
has been studied by Steadman et al. [356], 
Two-dimensional Ising-type behavior of 
c(2 x 2) antiferromagnetic Mn and Cr 


monolayers on Ag(001) has been studied 
by Hanf et al. [357]. Langelaar and Boerma 
[358] have studied the site exchange and 
mobility of Fe adatoms on Ag(100). Terreni 
et al. [359] have investigated the surfactant 
effect and dissolution of ultrathin Fe films 
on Ag(001). Step decoration of Co on 
Ag(001) has been studied by Dekoster, 
Degroote et al. [360, 361]. Supported 
magnetic Pd nanoclusters on Ag(001) 
have been described by Amitouche et al. 

[362] . Growth and temperature behavior 
of silicon thin films deposited on Ag(001) 
have been investigated by Leandri et al. 

[363] . Simulation of Cu growth on Ag(001) 
at experimental deposition rates has been 
published by Sprague et al. [364]. 

Sawaya et al. [365] have described the 
local density approximation studies of 
semiconductor metal adsorption charac- 
teristics: Ge/Ag(100). 

24.5.6 

Electrodeposition and Electrodissolution 
Processes of Ag 

24.5.6.1 Electrodeposition Processes 

Hasse et al. [366] have used in situ AFM 
for the detection of silver nucleation at 
the three-phase junction of the type: 
metal -silver halide -electrolyte solution. 
At this phase boundary, electrochemical 
reduction of submicrometer size silver 
halide crystals immobilized on the surface 
of gold and platinum electrodes took 
place. Following nucleation, the reaction 
advanced until the entire surface of the 
silver halide crystals was covered with 20 
atomic layers of silver. Then, reduction 
was terminated. The obtained silver layer 
could be oxidized and the next layer of 
silver halide crystals became accessible for 
further reduction. 

Also, single Ag 2 S crystals immobilized 
on gold electrodes with edge lengths of 



about 400 nm were electroreduced to silver 
[367]. In situ AFM images showed the start 
of the reaction at the three-phase junction 
Au— Ag 2 S solution. The initial reduction 
product is a hump of silver atoms, which 
within minutes, recrystallize to a well- 
developed shape of a silver single crystal. 

Initial stages of Ag electrocrystallization 
from silver thiosulfate complexes have 
been studied by Simons et al. [368] and 
Gonnissen et al. [369] The formation of 
subcritical 2D silver clusters, preceding the 
formation of supercritical, stable 3D nuclei 
and their growth, has been suggested. 

Dimitrov et al. [370] have investigated 
initial steps of silver deposition from ni- 
trate solutions on silver and platinum 
substrates. Growth of independent large 
Ag grains was observed at lower over- 
potentials, while at higher overpotentials, 
dendrites were formed. 

Employing in situ optical reflectivity and 
STM, Bahamas et al. [371] have studied 
the surface roughness of an Ag electrode 
during electrocrystallization in cyanide 
electroplating bath. More recently, Bal- 
trunas [372] has considered the role of 
the electrode surface inhomogeneity in 
the electrocrystallization mechanism in 
the silver/ silver -cyanide system. The re- 
action order with respect to CN“ was 
found to be close to 2, which suggests 
a direct participation of Ag(CN) 2 _ com- 
plex in the charge-transfer step. Daujotis 
et al. have studied the mechanism of elec- 
troreduction of silver- cyanide complexes 
in aqueous electrolyte using TR-EQCM 
[373] and SERS [374]. It has been shown 
that side by side with the electroreduction 
of silver-cyanide complexes, oxidation of 
(presumably) adsorbed cyanide ions oc- 
curs [373]. 

Saito et al. [375] have also studied the 
mechanism of silver electrodeposition 
from silver-cyanide complex solutions. 


24.5 Electrochemistry of Silver | 945 

The kinetics of AgCl dissolution in 
aqueous solutions without supporting 
electrolyte have been studied utilizing 
well-defined and high mass transport 
properties of the scanning electrochemical 
microscope [376]. An ultramicroelectrode 
probe positioned close to the AgCl surface 
was used to induce and monitor dissolu- 
tion of the salt via reduction of Ag + from 
the initially saturated solution. 

Scholz and Hasse [377] have shown 
that crystals of metallic silver can be 
grown at liquid/liquid interfaces (water 
with AgNC >3 |«-octanol with ferrocene). De- 
pending on the reactants concentrations 
in both phases, silver crystallized in the 
form of (1) wires (whiskers with radii 
from about 50 nm to 50 pm) growing 
into the organic phase; (2) Christmas tree- 
like deposits at the interface; and even 
(3) extremely smooth films of silver. 

24.5.6.2 Electrodissolution Processes 

Burke and coworkers [241] have studied 
the multilayer oxide films grown on 
silver in base during repetitive potential 
cycling. It was shown, on the basis of 
its reduction behavior, that the type of 
oxide obtained was dependent on the lower 
limit of the oxide growth cycles. Using 
limits of 1.03-2.60 V (SHE) the oxide 
film was assumed to be predominantly 
Ag20, while at limits 0.7-2.60 V, oxide 
deposit was assumed to be AgOH. Both 
types of silver oxides are assumed to be 
involved in premolecular oxidation and 
electrocatalysis at silver in base. 

The mechanism of anodic dissolution 
of silver in cyanide solutions has been 
studied by Bek and coworkers [378-380], 

For example, using [379] the rotating disc 
electrode and pulse potentiostatic method, 
it has been found that the limiting step 
involved the formation, at the electrode 
surface, of the adsorbed complex with two 
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CN“ ions. Anodic dissolution of silver 
electrode in cyanide solutions and also 
the behavior of Ag at potentials preceding 
dissolution have been studied applying 
electrode impedance measurements [381]. 
At potentials of anodic dissolution, the 
process was represented by the equivalent 
circuit with two parallel branches. 

Sun et al. [382] have studied the disso- 
lution behavior of gold and silver from 
Au— Ag alloys in aerated cyanide solutions 
using rotating disc electrodes. 

Also, anodic dissolution of silver in 
ultrasonic field has been studied [383]. 

STM tip-induced local electrochemical 
dissolution of silver has been studied in 
the systems: Ag(lll)/Ag + , CIO4 - and 
Ag(lll)/Ag+, SO4 2 - [384] 

The inhibiting influence of sodium 
diisobutyldithiophosphinate [385] and 
2-mercaptobenzothiazole [386] on silver 
dissolution in aqueous solutions of 
pH = 11 has also been investigated. 
Inhibition was caused by adsorption of 
both compounds, accompanied with the 
displacement of cyanides from the silver 
surface. 

Dissolution of gold and silver from 
Au/Ag alloys in aerated cyanide solutions 
has been investigated, using rotating disc 
electrodes [387]. This process was partially 
controlled by transport of either oxygen or 
cyanide. 

Structural changes of silver terrace 
domains during Ag electrodissolution in 
aqueous perchloric acid at constant anodic 
current density were followed by in situ 
STM sequential imaging [388]. 

Passivation of silver and current oscil- 
lations were observed [389] during anodic 
dissolution of silver in H2SO4 solutions. 
During dissolution of the electrode, silver 
powder was accumulated at the surface, 
which affected diffusion to the electrode 
and led to oscillations. 


As regards other coordination com- 
pounds of silver, electrochemical synthesis 
of metallic (e.g. Ag and Cu) complexes 
of bidentate thiolates containing nitrogen 
as an additional donor atom has been 
described by Garcia-Vasquez et al. [390]. 
Also Marquez and Anacona [391] have 
prepared and electrochemically studied sil- 
ver^) complex of heptaaza quinquedentate 
macrocyclic ligand. It has been shown 
that the reversible one-electron oxidation 
wave at +0.75 V (versus Ag|AgBF4) corre- 
sponds to the formation of a ligand-radical 
cation. Other applications of coordination 
silver compounds in electrochemistry in- 
clude, for example, a reference electrode 
for aprotic media based on Ag(I) com- 
plex with cryptand 222, proposed by 
Lewandowski et al. [392]. Potential of this 
electrode was less sensitive to the impuri- 
ties and the solvent than the conventional 
Ag/Ag + electrode. 

24.5.7 

Silver Compounds at the Oxidation States 
Higher Than I 

Compounds containing silver at the ox- 
idation states higher than I were not 
reviewed in the earlier edition of Ency- 
clopedia of Electrochemistry. Therefore, it 
seems reasonable to fill this gap with some 
fundamental information on the electro- 
chemistry of such species and an account 
of recent achievements made therein. 

One should emphasize that in neutral 
aqueous solutions can only complex com- 
pounds of Ag in such high oxidation states 
exist, as the uncomplexed ions of that type 
oxidize water to oxygen. For example, E° 
(Ag 2+ /Ag+) = +1.980 V (in 4 M HCIO4) 
is higher than E° for MnC>4 _ /Mn 2+ [393]. 
Therefore, although Ag(II) ions can be, 
in principle, obtained by the oxidation of 
Ag(I) by ozone in strongly acidic solution, 



the product is usually unstable. Ag(II) 
stability is increased in phosphoric acid 
media, possibly due to the complex forma- 
tion between Ag(II) and phosphate anions 
[393]. Complex compounds of Ag(II) are, 
as a rule, square planar and paramag- 
netic (fiB ~ 1.7-2. 2 BM) [393]. A variety of 
Ag(II) complexes with heterocyclic amines 
(I A g(Py) 4 ] 2+ , [Ag(bipy) 4 ] 2+ ), with the ac- 
companying nonreducing counteranions 
(N0 3 “, Cl0 4 “, S208 2 ^), have been ob- 
tained by the oxidation of Ag(I) with 
S 2 C> 8 2_ [393]. Also, a violet Ba[AgF 4 ] com- 
pound is known [393]. The importance of 
fluoride Ag compounds at various oxida- 
tion states is also related to their potential 
superconducting properties [394]. Stable 
Ag(II) coordination complexes can also ex- 
ist in a gas phase [395]. 

Recently, Bruckner [396] has collected 
the currently available data concerning 
compounds of silver at untypical oxida- 
tion states higher than 1. Reaction of 
elemental fluorine with finely powdered 
Ag produces Ag n F 2 , which can be fur- 
ther oxidized to the square-planar complex 
ion [Ag m F 4 ] - . By fluorinating the mixture 
of AgN0 3 + KCl at 300 °C, one obtains 
yellow, diamagnetic K[AgF 4 ] compound, 
which is, however, unstable in contact with 
moist air and attacks glass [393]. Further- 
more, using high-pressure fluorine in the 
presence of CsF, even Cs 2 [Ag IV Fg] Ag(IV) 
complex can be obtained [396]. Oxida- 
tion of Ag20 with S 2 O 8 2- at 90 °C in 
strongly alkaline solutions generates the 
mixed-valence species Ag I Ag 1I1 02, some- 
times oversimplified as “Ag n O”. Anodic 
oxidation of Ag in concentrated KOH so- 
lution gives a yellow [Ag(OH) 4 ]~ ion of 
a half-life of ~100 min in 1.2 M NaOH, 
which decomposes to AgO and O 2 [397]. 
Electrodeposition of Ag(II) oxide films has 
been described [398]. Complexes of Ag(III) 
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with various ligands and their reactions, in- 
cluding complexes with polypeptides and 
redox reaction of [Ag(OH) 4 ]“ with thio- 
sulfate and arsenite, have been studied 
by Kirschenbaum et al. [399-402]. Eu- 
jen et al. have synthesized some di- and 
trifluromethylated Ag(I) and Ag(III) com- 
plexes, and performed nuclear magnetic 
resonance (NMR) studies of their struc- 
tures [403, 404]. 

Noteworthy is the fact that in spite of 
high oxidation potential of Ag(II) and 
Ag(III) ions, their complexes with various 
organic ligands are also known. The first 
known compounds of this type are: dia- 
magnetic red ethylenedibiguanidine [393] 
and dibiguanidinium [396] complexes with 
Ag(III). Their stereochemical structures 
are, however, rather uncertain [396]. Later, 
Barefield and Mocella [405] described 
the synthesis of Ag(II) and Ag(III) com- 
plexes with macrocyclic tetraaza ligands. 

More recently, well-defined complexes of 
tetrapyrrolic-based ligands (porphyrin, car- 
baporphyrin, corrole) with Ag(II) and 
Ag(III) have been described (for repre- 
sentative examples, see e.g. Refs 406-410. 

The oxidation kinetics of thiosulfate ion by 
[Ag(cyclam)] 2+ , involving the inner-sphere 
mechanism, has been recently described 
by Ali et al. [411] 

Redox equilibrium of Ag(II)-porphyrin 
/Ag(III) is characterized with E° = 0.59 V 
versus SCE [412]. Evidently, corroles and 
carbaporphyrins are able to stabilize the 
Ag(III) oxidation state, presumably due to 
the presence of n -electron donors, which 
reduce the formal oxidation state of the 
metal in such complex [396]. It is ex- 
pected that such complexes have potential 
practical applications, for example, as the 
catalysts in the electron-transfer reactions. 

Numerous papers devoted to Ag(II) and 
Ag(III) compounds represent coordina- 
tion and analytical chemistry. Below, the 
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recently published papers of special rel- 
evance to electrochemists are discussed. 
Synthesis of aminomethylpiridine and its 
complex with Ag(III) (from AgNC> 3 ) has 
been described by Kahani etal. [413] 
Naumann et al. [414] have described per- 
fluoralkyl compounds of Ag(III). Li et al. 
have used the on-line electrogenerated 
Ag(II) as the oxidant in the flow-injection 
chemiluminescence determination of cap- 
topril [415] and sulfite [416]. Lehmani et al. 
have analyzed oxidation kinetics of wa- 
ter and organic compounds by silver(II), 
potentiometrically [417]. Electrochemistry 
and reaction kinetics of macrocyclic com- 
plexes of Ag(II) and substituted mer- 
captopyridines have been described by 
Hunting et al. [418] Sroczynski and Grze- 
jdzialc [419] have described Ag(I) and Ag(II) 
complexes with some tetraazamacrocyclic 
ligands in aqueous solutions. Electrode- 
position of silver(II) oxide films has been 
described by Breyfogle et al. [398]. Panizza 
et al. [420] have reported electrochemical 
generation of silver(H) at boron-doped 
diamond electrodes. Silver(II) species 
served also as a mediator in electro- 
chemical decomposition of hydrocarbons 
[421]. Graves et al. [422] have described 
electrochemical pretreatment and cat- 
alytic process for acrylonitrile-butadiene- 
styrene, utilizing silver(II) chemistry. Rav- 
era et al. [423] have employed Ag(II) and 
peroxydisulfate reagents in the electro- 
chemically mediated oxidation of pol- 
yaromatic sulfonates. Kumar et al. [424] 
have analyzed the kinetics of oxidation 
of 3-aminopropan-l-ol and related com- 
pounds using Ag(III) species. Zilbermann 
et al. [425] have described electroprecipita- 
tion of Ag(II) /Ag(III) tetraphenylsulfonate 
porphyrin and electrocatalytic behavior of 
the obtained films. Also, an Ag(II) redox 
mediator has been used for electroassisted 
elimination of ruthenium from dissolved 


Ru0 2 x H 2 0 in nitric acid solution. This 
process has potential application in nu- 
clear fuel reprocessing [426]. 
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24.6.1 

Double-layer Properties of Hg/Water 
Interface 


The chapter on the electrochemistry of 
mercury was published in the IX-A volume 
of the Encyclopedia of Electrochemistry of the 
Elements [1] in 1982. At that time, mercury 
was probably the most often used elec- 
trode material. Hence the relevant chapter 
contained numerous data on standard and 
formal potentials in aqueous and nonaque- 
ous solutions, voltammetric characteristics 
of mercury and double-layer properties of 
mercury/solution interface, electrochem- 
ical studies involving anodic dissolution 
and cathodic deposition of mercury, as 
well as examples of use of mercury and 
its compounds in applied electrochem- 
istry. At present, however, it is clear that 
since the time that elapsed from pub- 
lishing of that chapter, mercury as an 
electrode material partially lost its im- 
portance compared to solid (particularly 
single-crystal) noble metals or carbon (in 
electroanalysis) electrodes. The number of 
papers on the electrochemistry of this 
element is therefore also appropriately 
smaller than for other electrode materi- 
als, such as gold. However, a literature 
survey shows that a number of papers 
dealing with analytical studies of various 
compounds at mercury electrodes is still 
significant. Discussion of all these ana- 
lytical papers is beyond the scope of this 
review, which is essentially focused on 
physicochemical aspects of electrochem- 
istry of mercury published in the last 
decade. In some cases, the papers present- 
ing analytical aspects of electrochemical 
processes at Hg electrodes are also briefly 
discussed. 


24.6.1 .1 Potential of Zero Charge 

Undoubtedly, the mercury/aqueous solu- 
tion interface, was in the past, the most 
intensively studied interface, which was 
reflected in a large number of original and 
review papers devoted to its description, 
for example. Ref. 1, and in the more re- 
cent work by Trasatti and Lust [2] on the 
potentials of zero charge. It is noteworthy 
that in view of numerous measurements 
of the double-layer capacitance at mercury 
brought in contact with NaF and Na 2 SC >4 
solutions, the classical theory of Grahame 
[3] still holds [2]. According to Trasatti [4], 
the most reliable PZC value for Hg/H20 
interface in the absence of specific adsorp- 
tion equals to —0.433 ± 0.001 V versus 
saturated calomel electrode, (SCE); resid- 
ual uncertainty arises mainly from the 
unknown liquid junction potential at the 
electrolyte solution/SCE reference elec- 
trode boundary. 

24.6.1 .2 Surface Charge Density 
and Capacitive Current 

R. A. Osteryoung and coworkers [5] have 
performed chronocoulometric measure- 
ments of surface charge density at a 
controlled-growth mercury electrode. Af- 
ter initial formation and equilibration 
of the mercury drop, it was expanded 
by further addition of mercury and the 
charge corresponding to the new area 
was directly measured. The obtained value 
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was used to estimate the surface charge 
density. Experimental studies were associ- 
ated with numerical modeling, assuming 
stepwise spherical expansion of mercury 
drop. Spectral analysis of the noise was 
also performed. More recently, Brito et al. 
[6] have published a paper on accurate de- 
termination of surface charge density at 
mercury electrode by extrusion of mer- 
cury drops. The proposed method was free 
from the faradaic component contribution, 
originating from traces of electroactive 
species. This procedure involved the newly 
designed hanging mercury drop elec- 
trode (HMDE). 

A novel method for the determination of 
surface charge density at a HMDE coated 
with a self-assembled phospholipid mono- 
layer mimicking a biological membrane 
has been described by Becucci etal. [7] 
Charge density was calculated by integrat- 
ing the capacitance current, which flows at 
the constant potential as a consequence of 
slight contraction of mercury drop. 

Although the charging of the mercury 
surface seems to be a well-understood 
process, it has appeared recently that the 
impedance characteristics of the capaci- 
tance current at the streaming mercury 
electrode are not fully recognized yet. 
Jurczakowski and Orlik [8] have found in 
pure supporting electrolyte solutions that 
the capacitive current, which permanently 
charges fresh portions of the flowing mer- 
cury even under potentio static conditions, 
causes the impedance response qualita- 
tively equivalent to that of the faradaic 
process with charge transfer as the rate- 
controlling step. The corresponding equiv- 
alent circuit for pure capacitive response 
included parallel connection of differential 
double-layer capacitance Ca, and virtual 
resistor /?a = (2 tt rC^v) -1 , where r and v 
denote the radius of the mercury stream, 
and the flow rate of mercury, respectively. 


24.6.1 .3 Experimental and Theoretical 
Studies of the Hg/Water Interface 

Arihara et al. [9] have monitored in 
situ the Hg— Au electrode surface in 
HCIO4 solutions applying infrared reflec- 
tion/absorption spectroscopy (IRAS). It 
has been found that the adsorption state of 
water molecules on Hg changes depend- 
ing on the applied potential. The Hg-water 
interaction was considered stronger than 
the Au-water interaction. The structure 
of water within the dense part of elec- 
trical double layer at mercury electrode, 
in a wide range of surface charges, has 
also been analyzed theoretically by Naz- 
mutdinov and Borisevich [10]. They used 
classical Monte Carlo method and ab initio 
quantum-chemical approach to calculate 
the potential for the interactions with the 
metal. It has been found that to theoret- 
ically explain earlier experimental data, it 
is sufficient to invoke dipole reorientation 
and the behavior of hydrogen bonds be- 
tween H2O molecules in a monolayer; any 
additional hypotheses on phase transitions 
are not necessary. 

Damaskin and Grafov [11] have com- 
pared the Gonzalez-Sanz theory of the 
diffuse layer with the experimental data 
concerning mercury electrode capacitance 
in aqueous solutions of Na2SC>4 and 
La2(SC>4)3. It has been shown that the 
Gonzalez-Sanz theory is rigorously consis- 
tent with the Gibbs adsorption equation, if 
the thickness of the inner part of the dou- 
ble layer (in the surface-inactive electrolyte 
solution) is independent of the electrode 
charge and the solvent concentration in 
the diffuse layer remains invariant. Fur- 
thermore, the experimental dependence of 
the capacitance of an uncharged mercury 
electrode on the concentration of aque- 
ous solutions of Na2SC>4 and La2(SC>4)3 
was found to be in better agreement with 
the Gonzalez-Sanz theory than with the 



classical Gouy-Chapman-Grahame theory. 
Eck and Spohr [12] have summarized ear- 
lier calculations and performed their own 
computer modeling of hydrated Li+, F _ , 
and Cl - ions in the proximity of a mercury 
electrode. In most simulations, a sim- 
ple rigid crystal model of mercury was 
assumed (it was also shown that the wa- 
ter structure is not strongly affected if 
a more realistic liquid model is used). 
The differences between the ions were ex- 
plained in terms of solvation and steric 
interactions. 

Cecchi etal. [13] have studied the in- 
fluence of alkali halide compounds on 
photocurrent accompanying emission of 
electrons from dropping mercury elec- 
trode into water. Cathodic photocurrent 
was observed when the electrode was irra- 
diated with UV light in nonfaradaic region 
of the polarographic curve in ultrapure wa- 
ter deaerated with pure hydrogen and in 
the absence of scavengers of hydrated elec- 
trons. After small additions of alkali metal 
halide compounds, the photocurrent was 
increased to an extent depending on the 
nature of alkali metal cations. In contrast, 
the current was decreased at concentra- 
tions exceeding 10 -4 M. 
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24.6.2 

Double-layer Properties of Hg/Nonaqueous 
Media Interface 

An increasing interest in nonaqueous me- 
dia, which began in the seventies of the 
XXth century, also resulted in the ex- 
tended studies on the properties of the 
relevant Hg| solvent interface. Most of the 
papers discussing the dependence of E pzc 
of Hg on the solvent used were published 
in the eighties [2]. The pzc values for 
selected solvents, including water for com- 
parison, are collected in Table 1. They are 
expressed versus standard hydrogen elec- 
trode (SHE) and, in order to eliminate the 
unknown liquid junction potential, also 
versus the bis(biphenyl)chromium(l)/(0) 
standard potential, that was assumed to 
be solvent independent. 

Systematic thermodynamic studies on 
the Hg| solvent interface led to the con- 
clusion that entropy of its formation is 
always positive and lower than in the solu- 
tion bulk, what suggests certain “structure 
making” effect of Hg for these solvents [2]. 

The Hg| solvent interface was intensively 
studied in, for example, various alcohols. 

For example, in EtOH and MeOH, sim- 
ilar data for double layer were obtained; 


Tab. 1 Selected £ pzc values for Hg|solvent interface [2], expressed versus standard hydrogen 
electrode and bis(biphenyl)chromium(l)/(0) (BBCr) reference electrode 


Solvent 

Electrolyte 

Epz c/V 

versus aqueous SHE 

Epzc (±0.07 V)/V 
versus BBCr (±0.01 V) 

h 2 o 

NaF 

-0.192 ± 0.001 

0.458 ± 0.001 

Acetonitrile 

UCIO 4 

-0.03 

0.56 

Dimethylsulfoxide 

IJCIO 4 

-0.08 

0.52 

/V,/V-Dimethylformamide 

UCIO 4 

0.00 

0.51 

Propylene carbonate 

NaCI0 4 

-0.08 

0.59 

Methanol 

KF 

-0.05 

0.51 

Ethanol 

UCIO 4 

-0.05 


n-Propanol 

UCIO 4 

-0.07 
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explanation for the small differences 
obtained (including higher capacitance at 
pzc in EtOH compared to MeOH) was the 
subject of controversy. Although some of 
them could be attributed to the difference 
in the size of EtOH and MeOH molecules, 
one should emphasize that the double- 
layer thickness was not equal to the real 
cross section of the solvent molecules. For 
EtOH, the following sequence of the sur- 
face activity of anions has been proposed: 
BF 4 - < C10 4 - < Cl - < Br“ < I" [2], 

Systematic studies on double-layer prop- 
erties of mercury in contact with various 
nonaqueous solvents were being carried 
out up to the beginning of the nineties 
of the twentieth century. A comprehen- 
sive survey of the obtained data and of 
the concepts used for their description is 
given in Ref. 2. At present, such studies 
are being undertaken rather occasionally. 
Adsorption of dimethylsulfoxide (DMSO) 
on mercury electrodes has been stud- 
ied by Motheo and Gonzalez [14]. The 
Hg|0.15 M Na 2 SC >4 (DMSO) interface was 
studied using the electrode charge den- 
sity as the independent electrical variable. 
The observed adsorption behavior was 
governed by the Frumkin isotherm. Fur- 
thermore, it has been found that DMSO 
molecules, upon adsorption under the 
applied conditions, undergo partial reori- 
entation. 

Recently, Fuchs et al. [15], using the 
streaming mercury electrode and applying 
the Henderson equation, have determined 
the pzc value in the solutions of tetraethy- 
lammonium perchlorate in DMSO as 
-0.515 ± 0.001 V (versus Ag/0.01 M Ag+ 
(DMSO) reference electrode). This value 
was corrected for the liquid junction po- 
tential and was independent of tetraethyl 
ammonium perchlorate (TEAP) concen- 
tration within the range: 0.02 to 0.75 M. 
Using the same methodology, Kisova et al. 


[16] have determined pzc for 0.1-1.0M 
sodium perchlorate solutions in DMSO as 
-0.527 ± 0.002 V (versus Ag/0.01 M Ag+ 
(DMSO)). 

24.6.3 

Adsorption and Electrode Reactions at Hg 
Surface 

24.6.3.1 Deposition and Underpotential 
Deposition of Hg on Various Electrodes 

One of the subjects that is still quite 
intensively developed (using electrochem- 
ical methods frequently combined with 
nonelectrochemical techniques) concerns 
reduction of Hg compounds at various 
surfaces (e.g. Pt or Au), with the em- 
phasis laid on underpotential deposition 
(UPD) of mercury. Deposition of mercury 
on other metals is generally important for 
better understanding of the mechanism of 
the formation of amalgams. Moreover, un- 
derpotential Hg deposition characteristics 
constitute a significant source of informa- 
tion on Hg-metal interactions. In turn, 
mercury film electrodes obtained by such 
deposition have a significant application in 
electrochemical analysis of various species. 

24.6.3.1.1 Underpotential Deposition of 
Mercury on Gold Electrodes Earlier stud- 
ies of UPD of mercury were carried 
out applying only classical electrochemi- 
cal methods and polycrystalline electrodes. 
The results have shown that UPD of Hg 
is accompanied by adsorption of mercury 
ions. 

Salie and Bartels [17-20] have consid- 
ered the process of Hg UPD from Hg(I) 
and Hg(II) perchloric acid solutions as pro- 
ceeding in partial charge-transfer steps. 
The authors, in order to explain differ- 
ent experimental results, have assumed 
two-step process. In the first step, an inter- 
mediate is adsorbed at the gold surface and 



the accompanying charge transfer is about 
0.53e per mercury atom. At this stage, 
there is an interaction with Au atoms and 
with the species present in the solution. 
In the second step, full discharge of the 
intermediate species and formation of a 
full monolayer of mercury atoms occur. 

Shay and Bruckenstein [21] have made 
an attempt to determine Hg(I) adsorption, 
which accompanies coulostatic UPD of 
mercury on gold, using electrochemical 
quartz crystal microbalance (EQCM). It 
has been found from ex situ EQCM that the 
mass change accompanying coulostatic 
deposition of mercury corresponds to 
the formation of one monolayer of Hg 
(1.7 x 10 “ 9 mol cm' 2 ), with the additional 
adsorbed layer of Hg 2 SC >4 (2.9 x 10 -1 ° 
mol cm -2 ). Hg 2 S0 4 remained adsorbed 
on Hg even after rinsing the electrode 
with water. 

In the recent years, single-crystal 
electrodes and new techniques, such as 
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scanning tunnelling microscopy (STM) 
and atomic force microscopy (AFM), and 
others, have been utilized in the stud- 
ies of UPD of mercury, for example, on 
Au(lll) [22-26]. In these papers, Abruna 
and coworkers have used, apart from elec- 
trochemical methods, X-ray diffraction and 
scattering techniques also. Cyclic voltam- 
mograms recorded using Au(l 11) in 0.1 M 
H 2 SO 4 containing 1 mM Hg 2+ are shown 
in Fig. 1. 

Two pairs of sharp peaks around 
+0.93 V (see inset) correspond to ad- 
sorption of preadsorbed sulfate ions and 
deposition of Hg 2 S 0 4 . The shape of 
these spikes suggests that these pro- 
cesses are fast. An ordered coadsorbed 
structure of Hg 2 S 04 was observed at po- 
tentials +0.80 < E < +0.88 V. Broad peak 
at +0.60 V corresponds to the deposition 
of the first Hg monolayer, which is com- 
pleted at +0.52 V and reflected as sharp 
spikes, together with the onset of amalgam 


Fig. 1 Cyclic voltammogram of 
Au(l 1 1) electrode in 0.10 M sulfuric 
acid containing 1.0 mM Hg 2+ ; scan 
rate: 2 mV s -1 . Inset: voltammetric 
profile over the potential range: +1 .05 
to +0.70 V versus Ag/AgCI (3 M KCI) 
(from Ref. 23). 



[V] 
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formation. Broad shape of peaks in the po- 
tential range +0.50 to 0.70 V may suggest 
that these processes are slow, possibly due 
to the existence of intermediate states dur- 
ing reduction of Hg(I) to Hg(0) [17-20]. 
The authors have observed three UPD 
phases in 0.1 M H 2 SO 4 , at potentials pre- 
ceding bulk mercury deposition. These 
phases consisted of two well-ordered in- 
termediate states, which appeared to be 
either a fully discharged two-dimensional 
liquid Hg layer, or an amorphous Hg— Au 
monolayer [23]. Both intermediate phases 
had hexagonal structures with the lattice 
vectors rotated 30° with respect to those of 
the Au(lll) substrate. The first phase oc- 
curred at the potential of +0.68 V (versus 
Ag/AgCl with 3 M KCl); it was metastable 
and underwent transition to the second or- 
dered phase either at +0.68 V after longer 
waiting, or by moving the potential to 
less positive value (+0.63 V). Similar to 
the first phase, the second one was also 
metastable and might be transformed to 
the final, fully discharged state, being ei- 
ther a two-dimensional liquid Hg layer, or 
an amorphous Hg— Au layer. This process 
agreed well with the mechanism found 
by Salie and Bartels for polycrystalline Au 
electrode. The mechanism for the studied 
process can be represented by the follow- 
ing reactions: 

S0 4 2- 

2Hg 2 + (soln) + 2e < > 


(Hg 2 S0 4 )(ads) 

( 1 ) 

i(Hg 2 S0 4 )(ads) + 0.47e < » 


(Hg/UPD-I) 

( 2 ) 

Hg/UPD-I + 0.53e 1 > 


Hg/UPD-II 

(3) 

Hg/UPD-II 1 > Hg°/UPD 

(4) 


Earlier, the first stage of Hg UPD on 
Au(lll) in 0.10 M H 2 S0 4 with ImM 
Hg 2 + was studied by the same authors [22], 
who used synchrotron, X-ray scattering 
techniques, including grazing incidence 
X-ray diffraction and specular crystal- 
truncation rod measurements. An ordered 
coadsorbed structure of sulfate /bisulfate 
anions and mercury cations was found at 
the potentials between the first and the 
second Hg UPD peaks. The charge corre- 
sponding to the first UPD peak suggested 
that the coadsorbed structure is proba- 
bly Hg 2 S 0 4 . These results were consistent 
with those obtained for the chloride and 
acetate solutions [24]. Also, the voltammet- 
ric results were compared to the recent 
results from in situ AFM, STM, and sur- 
face X-ray scattering, in order to look for 
a correlation between the found voltam- 
metric data and the surface structures 
and their transformations. The authors 
[22, 24] have proposed the following ex- 
planation for the observed processes. At 
potentials more positive than the first UPD 
peak, an ordered sulfate adlayer exists. The 
onset of mercury deposition triggers an or- 
der/disorder transition that, in turn, gives 
rise to the formation of the first set of UPD 
peaks. As the monolayer deposition is com- 
pleted, again a disorder/order transition 
occurs and the second set of peaks appear. 
The adlayer is composed of Hg 2 S0 4 with 
coadsorbed H 3 CH ions. A further voltam- 
metric characteristic is the disappearance 
of the ordered coadsorbed structure. The 
final process is the completion of the mer- 
cury monolayer, followed by the formation 
of a mercury-gold amalgam. 

The same group of researchers [25] 
has performed studies of Hg UPD on 
Au(lll) in the presence and absence 
of strongly interacting anions, such as 
bisulfate, chloride, and acetate. 



Abruna et al. [26] have carried out in 
situ surface X-ray diffraction studies in 
the following solutions: 0.1 M H 2 SO 4 , 
0.1 M HCIO 4 , 0.1 M HCIO 4 with 1 mM 
NaCl, and acetic buffer (0.1 M acetic 
acid +0.1 M sodium acetate). They have 
found that anions strongly determine the 
structure of Hg overlayer. As before, three 
ordered structures were found in sulfuric 
acid solutions. The overlayer structure in 
0.10 M HCIO 4 was dominated by trace 
amounts of Cl - ions and was similar to 
that observed in the solution containing 
1.0 mM chloride ions. In acetate solutions, 
an incommensurate hexagonal lattice was 
found for a bilayer structure, which was 
likely formed by HgCH jCOO complexes. 
The lattice constant varied dramatically in 
a wide range of electrode potentials, which 
suggests that the charge of the deposited 
Hg atoms changed with the potential. In all 
four used electrolytes containing different 
anions, Hg UPD appeared to follow a 
common mechanism with desorption of 
preadsorbed anions at the initial step and 
a subsequent deposition of a coadsorbed 
layer comprising mercury-anion neutral 
species. 

Hg UPD on Au(lll) electrodes in the 
presence of bisulfate anions has been 
studied by Abruna et al. [27] in order to 
illustrate the effects of the partial charge, 
retained by the metal, on the interac- 
tions between the adsorbed metal and the 
anion. In order to obtain structural in- 
formation on the adsorbed species, the 
authors have carried out grazing incident 
X-ray diffraction measurements at several 
potentials. Three ordered structures were 
observed depending on the applied po- 
tentials, which were adjusted from cyclic 
voltammograms. At the early stages of 
Hg UPD, when mercury was still partially 
charged, an ordered mercurous-sulfate bi- 
layer structure was formed at the electrode 
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surface. At more negative potentials, two 
additional ordered hexagonal mercury ad- 
layers were formed, which interacted with 
the anions only slightly. 

Herrero and Abruna [25] have also stud- 
ied the kinetics and mechanism of Hg 
UPD on Au(lll) electrodes in the pres- 
ence and absence of bisulfate, chloride, 
and acetate ions. In the absence of the in- 
teracting anions (in perchloric acid), the 
Hg UPD was significantly controlled by 
gold-mercury surface interactions. In sul- 
furic acid solutions, the kinetics of the 
initial and final stages of mercury deposi- 
tion/dissolution was altered. The presence 
of two well-ordered structures at potentials 
below and above mercury deposition led to 
the formation of two pairs of sharp spikes 
in cyclic voltammograms. In the chloride 
medium, the voltammetric profile exhib- 
ited two sharp peaks and thus it was very 
similar to that obtained in sulfuric acid 
solution. Neither nucleation, nor growth 
kinetics mechanism was found to be linked 
to the process of formation/disruption of 
the mercury chloride adlayer. The tran- 
sients obviously deviated from the ideal 
Langmuir behavior. 

The kinetics of Hg UPD in acetate me- 
dia is clearly slower than in the previous 
media, as voltammetric and chronoamper- 
ometric measurements have revealed [26]. 

A delicate interplay between the presence 
of the strongly interacting anions and ki- 
netics and structure of electrochemically 
induced phase transitions has been shown. 

One should add that Abruna and cowork- 
ers have described UPD of Hg on various 
Au (h,k,l) electrodes in a review paper [28]. 

They have also studied UPD of other met- 
als at various single-crystal metal surfaces. 

Inulcai et al. [29] have carried out UPD 
of mercury also on Au(lll) and have 
investigated this process by in situ STM 
in sulfuric and perchloric acid solutions. 
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In sulfuric acid solution, the structure 
observed at potentials more positive than 
the first UPD peak was assigned to the 
adsorbed bisulfate ions. After the first 


UPD peak, two domains: 


2 0 
3 3/2 


and 


1 1 
4 4 


, were located always on the same 


terrace. In HCIO 4 solution, a different 


structure of 


0 

2 


2 

1 


was found after 


the first UPD peak. These findings have 
proved again that there is a large influence 
of anions on the UPD structure. 

Abaci et al. [30] have studied the in- 
fluence of temperature on Hg UPD at 
Au(lll) electrodes. Deposition was carried 
out in various solutions containing anions 
differently interacting with the studied 
system: Cl 04 ~ ions (HCIO 4 ) were prac- 
tically inert, SO 4 2- (H 2 SO 4 ) interacted 
with the Au(lll) substrate, and C 2 H 3 O 2 - 
(HC 2 H 3 O 2 ) interacted with the dissolved 
Hg 2+ ions. At the constant THg, the 
temperature dependence of cyclic voltam- 
metric potentials was constructed. From 
the obtained plot, entropy (ASf c (upd)) 
and enthalpy (A// r ®(upd)) for Hg UPD 
were found to be: entropies —30.9 and 
— 18.3 J mol -1 k -1 , and enthalpies —182 
and — 184 kj mol -1 in perchloric acid 
and sulfuric acids, respectively. In acetic 
media, these thermodynamic parameters 
were strongly pH dependent. 

Finally, one should mention that Hg 
UPD on Au(lll) proceeds differently on 
the neighboring metals in the periodic 
table, such as Tl, Pb, and Bi. UPD layers of 
T1 and Pb, just prior to the bulk deposition 
on Au(lll), were found to be compressed 
by only about 3% as compared to the bulk 
values, and decreased with the decreasing 
electrode potential. At the same time, two 
ordered Hg UPD phases had expanded 
structures compared to the frozen bulk 
Hg [23], 


24.6.3.1.2 Film Electrodes and Related Hg 
Electrodes Mercury films were pre- 
pared on reticulated vitreous carbon flow- 
through electrodes by Hg deposition from 
Hg 2+ solutions in acetic buffer [31]. Such 
an electrode was designed for the purposes 
of trace metal analysis. Mercury film de- 
position/oxidation on reticulated vitreous 
carbon and glassy carbon electrodes were 
compared. 

Daujotis et al. [32] have described the use 
of electrochemical quartz microbalance for 
the quantitative studies on monolayer ad- 
sorption on working mercury electrodes. 
Mercury was deposited on Pt at neg- 
ative potentials (—0.4 to —0.5 V versus 
Ag|AgCl|KCl sa t)- In order to avoid unde- 
sirable transformation of mercury into, 
for example, larger droplets, the thick- 
ness of mercury film could not exceed 
20 nm. Then, the linear dependence of 
the frequency change on the added mass 
was achieved. Applicability of such an 
electrode for EQCM measurements has 
been demonstrated by performing elec- 
troreduction of Pb(II) and T1(I), as an 
example. 

Deposition of mercury at boron-doped 
diamond (BDD) and platinum elec- 
trodes has also been studied [33]. De- 
position and oxidation of mercury was 
performed by cyclic voltammetry from 
the solution of 1 mM Hg 2 (ClC> 4)2 in 
1 M NaCl 04 . In order to learn more 
about this deposition, it was carried out 
also under chronoamperometric condi- 
tions. The results obtained are shown 
in Fig. 2 in the form of dimension- 
less current-time transients. Experimental 
curves obtained at two different overpoten- 
tials were compared with the theoretical 
curves calculated for instantaneous and 
progressive nucleation. A good agree- 
ment of experimental plots with the in- 
stantaneous nucleation mechanism was 
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Fig. 2 Comparison of the 
experimental dimensionless 
current-time transients for 
electrodeposition of mercury 
onto boron-doped diamond 
electrode with the theoretical 
transients for instantaneous 
(upper curve) and progressive 
(lower curve) nucleation; 
overpotentials: (x) 0.862 V and 
(♦) 0.903 V (from Ref. 33). 



Fig. 3 A comparison of cyclic 
voltammograms obtained at the 
scan rate of 20 mV s _1 for 
reduction of 

Hg(ll)-mesoporous silica 
(dotted line, Hg(ll) = 4%) and 
1.0 x 10 ~ 3 M Hg(ll) solution at 
a carbon paste electrode 
without mesoporous silica 
(solid line, current axis x 3) in 
aqueous 0.1 M NaCIC >4 + 1 .5 M 
HCIO 4 (from Ref. 38). 



Potential (vs Ag/AgCI) 
[V] 


found. One failed to describe deposition 
of Hg from Hg 2+ solution either by 
instantaneous or progressive nucleation 
mechanism [33]. 

Wang et al. [34] have introduced a new 
heated mercury film electrode based on a 
screen printed carbon substrate. It was 
used in anodic stripping and exhibited 
a significantly improved signal-to-noise 
ratio. A directly heated mercury film 
electrode for anodic stripping voltammetry 
has been described by Jasinski [35]. 
Different factors influencing the quality 
of analytical determination have been 
investigated. Renewed mercury electrodes 
and examples of their various applications 
have been reviewed in Ref. 36. Lovric and 
Scholz [37] have discussed the conditions 


and the reasons that make anodic stripping 
voltammetry of mercury possible at the 
trace level also. 

Bond et al. [38] have described a com- 
posite carbon paste electrode with meso- 
porous silica and Hg 2+ metal ions 
adsorbed on the surface. The peak cur- 
rent recorded under cyclic voltammetric 
conditions was proportional to the amount 
of cation adsorbed on silica up to the 
surface saturation level, and also to the 
hydrogen ion concentration. Typical curve 
recorded using such electrodes is shown 
in Fig. 3 (dotted line). 

For a comparison, a cyclic voltammo- 
gram recorded at carbon paste electrode 
without mesoporous silica is also shown. 
In this case, 10“ 3 M Hg 2+ was present 




968 | PART B: Electrochemistry of Cold, Silver, Mercury 

in the aqueous solution containing 0.1 M 
NaClC>4 and 1.5 M HCIO4 as background 
electrolytes. 

In case of Hg 2+ adsorbed on silica, 
electroreduction was quasi-reversible and 
proceeded in two well-defined one-electron 
steps, according to the equation below: 

Hg 2+ + e Hg+ + e Hg° 

(5) 

For the conventional carbon paste and 
Hg 2+ in the solution, reaction occurs in 
one step: 

Hg 2+ + 2e Hg° (6) 

This can be seen in the cyclic curve 
in Fig. 3. In this voltammogram, relatively 
large anodic peak of mercury stripped from 
the paste electrode surface is observed. 
The presence of relatively stable Hg(I) at 
mesoporous silica carbon paste electrode 
may be due to adsorption. 

The improvement in the preparation of 
renewable and reproducible mercury film- 
covered carbon paste electrode for use in 
anodic stripping voltammetry has been re- 
ported in Ref. 39. Mercury salts (mercuric 
oxalate) distributed in the electrode bulk 
served as a source of mercury. 

Wang and Tsai [40] have described 
voltammetric behavior of chlorhexidine at 
film mercury electrodes in the aqueous 
medium. 

Camarero etal. [41] have prepared 
graded cadmium- mercury- telluride thin 
films (Cd.vHgi-.vTe) applying cathodic 
electrodeposition at variable deposition 
voltage. Atomic proportions of mercury 
in the range 0.05-0.15 were considered. 

It is noteworthy that Scholz and cowork- 
ers [42] have studied electrochemical re- 
duction of submicrometer size Hg2Cl2 and 
Hg2Br2 crystals immobilized on the sur- 
face of gold and platinum electrodes. The 


process started at the three-phase junction, 
where the three phases: metal, mercury(I) 
halide, and electrolyte solution met. Dur- 
ing deposition on gold electrodes, liquid 
mercury was transformed into a solid crys- 
talline gold amalgam electrode. In case 
of Pt, liquid mercury wet the platinum 
surface. 

A Hg|Hg 2 C 2 0 4 secondary electrode has 
been proposed [43] for the potentio- 
metric determination of the oxalate ion 
concentration. 

24.6.3.2 Adsorption and Electrode 
Reactions of Inorganic Ions and 
Coordination Compounds of Metal Ions 

Safavi and Gholivand [44] have stud- 
ied electrochemical reduction of mercury 
complexes with 2-aminocyclopentene-l- 
dithiocarboxylic acid (ACD = L) and its 
selected derivatives at mercury electrodes 
in DMSO. Reduction of Hg(ACD)2 pro- 
ceeded in a single 2-e step: 

Hg(ACD) 2 + 2e 2 ± Hg + 2ACD^ 

(7) 

Hg(I) possibly participated as an inter- 
mediate. As a complementary study, redox 
behavior of the ligands themselves was 
investigated in DMSO solutions at Hg elec- 
trodes. 2-e oxidation of mercury proceeded 
according to the EC mechanism i.e. in- 
volving electrochemical step followed by 
chemical process: 

Hg + 2IT Hg n L 2 + 2e (8) 

HgL 2 + Hg 2Hg I L (9) 

Also, electroreduction of such complexes 
was studied at mercury electrodes. 

The effect of the condensed adsorption 
layer on hydrogen evolution at mercury 
electrode has been studied by Ponomarev 
etal. [45]. 



Andrade and Molina [46] have per- 
formed electrochemical impedance studies 
of mercury electrodes with hematite parti- 
cles adhered at different electrode poten- 
tials. Adhesion of such particles was strong 
and the decrease in the impedance was ac- 
companied by an increase in the number 
of attached particles. Experimental results 
were analyzed in terms of an equivalent cir- 
cuit including the constant phase element 
(CPE), the magnitude of which appeared 
to be directly related to the electrode cover- 
age. A pore model for the metal/hematite 
particles interface has been proposed. 

Anastopoulos etal. [47] have analyzed 
interfacial rearrangements of triphenyl- 
bismuth and triphenylantimony at mer- 
cury electrode in nonaqueous solvents 
of high dielectric constant. These phe- 
nomena were detected as the peaks in 
the capacitance-potential curves at inter- 
mediate negative potentials for triphenyl- 
bismuth and triphenylantimony in N- 
methylformamide, AhA-dimethylforma- 
mide, dimethyl sulfoxide, propylene car- 
bonate, and methanol solutions. 

Ramirez et al. [48] have studied ad- 
sorption of Ni(II)-dimethylglyoxime com- 
plex on mercury in ammonia and borate 
buffers using voltammetry and differen- 
tial capacity measurements. Adsorption 
was found reversible and was governed 
by the Frumkin adsorption isotherm. The 
value of interaction parameter pointed 
toward the presence of attractive forces 
between the adsorbed molecules. The 
value of standard Gibbs energy of ad- 
sorption was close to those found for 
pentanol and hexanol. Later, Ramirez 
et al. [49] have investigated adsorption of 
Ni(II) -dimethylgly oxime complex on mer- 
cury in the same buffers. Electroreduction 
of the complex proceeded via reduction of 
Ni(II) to Ni with the simultaneous decom- 
position of the ligand. 
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Sander and Henze [50] have per- 
formed ac investigations of the adsorp- 
tion potential of metal complexes at 
Hg electrode. Later, Sander etal. [51] 
have studied electrosorption of chrom- 
ium-diethylenetriaminepentaacetic acid 
(DTPA) on mercury in 0.1 M acetate buffer 
at pH 6.2 using a drop-time method. The 
changes in the interfacial activity of the 
Cr(III)-DTPA complex with the bulk con- 
centration obeyed the Frumkin adsorption 
isotherm. 

Lobacz et al. [52] have described partial 
adsorption ofTl + -cryptand (2,2,2) complex 
on mercury electrode. From voltocoulom- 
etry, cyclic voltammetry, and chrono- 
coulometry, it has been deduced that 
electroreduction of this complex proceeds 
via two parallel pathways: from the solu- 
tion and from the adsorbed states, which 
are energetically close. Also, Damaskin 
and coworkers [53] have studied adsorption 
of the complexes of alkali metal cations 
with cryptand (2,2,2) using differential 
capacity measurements and a stationary 
drop electrode. It has been found that 
these complexes exhibit strong adsorp- 
tion properties. Novotny et al. [54] have 
studied interfacial activity and adsorp- 
tive accumulation of U 02 2+ -cupferron 
and UC> 2 2+ -chloranilic acid complexes on 
mercury electrodes at various potentials in 
0.1 M acetate buffer of pH 4.6 and 0.1 M 
NaClC> 4 , respectively. 

Kariuki and Dewald [55] have studied 
current oscillations accompanying reduc- 
tion of indium(III) and gallium(III) in 
diluted chloride and nitrate solutions at 
a dropping mercury electrode. 

Oscillations have also been reported for 
O 2 /O 2 - redox reaction in quinoline media 
on HMDE, liquid Hg, and solid Hg-coated 
electrodes [56]. 

Acceleration and the associated os- 
cillatory behavior of electroreduction of 
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H 2 O 2 on Hg-adatom-modified polycrys- 
talline Au electrodes have been described 
[57, 58], 

Concerning more general application of 
mercury electrode in the studies on com- 
plexation equilibria, one should mention 
the paper by Jaworski et al. [59], who have 
investigated oxidation of mercury micro- 
electrode in solutions with thiocyanates 
without any background electrolyte added. 
In the experiments, normal pulse voltam- 
metry and staircase voltammetry were 
used. The authors have developed a gen- 
eral procedure for the determination of the 
stability constants, based on the data taken 
from the voltammograms. They have ap- 
plied it to the analysis of Hg(II)-SCN~ 
complexes. 

Bell et al. [60] have generated two 
complexes by anodic oxidation of mercury 
in the presence of a saturated acetonitrile 
solution of l-methylimidazoline-2(3//)- 
thione. Their crystalline structure has been 
analyzed. 

Stepnicka et al. [61] have synthesized 
mercury(II) complexes with l'-(diphenyl- 
phosphino)ferrocenecarboxylic acid and 
studied their structure and electrochemical 
properties. 

Also, Yam and Cheung [62] have car- 
ried out the synthesis of a series of 
novel polynuclear mercury(II) diimine 
complexes with bridging chalcogenate lig- 
ands and studied their luminescence and 
electrochemical properties. 

Complex formation of Hg 2+ , Zn 2+ , and 
Pb 2+ with polyacrylic and polymethacrylic 
acids has been studied [63] voltammet- 
rically, using mercury drop and glassy 
carbon rotating disk electrodes. The for- 
mation constants of these complexes were 
calculated. 

Electrochemical synthesis and struc- 
tural characterization of zinc, cadmium, 
and mercury complexes of heterocyclic 


bidentate ligands (N, S) have been de- 
scribed by Sousa-Pedrares et al. [64]. 

24.6.3.2.1 Analytical Applications In ad- 
dition to the above-mentioned analytical 
aspects of the processes at Hg elec- 
trodes, in this section, we briefly review 
the papers focused on the subject of the 
affinity of various compounds to the mer- 
cury electrode surface, which allowed one 
to elaborate stripping techniques for the 
analysis of inorganic ions. Complexes of 
some metal ions with surface-active lig- 
ands were adsorptively accumulated at 
the mercury surface. After accumulation, 
the ions were determined, usually apply- 
ing cathodic stripping voltammetry (CSV). 
Representative examples of such an analyt- 
ical approach are summarized as follows. 

Wang et al. [65] have described adsorp- 
tive stripping determination of uranium 
and chromium complexes with, for exam- 
ple, propyl gallate, after their adsorptive 
accumulation. Sensitive voltammetric de- 
termination of S 2 O 3 2- was performed, 
based on its electrosorption properties and 
utilizing the CSV analytical signal [ 66 ]. 
Also, Novotny and Krista [67] accumulated 
S 2 O 3 2- on mercury electrodes by apply- 
ing a potential of £ ac = 275 mV (versus 
Ag/AgCl). Reduction peak of the deposit 
was formed at —0.38 V. Strong adsorption 
of S 2 O 3 2- was reflected in electrocap- 
illary curves at potentials more positive 
than —0.4 V (SCE) in 0.1 M acetate buffer 
of pH 4.4 up to approximately —50 mV 
(SCE), where faradaic processes affected 
the y versus E dependence. The poten- 
tial of maximum adsorption was found to 
be —60 mV (SCE). After differentiation of 
the surface pressure 7 1 versus log c depen- 
dence, the adsorption isotherms obeying 
the Frumkin relation were obtained. At 
is max, adsorption coefficient f equaled 
105 m 3 mol -1 . 



Safavi et al. [68] have described an 
indirect method for the determination of 
CN“ ions and HCN. The method utilized 
the effect of cyanide on cathodic adsorptive 
stripping peak height of Cu-adenine. 

The Co(II) -phenylthiourea-borax buffer 
system has been studied applying CSV 
at HMDE [69]. An irreversible peak ob- 
served at —1.5 V was attributed to the 
catalytic hydrogen evolution. The first re- 
duction step, combined with the adsorptive 
accumulation of herbicide metribuzin at 
mercury electrode, has been used for 
its determination by adsorptive stripping 
voltammetry [70]. 

Fraga et al. [71] have proposed a new 
stripping voltammetric method for the 
determination of titanium and Co(II) [72] 
based on the adsorptive accumulation of its 
hydroxynaphthol blue complex on a static 
mercury drop electrode. 

Traces of sulfides were determined by 
CSV at pH 10 in the presence of cobalt(II) 
ions. Cobalt sulfide was accumulated at 
—0.5 V (versus SCE), probably in the form 
of colloidal particles occluded into the 
mercury sulfide layer [73]. In the cathodic 
scan, CoS catalyzed evolution of hydrogen, 
which was reflected in the current peak at 
about —1.6 V. 

Accumulation of Cu(II) complexes with 
xanthine and xanthosine has also been uti- 
lized in stripping analysis [74]. Copper(II) 
indapamide complex was adsorptively ac- 
cumulated at a HMDE and used for the 
determination of the ligand in the cathodic 
stripping step [75]. 

Ivanov and Kaplun [76] used catechol 
in the determination of vanadium by 
adsorptive stripping voltammetry. It has 
been shown that the studied electrode 
process comprised one-electron reversible 
reduction of vanadium(IV) triscatecholate, 
previously accumulated at the electrode. 
It has also been found that the reduced 
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species, vanadium(III) complexes, were 
not accumulated. 

Trace mercury determination by differ- 
ential pulse (dp) anodic stripping voltam- 
metry on polythiophene-quinoline/glassy 
carbon modified electrode has been re- 
ported [77]. 

Mercury electrodes were also polarized 
anodically in the solutions containing 
NaOH, HC10 4 , NaCl, Nal, NaF, Na 2 S0 4 , 
NaHCC> 3 , Na 2 C 03 , and tartaric and citric 
acids [78]. The solutions contained only 
one species, or the mixture of species, and 
no supporting electrolyte was added. For 
many of the above salts, linear calibra- 
tion plots were obtained and, therefore, 
analytical possibilities were discovered. 
Anodization of mercury was also carried 
out in the real samples (wine, rain, tap and 
mineral water). 

The construction and behavior of a 
mixed binder carbon paste electrode con- 
taining dimethylglyoxime have been de- 
scribed [79]. Such an electrode was used 
for CSV determination of mercury(II) and 
other metal ions. They were accumulated 
at the electrode surface during preconcen- 
tration step and later reduced from their 
complexes in the cathodic step. 

Also, sodium montmorillonite-modified 
carbon paste electrode has been used for 
the determination of trace concentrations 
of mercury [80]. Hg 2+ was preconcentrated 
at the electrode, reduced, and then stripped 
from the electrode surface in the positive 
potential scan. At a glassy carbon electrode 
modified with dithizone, mercury has been 
determined, applying anodic stripping 
voltammetry [81]. 

24.6.3.3 Adsorption and Electrode 
Reactions Involving Organic Compounds 

Recently published studies on adsorp- 
tion of organic compounds on mercury 
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electrodes cover a relatively wide spec- 
trum of substances, ranging from simple 
molecules to more complex compounds, 
and also of biochemical and/or phar- 
maceutical importance. Investigations of 
these compounds were performed either 
in the aqueous or nonaqueous media. 
It is noteworthy that a significant num- 
ber of studies have been devoted to the 
sulfur-containing compounds. Typically, 
sulfur compounds or the products of their 
electrode processes adsorb or even form 
solid deposits at the mercury surface. 
For example, Mirceski et al. [82], apply- 
ing polarography and cyclic and square- 
wave voltammetry at mercury electrodes, 
have described electrochemical behavior 
of three sulfur-containing drugs of differ- 
ent molecular structures. Adsorption and 
formation of insoluble salt at the electrode 
surface in this respect have been discussed. 


These processes were fast (reversible). 
Cathodic reduction of Hg(Et 2 dtp )2 exhib- 
ited analogous behavior. 

Bond and coworkers [85] have extended 
earlier [83] polarographic studies over 
a wider temperature range from 20 to 
—60 °C. Assuming reversibility (processes 
1 and 2), and considering the case of 
mercury oxidation in the presence of 
Et 2 dtp“ , half-wave potentials depended on 
Et 2 dtp~ concentration: 


(^l/2)p r °cess 1 — C 1 j [ ( Et2 dtp ) ] 

(13) 

r , 

( £ l/2)process 2 = C 2 + — In [( Et 2 dtp) ] 

(14) 

where ci and C 2 are constants. The 
shapes of the waves were different. The 
corresponding I versus E dependencies 
were described by the expressions: 


24 . 6 . 3 . 3.1 Organic Compounds 
Containing Sulfur, Selenium, and Tellurium 

Anodization of Hg electrode Polaro- 
graphic studies [83, 84] have revealed that 
in the presence of Et 2 dtp“ (Et 2 dtp~ = 
S 2 P(OEt) 2 , o,o-diethyldithiophosphate) in 
acetone mercury is oxidized in two consec- 
utive steps: 

2Hg° + 6[Et 2 dtp]- 2[Hg(Et 2 dtp)3]“ 
+ 4e (process 1) (10) 

2[Hg(Et 2 dtp) 3 ]- + Hg° 

3Hg(Et2dtp)2 + 2e (process 2) (11) 

Overall: 

Hg° + 2[Et 2 dtp] _ 

Hg(Et 2 dtp) 2 + 2e (12) 
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(16) 


Additionally, the wave height ratio (pro- 
cess 1 : process 2) was predicted to be 2 : 1. 
Ey 2 values for the process 1 were al- 
most independent of temperature (versus 
ferrocene electrode), and for the pro- 
cess 2, shifted to negative potentials as 
the temperature was lowered. Adsorp- 
tion was enhanced significantly at lower 
temperatures, as noted previously for the 
room temperature [83, 84]. The third wave 
was observed close to the mercury elec- 
trode oxidation process. It was attributed 
to the formation of cationic mercury- 
rich dithiophosphate compounds, formed 
by oxidation of the mercury electrode 
and analogous to those characterized 



for mercury dithiocarbamates [86-88]. 
There was no abrupt change in either 
the role or the nature of the electron 
transfer step at mercury electrode at 
the freezing point of mercury in both 
noninteracting (ferrocene) and interacting 
systems. Hg(Et 2 dtp) 3 _ was thermodynam- 
ically stable from 25 to — 80 °C. Optical 
studies of mercury microelectrodes have 
shown that their passivation, enhanced 
at low temperatures, is accompanied by 
the changes in the appearance of the 
surface. 

Amino acids Cystine and cysteine are the 
amino acids, which have been the most 
extensively studied. Cathodic stripping of 
several sulfur compounds, including cys- 
teine, cystine, and methionine has been 
described [89]. Voltammetric peaks were 
formed after accumulation at the con- 
stant potential. In case of cystine and 
cysteine in buffer of pH = 8.5, the po- 
tential of accumulation was 0.0 V versus 
SCE, while cathodic peaks were observed 
at about —0.55 V. The most important 
works on cystine reduction at mercury 
have been published by M. Heyrovsky 
etal. [90, 91]. They have found that cys- 
tine reacts chemically with mercury to 
give an adsorbed mercuric cysteine thi- 
olate. Later, Heyrovsky and coworkers [92] 
have studied anodic reactions of cysteine at 
mercury electrodes, using several electro- 
chemical methods. Two separate steps of 
mercury oxidation to cysteine mercurous 
and mercuric thiolates were distinguished. 
Both these compounds appeared to be 
strongly adsorbed at mercury electrodes. 
At low coverages of the electrode with the 
mercury-containing product, mercuric thi- 
olate was formed by disproportionation of 
the adsorbed mercurous thiolate at the po- 
tentials of the second step. Under such 
conditions, only one electrode reaction 
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was observed. The authors have found 
that during the first step in acidic solu- 
tions, the molecules of mercurous cysteine 
thiolate in the compact film are perpendic- 
ularly oriented on the electrode, exhibiting 
strong lateral interactions. In alkaline so- 
lutions, S and N atoms of cysteine bind 
monomeric mercury(I). At the potential 
close to that of total mercury oxidation, 
the formation of cysteine mercuric thio- 
late occurs in the solution, followed by its 
adsorption at the electrode surface. Hey- 
rovsky and Vavricka [93] have shown that 
adsorption and anodic reactions of homo- 
cysteine with mercury differ from those 
involving cysteine, due to slight differ- 
ences in its hydrophilic properties and 
the structure of complexes with metal 
ions. 

Proteins, enzymes Adsorption and elec- 
troreduction of proteins at mercury elec- 
trodes have been reviewed by several 
workers. Our short summary is partly 
based on the paper by Honeychurch [94]. 
Kuznetsov et al. [95] have suggested that 
the segments of the protein that inter- 
act with the surface, belong to relatively 
hydrophobic regions and they either de- 
nature or unfold following irreversible 
adsorption on mercury surface. Proteins 
spread on mercury electrodes [96] and 
form a layer of 8 - 10 A in thickness, corre- 
sponding to the single polypeptide chain. 

This phenomenon is known as surface 
denaturation. Adsorption area and, con- 
sequently, the extent of denaturation are 
decreased with an increasing specific ad- 
sorption of the anion. The dependence 
of the molecular weight versus adsorp- 
tion area shows that the proteins of large 
molecular weight (above 15 kD) behave 
differently from the smaller proteins [94], 
as they possibly do not denaturate and 
spread on mercury to the same extent as 
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smaller proteins do. It has also been sug- 
gested [94] that for adsorption of larger 
proteins, only the subunit attached to the 
surface denature. This makes the avail- 
able adsorption area smaller than that 
predicted from the molecular weight ver- 
sus adsorption area relation for smaller 
proteins. 

Proteins can adopt several conforma- 
tions at the electrode following adsorption, 
depending on which part of the molecules 
is initially bound to the electrode surface. 
In consequence, the number of electroac- 
tive disulfide bonds is a mean of the num- 
ber of electroactive bonds corresponding 
to all possible conformations. Conforma- 
tional variations of the adsorbed disulfide- 
containing proteins make the accessibility 
of disulfide bonds to the electrode sur- 
face to vary and may produce noninteger 
n values for the reduction process. 

Honeychurch and Ridd [97] used 
chronopotentiometry to study reduction of 
five disulfide-containing proteins (bovine 
serum albumin, insulin, ribonuclease A, 
transferrin, and trypsin) adsorbed on 
HMDE. All studied proteins exhibited a 
reduction step at —0.6 V (versus SCE), due 
to reduction of disulfide groups. 

The same authors [98] have presented a 
method for the estimation of the number 
of electroactive disulfide bonds in proteins 
adsorbed on mercury. The developed 
approach was based on the assumption 
that electroactive disulfides are located in 
more hydrophobic regions of the protein 
molecule. 

Analogous to the electrode behavior of 
cystine and cysteine, one may expect chem- 
ical reaction occurring between mercury 
and protein disulfide bonds. Honeychurch 
and Ridd [99] have proved the correctness 
of such reaction pathway, applying poten- 
tiometric stripping analysis to investigate 


chemical oxidation of electrolytically re- 
duced disulfide bonds. 

Electroreduction of iron-free apo- 
ferredoxins has been studied by Ikeda 
et al. [100]. They have proposed the fol- 
lowing pathway for the reaction occurring 
at —0.6 V versus SCE: 

RSHg + e > RS _ + Hg (17) 

RS“ + H+ » RSH (18) 

Also, different metallothioneins, a group 
of peptides and proteins, which play an 
important role in metabolism of metals 
in living organisms, have been studied 
[101, 102]. In the range of more anodic 
potentials, cyclic voltammograms recorded 
in the absence of metal ions were similar 
to those obtained for disulfide-containing 
proteins. The presence of metal ions in the 
solution shifted the voltammetric peaks, 
depending on the stability of the formed 
complex. 

Egodage et al. [103] have described a 
novel application of monoclonal antibod- 
ies for the probing of conformation and 
orientation of the adsorbed protein us- 
ing cytochrome c(3) films on mercury 
electrode. Antibodies were utilized to 
confirm the presence of three confor- 
mationally distinct electrochemical forms 
of cytochrome dependent on the applied 
potential. 

Chen and Abruna [104] have stud- 
ied, using ac and dc cyclic voltammetry, 
interfacial interaction between the ad- 
sorbed porcine pancreatic phospholipase 
A 2 and mercury. The authors have pro- 
posed reaction mechanism based on the 
interaction of cystine residues (disulfide) 
with mercury. They have found that sur- 
face reactions are complex and that sev- 
eral factors influence their mechanism. 
Their results and observations agree with 
the reaction pathway postulated for the 
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cystine/cysteine system at mercury elec- 
trodes: 

RSSR + Hg^(RS) 2 Hg (ads) (19) 

(RS) 2 H g(ads) + Hg o 2RSHg (ads) (20) 
(RS) 2 Hg (ads) +2H+ + 2e-^ 

2RSH (pS ) + Hg (21) 

RSH S(ads) + H + + e RSH (ps) + Hg 

( 22 ) 

Subscript (ads) denotes adsorption via 
a thiolate linkage, while (ps) stands 
for a physisorbed and/or adsorbed state 
via different interactions. However, large 
dimensions of the studied molecules and 
their amphiphilic nature make the surface 
reaction mechanism more complex than 
in case of cystine/cysteine. Interfacial 
micro structure plays an important role in 
the determination of the surface behavior 
of the adsorbed molecules. From the 
study on the charge-transfer kinetics, the 
transfer coefficient a was calculated as 
slightly less than 0.50, while the rate 
constant (based on Laviron’s derivations 
[105]) was of the order of 10~ 3 s _1 . The 
same authors [106] have shown earlier that 
the adsorption rate constant of porcine 
pancreatic phospholipase A 2 at mercury 
via one of its disulfide groups is of the 
order of 10 4 s _1 . 

Yang and Zhu [107] have studied, ap- 
plying several electrochemical methods 
and mercury electrodes, electrochemical 
behavior of pharmaceutically important 
dipeptide captopril. In acidic solution, 
one-electron transfer led to the forma- 
tion of a univalent mercury- sulfur com- 
pound, which was strongly adsorbed at 
the electrode surface and gradually trans- 
formed into the divalent mercury- sulfur 
compound. 


Nucleic bases, nucleotides, and thiolipids 

Self-assembled surface layers of 6- 
thioguanine (6TG) on mercury electrode 
have been described and electrochemically 
characterized by Arias et al. [108, 109]. 
Several condensed phases of chemically 
adsorbed 6TG have been described. It has 
been found that under conditions of com- 
plete coverage, the films of chemisorbed 
molecules significantly inhibit mercury 
oxide formation at the electrode [108]. 
The self-assembled monolayer had no 
influence on the rate of outer-sphere 
processes, but strongly inhibited inner- 
sphere processes [109]. Arias etal. [110] 
have also given an electrochemical char- 
acterization of the mixed self-assembled 
monolayer comprising chemisorbed 6TG 
and physisorbed guanine molecules at a 
HMDE. The mixed monolayer was in- 
vestigated, applying chronoamperometry, 
cyclic voltammetry, and phase-sensitive 
ac voltammetry. Compact packing of the 
molecules within the film was found. 
Ex situ measurements in the presence of 
dissolved oxygen have proved that the 
mixed monolayer was stable in the so- 
lution free of 6TG and guanine. Madueno 
etal. [Ill] have also studied adsorption 
and phase formation of 6TG on mer- 
cury electrode. At high potentials, the 
molecules were chemisorbed and were 
able to form a self-assembled monolayer. 
When the potential was scanned to more 
negative values, reductive desorption of the 
monolayer was observed. Cathodic voltam- 
metric peaks, which are typical of a 2D 
condensed phase transition, divided the 
potential window into two regions: one, in 
which self-assembled monolayer was sta- 
ble, and the second, in which a physisorbed 
state existed. 

Some bioelectrochemical applications 
of self-assembled films on mercury (in- 
cluding among others, chlorophyll and 
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channel-forming gramicidin) have been 
described by Guidelli et al. [112]. 

Recently, Moncelli etal. [113] have de- 
scribed tethered bilayer lipid membranes 
self-assembled on Hg surface. In order to 
incorporate integral proteins in their func- 
tionally active state, metal-supported lipid 
bilayers must have a hydrophilic region in- 
terposed between the bilayer and the metal. 
An appropriate hydrophilic molecule must 
be terminated at one end with either 
sulfhydryl or disulfide group that anchors 
this hydrophilic spacer to the metal sur- 
face. The other end of the hydrophilic 
spacer may be covalently linked to the po- 
lar head of a phospholipid molecule, giving 
rise to a supramolecular “thiolipid”. Com- 
pared to gold, mercury has an advantage of 
providing a defect-free and fluid surface for 
the self-assembling spacer. The use of thi- 
olipids allowed one to obtain particularly 
stable mercury-supported lipid bilayers. 

Heyrovsky etal. [114] have shown 
that voltammetric behavior of isomeric 
end-labeled- SH deoxyoligonucleotides on 
HMDE depends on the dislocation of the 
electroactive components along the strand, 
as well as on their adsorptivity compared 
to the adsorptivity of other parts of the 
molecule. 

Other sulfur-containing compounds Par- 
do et al. [115] have studied electrochemical 
oxidation of 2-mercaptopyridine N-oxide 
on Hg electrodes in aqueous solutions. 
It has been found that anionic form 
of this compound was oxidized to yield 
a radical. At low concentration, oxida- 
tion was reversible and the radical was 
strongly adsorbed. At high concentrations, 
this process was accompanied by diffu- 
sive reversible oxidation. Reorientation of 
the adsorbed 2-mercaptopyridine N-oxide 
molecules on Hg electrodes in the pres- 
ence of Triton X-100 has been studied 


by Mellado and Galvin [116]. Safavi and 
Gholivand [117] have shown that reduc- 
tion of di(2-iminocyclopentylidine mer- 
capto methyl) disulfide to its monomer 
in DMSO is not a simple two-electron 
transfer process, but it occurs via mercury 
complex formation. Calvente etal. [118] 
performed voltammetric study of the oxi- 
dation of 2-mercaptoethyl ether adsorbed 
on mercury. They have shown that the pro- 
cess involves one electron and is followed 
by fast reversible dimerization. Later, Gil 
etal. [119] (the same research group) per- 
formed voltammetric studies on surface 
redox processes perturbed by dimeriza- 
tion and adsorption of the products. They 
have theoretically predicted voltammetric 
behavior of 3-mercaptopropanol on mer- 
cury as a function of the solution pH. 
Mandler and coworkers [120] have stud- 
ied the formation and organization of 
self-assembled, monolayers of alkanethiols 
and omega-mercaptocarboxylic acids on 
mercury. The measured charging cur- 
rents and the observed charge-transfer 
process for the Ru(NH 3 ) 5 2+ / 3+ redox sys- 
tem have shown that adsorption of acids 
on mercury was followed by the forma- 
tion of a densely packed array. Finally, 
Muskal and Mandler [121] have described 
the formation of self-assembled monolay- 
ers of omega-mercaptoalkanoic acids on 
a mercury electrode. It has been sug- 
gested that thiols are either physisorbed 
or chemisorbed, depending on the applied 
potential. The transition between these two 
states occurred via a faradaic process. 

Specific conditions of the electron trans- 
fer reactions on Hg surfaces covered with 
sulfur compounds have been intensively 
investigated by Majda, Bilewicz, Slowinski, 
and coworkers [122-129]. The studies 
on electron tunneling involving Hg— Hg 
junction and mono- or bilayers of alka- 
nethiolate trapped between small mercury 
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drops, were carried out. For example, in 
paper [123], it has been described that 
alkanethiol molecules of the chain length 
C-8-C-18 form densely packed, perpendic- 
ularly oriented monolayers on Hg in the 
course of a two-electron oxidation of Hg 
to mercuric thiolate. Exponential increase 
of the electron tunneling rate with the 
electrode potential, as well as exponential 
decay with the monolayer thickness was 
observed. For H-alkane-3-thiopropanamide 
bilayer junctions, tunneling currents were 
larger than those measured for the alka- 
nethiolate junctions involving the same 
number of atoms [125]. This fact sug- 
gested that the presence of amide groups 
increases the electronic coupling in this 
type of systems. More recently, asym- 
metric electron transmission across the 
Hg— Au junction containing bilayers of 
alkanethiols of different chain lengths has 
been studied both experimentally and the- 
oretically by Majda and coworkers [130]. 
Also, Sgk et al. [131] have investigated 
electrochemically controlled Ag/Hg tun- 
neling junction, with an Ag electrode 
covered with a self-assembled monolayer 
of n -alkanethiol. 

Finally, Gugala et al. [132] have ana- 
lyzed the effect of the concentration of the 
base electrolyte on adsorption of 1, 1,3,3- 
tetramethyl-2-thiourea at mercury elec- 
trode. The Flory-Huggins and the Frumkin 
models were utilized for the quantitative 
analysis of the adsorption data. 

Organic selenides and tellurides Ludvik 
and Nygard etal. [133, 134] have studied 
electroreduction of aromatic diselenides 
and ditellurides (ArEEAr) at mercury 
electrodes. They have found that the 
charge-transfer process is preceded by 
a spontaneous heterogeneous reaction 
between these compounds and mercury. 


according to the equation: 

ArEEAr + Hg > Hg(ArE) 2 (23) 

where E = Se or Te. Hg(ArE) 2 is an 
analog of mercury thiophenolate, which 
is formed in case of the correspond- 
ing sulfur-containing compounds. On the 
basis of electrochemical and other experi- 
ments, the following mechanism has been 
proposed: 

First wave: 

Hg(EAr) 2 + 2e » 2(EAr)“ + Hg (24) 

2(EAr)“ + 2Hg(EAr) 2 > 2Hg(EAr) 3 “ 

(25) 

Second wave: 

2Hg(EAr) 3 “ + 4e » 6(ArE)“ + 2Hg 

(26) 

This mechanism is analogous to that 
of mercury thiophenolate [135], but dif- 
ferent from the reduction mechanism of 
aromatic disulfide(I). 

Recently, Alvarez et al. [136] have studied 
interfacial and electrochemical behavior 
of diphenylselenide on HMDE in DMF- 
water mixture (3:7, v:v). Applying ac 
voltammetry and chronocoulometry, it has 
been shown that a multilayer film of 
chemisorbed diselenide of the progres- 
sively increasing thickness is formed. 

24.6.3.3.2 Organic Nitrogen Compounds 

Theoretical quantum-chemical study of 
pyridine adsorption at Hg electrode (in- 
cluding its charged surface) has been 
described by Man’ko et al. [137, 138]. Anab 
initio Hartree-Fock-Roothaan method has 
been employed. The electrode was mod- 
eled as a planar seven-atomic Hg-7 cluster. 
The deepest minimum of the total energy 
of the adsorption system was found for 
positive charge density and Py interacting 
with the metal through the lone electron 
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pair at the nitrogen atom. For a positive 
surface charge, vertical orientation of the 
adsorbate molecule was energetically favo- 
rable, whereas for the negatively charged 
surface, adsorption did not occur. 

Formation of 2D phase accompanying 
electrochemical reduction of 4,4' -pyridine 
on mercury in the presence of iodide 
ions occurred via adsorption -nucleation 
and reorientation -nucleation mecha- 
nisms [139]. The first reduction step of 
Bpy on Hg in the presence of iodide as 
counterion in acidic medium at 15 °C in- 
volved the BpyH 2 2 + /BpyH + couple and 
led to the formation of a 2D phase. The in- 
creased contribution of the reorientation 
term in the formation of the condensed 
phase was consistent with the increased 
adsorption strength of the anion to the 
electrode surface. 

Afanasev et al. [140] have analyzed the 
literature data concerning adsorption of 
N-derivatives of morpholine and cyclo- 
hexylamine at the uncharged mercury 
electrode. They have also determined free 
energy of adsorption intrinsic to the inter- 
actions of organic molecules with mercury. 

Higuera et al. [141] have studied reduc- 
tion of 4-chloro-2,6-diisopropyloamino-^- 
triazine in acidic media up to pH 5, 
applying dc differential pulse polarogra- 
phy. In the recorded voltammograms, two 
main reduction peaks were observed, with 
a prepeak at less negative potentials, and 
a postpeak at more negative potentials, 
what points to adsorption of the compound 
at the electrode. Two main peaks corre- 
sponded to two-electron reduction process. 

Adsorption of L-histidine (His) has 
been studied [142] in aqueous KF and 
UCIO 4 solutions on mercury electrode 
and at air/solution interface. The strongest 
adsorption of His on Hg electrode was 
observed in solutions of pH > 8 . 


There are also several papers describing 
adsorption of quinoline. Sawamoto [143] 
have studied adsorption and reorientation 
of quinoline molecules at Hg electrodes 
by recording differential capacity-potential 
and differential capacity-time plots using 
the flow-injection method. Adsorption 
of quinoline was found reversible at 
any potential, with the possibility of 
reorientation of the molecules at the 
interface. Ozeki et al. [144] have studied 
adsorption, condensation, orientation, and 
reduction of quinoline molecules at pure 
Hg electrode from neutral and alkaline 
solutions, applying electrochemistry and 
Raman microprobe spectroscopy. The 
adsorbed quinoline molecules changed 
their orientation from the flat at —0.1 V > 
E > — 0.3 V, to the upright at E < —0.5 V. 
At potentials —0.3 V > E > —0.5 V, both 
orientations were observed. Later, Ozeki 
et al. [145] have extended the studies on 
reorientation of quinolinium ions at the 
Hg| acidic aqueous solution interface. For 
these conditions, the specific adsorption of 
quinoline was not observed. 

Xanthine and xanthosine were investi- 
gated on HMDE, applying out-of-phase ac 
and dc voltammetries [74]. It has been 
shown that both compounds are strongly 
adsorbed and interact chemically. In the 
cathodic stripping process, one could de- 
termine both compounds at trace level. 
Naidu et al. [146] have performed polaro- 
graphic studies to show that the product 
of anodic reaction (prewave) of potassium 
isobutyl xanthate is strongly adsorbed at 
the mercury electrode. 

Cyclic voltammetry and in situ IRAS 
have been utilized in the studies on 
adsorption of heptyl viologen (HV) at 
mercury electrode [147]. A set of very 
sharp cathodic and anodic peaks formed 
at potentials more positive than the 
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Scheme 1 


reduction wave was ascribed to the one- 
electron reaction in the adsorbed state. The 
areas corresponding to a single molecule 
adsorbed on the surface were estimated 
and equaled to 83 and 71 square A for 
Ox and Red forms, respectively. In the 
potential region at the negative side of 
the spilcelike peaks, the HV cation radicals 
formed a bilayer with bipirydine planes 
positioned parallel to the surface. 

McGarvey et al. [148] have studied 
electrochemical and adsorption proper- 
ties of lumiflavin (LF) (7,8,10-trimethyl- 
benzo[g]pteridine-2,4(3 H , 10 H )-dione, 
C13H12N4O2) at Hg electrode in buffer 
solution of pH 6, 7, and 8, applying cyclic 
voltammetry. It has been suggested that at 
low-coverage, LF molecules are adsorbed 
in the orientation parallel to the electrode 
surface, independently of the potential, 
while at higher coverage, concerted re- 
orientations of LF monolayer occur as 
the potential is changed. For the extreme 
potentials: positive of ca —0.35 V and neg- 
ative of —1.0 V, parallel configuration has 
been proposed. Between these two limits, 
two perpendicular orientations existed, en- 
suring the respective increase in attainable 
coverage. LF exhibited striking differences 
from flavin adenine dinucleotides (FAD), 
in spite of the presence of an isoallox- 
azine ring system - a common electro- 
chemically active moiety present in both 
compounds. 

Komorsky-Lovric [149] has investigated 
adsorption and reduction of the plant 



UMP-HgX 

UDP-HgX 

UTP-HgX 


alkaloid berberine in electrolytes of var- 
ious pH at mercury electrodes, applying 
ac polarography and square-wave voltam- 
metry. Reduction of berberine appeared 
irreversible and occurred between —0.95 
and —1.35 V, depending on the pH of the 
solution. The reduction product was cana- 
dine, which could not be oxidized at Hg 
electrodes. Both berberine and canadine 
formed condensed films at mercury elec- 
trodes, which limited the possibilities of 
analytical determination of berberine by 
adsorptive accumulation at the electrode. 
Since the condensed film of canadine was 
very stable, even at —0.5 V, it might prevent 
adsorption of berberine. 

Wagner and Chambers [150] have pub- 
lished a study on electrochemical re- 
duction of mono, di-, and triphosphate 
uridines (see Scheme 1) mercurated in 5- 
position of the pyrimidine ring in aqueous 
solutions. In 0.1 M KC1, these compounds 
exhibited two main electroreduction peaks 
in cyclic voltammograms in potential 
ranges —0.5 to —0.6 V and —0.8 to —0.9 V 
(versus SCE), respectively. 

Voltammetric peaks, especially those of 
UDP and UTP, were sharper than those of 
the third compound, as they were adsorbed 
at the electrode surface. Coulometric stud- 
ies (at — 1 . 0 V, electroreduction) at mercury 
pool electrode (also glassy carbon) and 
analysis of the obtained products have 
shown that for all three compounds, the 
two-electron reductive cleavage of the car- 
bon-mercury bond occurs. The electrode 
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process in the region of — 1 .0 V may be rep- 
resented by the following reaction scheme: 

UZP-HgX + H 2 0 + 2e » UZP(H) 

+ Hg + OH - + X - (27) 

where Z = M, D, or T signifies mono-, di-, 
or triphosphate nucleotide, respectively. 

Philipp and Retter [151] have studied 
the formation of the first monolayer of 
adenine on mercury electrode in borate 
solutions. Applying potential-step method, 
they have proposed to explain the observed 
transients in terms of two-dimensional 
(2D) truncated progressive nucleation and 
constant growth of monolayer islands. 

Fojta and Palecelc [152] have described 
a supercoiled DNA-modified electrode as 
a highly sensitive tool for detection of 
DNA damage. The method is based on the 
measurement of an ac voltammetric peak, 
resulting from the scission of the single- 
strand in the covalently closed circular (su- 
percoiled) DNA molecule. The method was 
found to be faster than gel electrophore- 
sis. Recently, Fojta [153] has published a 
paper (including 188 references) review- 
ing applications of mercury electrodes in 
nucleic acid electrochemistry, emphasiz- 
ing their role as sensitive analytical tools 
and probes of DNA structure. Generally, at 
mercury electrodes, nucleic acids produce 
(1) faradaic signals corresponding to re- 
dox processes of adenine, cytosine, and 
guanine residues, and (2) tensammetric 
signals referring to adsorption/desorption 
of polynucleotide chains at the electrode 
surface. Some of these signals appear 
to be highly sensitive to DNA structure. 
Mercury film and solid amalgam elec- 
trodes possess similar features as mercury 
drop electrodes in the analysis of nucleic 
acids. 


24.6.3.3.3 Indicators and Dyes Abdel- 
Hamid [154] has studied adsorption of phe- 
nolphthalein at a HMDE in aqueous buffer 
solutions containing 10% v/v ethanol, 
applying cyclic voltammetry and double 
potential-step chronocoulometry. At pH = 

3.4 and concentration at 5.1 pmol dm -3 , 
phenolphthalein was adsorbed irreversibly 
and weakly, with triphenylmethane moiety 
positioned perpendicular to the electrode 
surface. For the solutions of pH < 3.4, 
adsorption of a neutral lactone form has 
been suggested. In alkaline solutions of 
pH = 10.58, no adsorption was reported. 
The formation and organization of a self- 
assembled monolayer of bromopyrogallol 
red in aqueous media at pH 2.16 at 
HMDE have been studied by El-Sagher 
[155]. Electroreduction process proceeded 
via an ECEC mechanism. 

Constant current chronopotentiometry 
has been utilized by Honeychurch [156] 
to study reduction of methylene blue ad- 
sorbed at HMDE. The obtained results 
were interpreted in terms of a two consec- 
utive electron transfers (EE) mechanism 
and the interfacial potential distribution 
model. 

Adsorption and kinetics of electroreduc- 
tion of safranine T in self-assembled phos- 
pholipid monolayer deposited on mercury 
have also been studied [157]. 

24.6.3.3.4 Vitamins and Antibiotics Gao 

et al. [158] have studied adsorptive voltam- 
metric behavior of riboflavine tetrabutyrate 
(RT) on mercury electrodes and deter- 
mined the rate constant of this process. 
In the presence of NaOH as the support- 
ing electrolyte, riboflavine produced one 
pair of cathodic and anodic peaks, sepa- 
rated by 0.64 V. The adsorbed species was 
most probably a neutral molecule of RT 
of the maximum surface concentration of 
5.42 x 10 -11 mol cm -2 . Adsorption of RT 



was governed by the Frumkin model: ad- 
sorption constant was 4.6 x 10 5 ; attractive 
interaction parameter equaled 1.10; and 
standard Gibbs free energy of adsorption 
was —32.30 kj mol -1 . Sawamoto [159] has 
investigated the adsorption-desorption 
phenomena of vitamins at a mercury elec- 
trode by recording differential capacity 
versus time plots, applying flow-injection 
method and other techniques. Adsorption 
of vitamins was found to be irreversible. 

Gomez etal. [160] have studied spe- 
cific adsorption of potassium penicillin 
G (salt K) on Hg electrode from elec- 
trocapillary and capacity measurements. 
The Frumkin isotherm has been found ap- 
plicable to the quantitative description of 
the data; repulsive interaction parameter 
equaled —3.5 and standard free Gibbs en- 
ergy of adsorption at the zero charge was 
— 38.6 lcj mol -1 . AG® ds depended linearly 
on the surface charge. Possible orienta- 
tions of antibiotic molecules on the elec- 
trode surface were also discussed. Novotny 
[161] has studied adsorption of polyether- 
antibiotic monensin applying voltammetry 
at new miniaturized and compressible 
mercury electrodes. Hason et al. [162] have 
used several electrochemical methods to 
study electrochemical behavior of echi- 
nomycin and its interaction with single- 
stranded (ss) and double-stranded (ds) 
DNAatHMDE. Ithas been found from the 
capacity measurements that echinomycin 
gives a pseudocapacitance peak at —0.53 V. 
However, this peak was observed only 
for ds-DNA complex with echinomycin. 
Accordingly, by performing capacity mea- 
surements, one could distinguish both 
forms of DNA. 

24.6.3.3.5 Enzymes and Coenzymes Ele- 
ctrochemical behavior of bovine erythro- 
cyte superoxide dismutase adsorbed on 
Hg electrode has been studied by Qian 
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etal. [163]. Adsorption of this compound 
was described in terms of the Lang- 
muir model; adsorption constant equaled 
8.96 x 10 4 and Gibbs free energy was 
—28.2 kj mol -1 . Mei etal. [164] have 
studied adsorption of copper-zinc super- 
oxide dismutase on mercury electrodes. 
Applying double potential-step chrono- 
coulometry, it was found that dismutase 
formed a monolayer at the electrode. Witt- 
stock and Emons [165] have carried out 
voltammetric studies on ubiquinone ad- 
sorption at mercury electrodes. Adsorption 
isotherms of ubiquinones UQ(4), UQ(6), 
UQ(9), and UQ(10) were determined us- 
ing two independent voltammetric tech- 
niques at the stationary mercury/solution 
interface. While the redox behavior was 
essentially the same for all homologs in- 
vestigated, the molar Gibbs free energy 
of adsorption increased steadily with the 
number of isoprenic units in the series 
from UQ(4) to UQ(10). 

24.6.3.3.6 Other Organic Compounds 

Turowska et al. [166] have studied 
adsorption of m-hydroxybenzoic acid in 
aqueous solutions on the dropping 
mercury electrode and determined the 
surface tension, differential capacity, and 
the potential of zero charge for this system. 

Gugala et al. [167] have studied adsorp- 
tion of butyl acetate at mercury electrode in 
1, 0.5, and 0.1 M NaClCN. The zero charge 
potential values at the streaming mercury 
electrode were found to shift to positive 
values with the increasing ester concentra- 
tion, which indicated the hydrophilic part 
of the molecules to be directed toward the 
solution. 

Muszalska etal. [168] have performed 
a comparative study on adsorption of 
dodecanol and cholesterol in ethylene 
glycol at Hg electrode and at the free 
surface of ethylene glycol phase. In 



982 | PART B: Electrochemistry of Cold, Silver, Mercury 

terms of the Frumkin model, significant 
differences in the quantitative adsorption 
characteristics of these two compounds 
were found and discussed. 

In Ref. 169, some peculiarities asso- 
ciated with adsorption of alkyne perox- 
ides from DMF-water solutions onto the 
mercury electrode in the presence of 
tetraethylammonium cations have been 
described. Polarography and electrocap- 
illary measurements were employed as 
the experimental techniques. It has been 
shown that interfacial activity of these 
peroxides was determined by the species 
generated as a result of associative inter- 
actions between peroxides and DMF and 
tetraethylammonium cations. 

Recently, Japaridze et al. [170] have 
investigated adsorption of some aro- 
matic compounds, including naphtha- 
lene, naphthonitrile, naphthylamine, an- 
thracene, and phenathrene at the mercury 
electrode | ethylene glycol solution inter- 
face. The analysis of the differential capac- 
ity data obtained at the HMDE has revealed 
that adsorption of the above-mentioned 
compounds obeys the Frumkin model, 
with attractive interactions of the parti- 
cles in the adsorption layer. The results for 
ethylene glycol were compared with those 
for other nonaqueous solvents and their 
role in determining the adsorption mode 
was discussed. 

Damaskin and Baturina [171] have stud- 
ied unstable states during coumarin ad- 
sorption on mercury electrode. These 
instabilities were attributed to the nonequi- 
librium phase transitions in the adsorption 
layer, during which the orientation of 
coumarin molecules changed at the elec- 
trode surface. 

Adsorption of glycosidic surfactants at 
Hg electrode was studied by means 
of differential capacitance measurements 


(tensammetry) [172, 173], Monosaccha- 
ridic surfactants formed a hemimicelle 
monolayer, while for disaccharidic com- 
pounds, the formation of a micellar multi- 
layer throughout the electrical double layer 
was suggested. 

Adsorption of a condensed 1-hydroxy- 
adamantane layer at the Hg elec- 
trode/(Na 2 S 04 or NaF) solution interface 
has been studied as a function 
of temperature by Stenina et al. 
[174]. Later, Stenina et al. [175] have 
determined adsorption parameters and 
their temperature dependence for 
a two-dimensional condensation of 
adamantanol-1 at a mercury electrode in 
Na 2 SC >4 solutions. They have also studied 
coadsorption of halide (F - , Cl - , Br - ) 
anions and 1-adamantanol molecules on 
Hg electrode [176], More recently, Stenina 
etal. [177] have described a new type of 
an adsorption layer comprising organic 
molecules of a cage structure condensed 
at the electrode/solution interface. 
This phenomenon was discovered for 
adsorption of cubane derivatives at 
mercury electrode. 

Moncelli et al. [178] have investigated 
monolayers and multilayers of chloro- 
phyll on Hg electrode and described a 
novel experimental technique to investi- 
gate such thin films. Upon irradiation of 
the chlorophyll a-coated Hg electrode with 
an appropriate light, photocurrents gen- 
erated by the chlorophyll aggregates were 
measured under short-circuit conditions. 
Electrochemical behavior of chlorophyll a 
films adsorbed at HMDE applying two dif- 
ferent procedures has been investigated 
later in darkness by the same research 
group, who applied double potential-step 
chronocoulometry and cyclic voltamme- 
try [179], 

Lindholm- Seths on et al. [180] have 
investigated dioleyl phosphatidylcholine 
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(DOPC) monolayer-coated mercury elec- 
trodes in contact with different electrolytes, 
using electrochemical impedance spec- 
troscopy and a multivariate analysis of 
impedance data. Rueda et al. [181] have an- 
alyzed impedance spectra of DOPC-coated 
mercury electrodes. 

Mixed adsorption Saba [182] has de- 
scribed the properties of the mixed adsorp- 
tion layer of m-toluidyne/polyethylenegly- 
cols at Hg electrode in 1 M NaClC> 4 . The 
virial and the Frumkin models were used 
for the quantitative analysis of the ad- 
sorption data. Mixed adsorption layer of 
p-toluidyne and polyethyleneglycol (of av- 
erage molecular masses of 400 or 10 4 u) 
at mercury electrode in 1 M NaClC >4 has 
also been studied by Saba [183]. The au- 
thor determined, from the experimental 
data, the parameters of the Frumkin and 
the virial isotherms. Similar studies have 
been carried out [184] with thiourea in- 
stead of p-toluidine. Saba et al. [185] have 
studied further the properties of the mixed 
polyethylene glycols (molecular weights 
400 and 10 4 u) - iodide ions adsorption 
layers at mercury electrode in NaClC >4 
solutions. 

Formation of a mixed layer of butan-l-ol 
and o-toluidine on Hg electrode has also 
been studied by Sienko et al. [186]. 

24.6.3.3.7 Analytical Aspects of Adsorp- 
tion of Organic Compounds This chapter 
briefly summarizes representative exam- 
ples of adsorption of various organic 
compounds on Hg surface, which have 
analytical applications. 

Duan et al. [187] have studied ad- 
sorptive and electrochemical behavior 
of estradiol valerate at a static mer- 
cury electrode using cyclic voltammetry 
and chronocoulometry. A sensitive and 


selective adsorptive stripping square-wave 
voltammetric method for the determi- 
nation of estradiol valerate has been 
developed, providing detection limit of 
1.1 x 10“ 8 M. 

Kamal et al. [188] have described ad- 
sorptive stripping voltammetric analy- 
sis of 2,3,6-tri(2 / -pirydyl)-l,3,5-triazine at 
mercury electrode, based on preliminary 
adsorption and accumulation of the deter- 
mined compound. 

Ceftazidime was accumulated at HMDE 
at pH 9.5 and potential of +0.1 V in the 
form of the adsorbed mercury salt. The 
reduction peak potential at —0.7 V was 
used in cathodic stripping voltammetric 
determination of this compound [189]. 

Cathodic stripping voltammetric de- 
termination of nanomolar level of two 
anthraquinone-based chlorotriazine dyes 
at HMDE has also been described [190]. 

Kizek et al. [191] have involved cat- 
alytic reaction at mercury electrode to 
electrochemical determination of met- 
allothioneins. This determination was 
based on catalytic processes occurring 
at very negative potentials and accompa- 
nied by catalytic evolution (SH group) of 
hydrogen. 

Electrode mechanism and analytical de- 
termination of cocaine and its metabolites, 
such as benzoylecgonine, ecgonine, and 
ecgonine methyl ester have been stud- 
ied [192] at HMDE. These compounds 
were adsorbed at the electrode. Adsorp- 
tion of benzoylecgonine was stronger than 
that of cocaine. Consequently, adsorptive 
stripping voltammetric method for the 
determination of cocaine was based on 
reduction of benzoylecgonine. 

Fogg et al. [193] have presented a pre- 
liminary study on the indirect cathodic 
stripping voltammetric determination of 
2-mercaptobenzothiazole based on the 
accumulation of its mercury, copper(I), 
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and nickel(II) salts or complexes. This 
method, utilizing mercury, was suscepti- 
ble to the interference from copper(II) and 
large amounts of nickel(I), and thus deter- 
mination of 2-mercaptobenzothiazole was 
less reliable. The same group of workers 
[194] have developed an indirect cathodic- 
stripping voltammetric method for the 
determination of trimercapto-.s-triazine at 
sub-ppb levels in standard solutions. The 
analyte was accumulated and determined 
at pH 9.0 in the form of a salt, which was 
reduced at —0.47 V. 

Application of adsorptive stripping anal- 
ysis to the determination of nucleic acids 
at mercury electrodes has also been re- 
ported [195]. Tomschik et al. [196] have 
studied reduction and oxidation of peptide 
nucleic acid and DNA at mercury and car- 
bon electrodes. The authors have utilized 
cyclic and square-wave voltammetries to 
study reduction and oxidation signals of 
single-stranded peptide nucleic acid and 
DNA decamers and pentadecamers. 

Farias etal. [197] have presented ca- 
thodic adsorptive stripping voltammetry 
of guanine in the presence of copper at 
static mercury electrode. Cyclic voltamme- 
try was also employed to characterize the 
interfacial and redox mechanisms. 

Finally, 6-benzylaminopurine has been 
determined [198] by applying adsorptive 
stripping voltammetry. 

At the end of this section focused on an- 
alytical problems, it should be mentioned 
that Thoming et al. [199] have evidenced 
that electrodialysis allows one to remove 
heavy metals from soils. During this pro- 
cess, the metals, including mercury, are 
transferred under the applied electric field 
to the pore water in either dissolved form 
or attached to colloids. This method is es- 
pecially appropriate for the purification of 
fine-grained soils. 


24.6.4 

Ammonium and Quaternary-substituted 
Ammonium Amalgams 

Although the properties of metal amal- 
gams and intermetallic compounds in 
mercury have been investigating for many 
years and are already well recognized, the 
nature of ammonium amalgam, as well 
as quaternary ammonium amalgams, still 
remains a subject of controversy. 

Ammonium amalgam was first reported 
in 1805 by Seebeck, who electrolyzed 
ammonium carbonate solution at mercury 
cathode. A concise review of the concepts 
on the structure of ammonium amalgam 
is given, for example, in Ref. 200. 

Solubility of ammonium radical in Hg 
at 20 °C reaches 1.55 x 10“ 2 M [201]. It 
has been found that redox behavior of 
ammonium amalgam is characterized by 
two equilibrium potential values, depend- 
ing on the conditions of its preparation 
and aging [202, 203]. The more negative 
value of —1.7V is typical of fresh am- 
monium amalgam and its concentration 
of 6 x 10 -4 M, which is below the solu- 
bility limit and is ascribed to the NH4’ 
(Hg)/NH4+ (H2O) couple. Saturated am- 
monium amalgam is characterized by less 
negative potential of —1.2 V, or with both 
values. This less negative value is associ- 
ated with the H(Hg)/H30 + redox couple 
formed presumably in the decomposition 
reaction: 

NH 4 (Hg)„ * NH 3 + H(Hg)„ 

H + «Hg (28) 

The studies on composition and in- 
stability of ammonium amalgam were 
continued later by the same group of re- 
searchers [204, 205], 



Guminski and Galus [206] critically eval- 
uated the literature data concerning inter- 
action of ammonium radical with mercury. 
It has been indicated [207] that NH 4 " 
radical (as well as its alkyl derivatives) 
forms homogeneous amalgams. Signifi- 
cant inconsistencies of the literature data 
on NH 4 " solubility in mercury have been 
emphasized. A possible role of impurities 
acting as decomposition catalysts has been 
suggested to explain these inconsistencies. 
The swelling phenomenon accompanying 
decomposition of ammonium amalgam 
has been described by the sequence of 
equilibria: 

NH/ • Hg v NH 4 ’ • (Hg), 

h 2 o 1 

NH 3 + HfHg)^ NH 3 (aq) + -H 2 t 

(29) 

It is noteworthy that at 233 and 203 K, a 
NH 4 *-Hg solid phase has been identified 
[208], 

Baranski and Lu [209] have carried out, 
applying microelectrodes, voltammetric 
studies on ammonium amalgam in propy- 
lene carbonate solutions at room tempera- 
tures. The sweep rates up to 80 V s -1 were 
appropriate for the analysis of the forma- 
tion kinetics of this compound. Experi- 
mental and numerical simulation results 
have shown that ammonium amalgam 
was formed via fast charge-transfer pro- 
cess and its first-order decomposition was 
characterized by the rate constant of about 
0.6 s _1 . Diffusion coefficient of NH 4 ' rad- 
ical in mercury was estimated to be about 
1.8 x 10 -5 cm 2 s _1 . The formal potential 
of NH 4 + (aq)/NH 4 (Hg) couple was deter- 
mined as -1.723 V (SHE). 

Kovaleva and Gladyshev [210] have 
proposed classification of hydrogen- 
containing amalgams. Ammonium amal- 
gam (NH 4 ") Hg„ has been included in 
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the group of binary amalgams of pseu- 
dometals (together with N 2 H 5 , N 2 H 6 , and 
(CH 3 )„NH 4 _ n ; n = 1-4 radicals). Forma- 
tion of hydrogen amalgam has also been 
discussed. 

Guminski [211] has evaluated the equi- 
librium phase diagrams for the Hg— N 
system. For the ammonium amalgam, it 
has been indicated that Hg has the unique 
property of metallic alloying with the am- 
monium radical NH 4 ". Lehman [212] has 
reported the formation of an ordered solid 
resulting from electroreduction of NH 4 + 
on Hg, with the Hg— NH 4 " layers seeming 
to be electrically conducting. Furthermore, 

Rich and Travers [213] have observed that 
the melting point of Hg was decreased 
to —45.61 °C upon addition of 5.34 mol% 
NH 4 " (a phenomenon that was analogous 
to the behavior of alkali metals in Hg). 
However, Guminski [211] has found that 
this result disagrees with the solubility 
data of NH 4 " in Hg at higher temper- 
atures [206], The formation of Hg-azide 
compound has also been discussed in this 
paper [ 211 ]. 

A more recent attempt to explain the 
structure of ammonium amalgam has 
been undertaken by Kariv-Miller et al. 

[200]. They have studied electrochemical 
reaction of NH 4 + on mercury at tempera- 
tures below the freezing point of mercury, 
applying potential-step and linear sweep 
techniques. Under these conditions, “am- 
monium amalgam” was a solid phase 
stable for at least several minutes, the de- 
position of which at the mercury surface 
involved nucleation and growth steps. It 
has been concluded that such a phase be- 
longs to the group of R 4 N' metals. Within 
this phase, electrons are bound by mer- 
cury in the form of negative clusters, and 
NH 4 + ions act as counterions. The main 
role in the stability and electrochemical 
reversibility of ammonium amalgam has 
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been ascribed to the liquid- solid transition 
of mercury [200]. 

For quaternary ammonium amalgams 
it has been found that substitution of 
ammonium hydrogen atoms with alkyl 
groups increases amalgam stability [200, 
214-216], Already in 1986, Bard and 
coworkers [217] have suggested that “qua- 
ternary ammonium amalgams” are am- 
monium salts of anionic mercury species, 
of the type of Zintl ion salts and empir- 
ical formula R4N + Hg4 _ . These authors 
have studied the formation and stoichiom- 
etry of the compounds formed in the 
course of electroreduction of quaternary 
ammonium salts at mercury electrode, 
and also regeneration of R4N 4 - from the 
product upon chemical oxidation. Electrol- 
ysis of tetrabutylammonium hexafluoro- 
phosphate (TBA+PFg - ) solution in ace- 
tonitrile at — 20 °C was carried out at the 
potential of —4.5 V imposed on Hg (ver- 
sus Ag wire quasi-reference electrode). Hg 
surface was covered with a black layer and 
finely divided particles of the product were 
dispersed in the solution. These phenom- 
ena have been ascribed to the reduction of 
tetrabutylammonium cation, which pro- 
ceeded according to the equation: 

TBA+ + 4Hg + e“ » TBA+Hg 4 “ 

(30) 

In the studies on the regeneration 
mechanism, addition of NaA (where 
A = F“ or PF 6 “) caused black species 
to disappear, according to the reaction 
pathway: 


been suggested for easier synthesis of 
quaternary ammonium salts R4N + A“. 

Later, Kariv- Miller et al. have studied 
the properties of “tetraalkylammonium 
amalgams” both in situ, applying elec- 
trochemical techniques [218], and ex situ, 
applying solid-state techniques [219, 220]. 
It has been concluded that the solid prod- 
ucts, which belong to R4N metals, are 
formed in chemically and electrochemi- 
cally reversible process: 

R4N + (solution) + e~ + 5M(cathode) 

7 t [R 4 N + (M 5 )“](solid) (32) 

Krasensky and Studnickova [221] have 
prepared quaternary ammonium amal- 
gam via electroreduction of tetraethylam- 
monium tetrafluoroborate in the aqueous 
medium at the room temperature. At the 
applied voltage of —2.8 to —2.4 V ver- 
sus sodium saturated calomel electrode 
(SSCE) hydrogen evolution occurred si- 
multaneously. Composition of the black 
precipitate formed was found to be Et4N • 
Hg x , where x = 2.9 ± 0.8. 

Finally, Kovaleva and Gladyshev [222] 
have suggested that in the first step of 
electrolytic generation of either ammo- 
nium or quaternary ammonium amal- 
gams, the amalgam of the correspond- 
ing hydride (R + [Hg„H]~, n = 10-12) is 
formed, which is transformed to the RHg„ 
amalgam at more negative potentials. 

To conclude, it should be said that in 
spite of numerous studies, the structure 
of ammonium amalgams has not yet been 
unequivocally established. 
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24.7.1 

Introduction 

Elemental copper is the least easily ox- 
idized of the first-row transition met- 
als. This largely accounts for the exten- 
sive use of copper electrodeposition for 
both industrial applications and analytical 
purposes. Since the electrochemistry of 
elemental copper, including electrodepo- 
sition, electroplating, and electrowinning, 
was treated extensively in the previous 
edition of this encyclopedia [1] and de- 
tailed descriptions are to be found else- 
where [2-4], it is not covered in this 
treatise. 

The current chapter focuses on the elec- 
trochemistry of the ionic forms of copper 
in solution, starting with the potentials 
of various copper species. This includes 
the effect of coordination geometry, donor 
atoms, and solvent upon the electrochem- 
ical potentials of copper redox couples, 
specifically Cu(II/I). This is followed by a 
discussion of the various types of coupled 
chemical reactions that may contribute to 
the observed Cu(II/I) electrochemical be- 
havior and the characteristics that may 
be used to distinguish the presence of 
each of these mechanisms. The chapter 
concludes with brief discussions of the 
electrochemical properties of copper pro- 
teins, unidentate and binuclear complexes. 


and Cu(III /II) systems. A recent review on 
the kinetics and mechanisms of homoge- 
neous electron transfer involving copper 
can be consulted as a supplement to this 
chapter [5]. 

24.7.1.1 Oxidation States of Copper 

Copper is one of the few elements for 
which four successive oxidation states 
are accessible: 0, +1, +2, and +3. As 
a result, copper is an important redox 
catalyst, having the ability to catalyze many 
reactions in which one reacting partner 
undergoes a one-electron transfer while 
the other reactant undergoes a two- or 
three-electron transfer. Among metal ions 
that exhibit several stable oxidation states, 
copper is unique in that each successive 
state prefers a different coordination 
geometry. The change in geometry that 
accompanies electron transfer in copper 
systems has a significant impact upon 
the electrochemistry in terms of both 
thermodynamics and kinetics as noted in 
the sections that follow. 

24.7.1 .2 Reference Standards for Potential 
Values in Nonaqueous Solvent Studies 

Electrochemical studies on copper systems 
are frequently conducted in nonaqueous 
solvents, principally for the purpose of 
improving the solubility of complexing 
ligands of interest. The largest number 
of such studies have been reported in 
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acetonitrile, not only because of its ability 
to solubilize organic ligands, but also 
because of its reasonably high dielectric 
constant (38.8 at 20 °C) and its ability to 
stabilize Cu(I). 

Both in acetonitrile and in other non- 
aqueous solvents, a major problem arises 
in terms of the manner in which the 
potential values are reported by various in- 
vestigators. Koepp, Wendt, and Strehlow 
[6] noted that hydrogen ion is the poor- 
est reference material on which to base 
nonaqueous potentials because of the 
extreme differences in its solvation in 
various solvents. On the basis of an 
investigation of the solvent dependence 
of 18 redox couples, these investiga- 
tors concluded that ferrocene /ferrocenium 
ion (i.e. bis(cyclopentadienyl)iron(III/II), 
abbreviated as Fc + /Fc°) and/or cobal- 
tocene/cobalticenium ion represented op- 
timal potential reference materials for 
nonaqueous studies. On the basis of 
their minimal charge (+1, 0) and their 
symmetry (treated as though they were 
roughly spherical), the potentials of these 
two redox couples are presumed to be rel- 
atively independent of solvent properties. 

In recognition of the work of Strehlow 
and coworkers, Gagne, Koval, and Lisen- 
sky [7] recommended that ferrocene be 
used as an internal standard for all poten- 
tial measurements in nonaqueous solvents 
and that its aqueous potential of +0.400 V 
relative to the standard hydrogen electrode 
(SHE) could be considered to represent a 
consistent correction factor in referencing 
all nonaqueous potential measurements 
to aqueous SF1E. This recommendation is 
somewhat in disagreement with the con- 
clusion of Strehlow and coworkers who, 
on the basis of theoretical considerations, 
suggested that the potential of the fer- 
rocene couple in acetonitrile should be 


about +0.34 V relative to the aqueous 
SHE [8], 

Subsequently, the International Union 
of Pure and Applied Chemistry (IU- 
PAC) has recommended that all poten- 
tial values in nonaqueous solvents be 
referenced directly to the potential of 
the ferrocene/ferrocenium couple or the 
bis(biphenyl)chromium(l/0) couple (as ei- 
ther an internal or external reference) 
without attempting to “correct” such po- 
tentials to aqueous SHE [9]. Despite this 
recommendation, many investigators con- 
tinue to reference their nonaqueous po- 
tential measurements to the reference 
electrode used in their measurements such 
as Ag/AgCl, Ag/Ag + (0.01 M), or the satu- 
rated calomel electrode (SCE). Even those 
workers who utilize ferrocene as a ref- 
erence standard frequently report their 
result only in terms of values that are 
“corrected” to SHE without explaining 
the magnitude of the correction applied. 
This latter approach would not present a 
serious problem if the size of this “correc- 
tion” were consistent. However, as noted 
above, Strehlow’s and Gagne’s recommen- 
dations are in disagreement as to whether 
the appropriate potential for ferrocene in 
acetonitrile should be +0.34 V or +0.40 V 
relative to SHE. And this disagreement 
pales in comparison with the subsequent 
conclusions of three other research groups 
that the potential of ferrocene in acetoni- 
trile is +0.38 to +0.40 V relative to SCE, 
depending upon the anion present, which 
suggests that the appropriate correction for 
converting ferrocene potentials in acetoni- 
trile to values referenced to aqueous SHE 
should be +0.62 to +0.64 V. (The magni- 
tude of the correction cited here is based 
on the conclusion that the potential of fer- 
rocene in acetonitrile relative to aqueous 
SCE is 0.38-0.40 V. Since the recognized 
potential of SCE is +0.241 V versus SHE, 



the overall “corrected” potential of fer- 
rocene is +0.64 V versus SHE) [10]. 

Pavlishchuk and Addison [11] have dis- 
cussed the foregoing discrepancies and 
made careful measurements of the ref- 
erence electrodes commonly utilized by 
investigators in measuring potentials in 
acetonitrile. The correction to be ap- 
plied for converting a potential measured 
against a reference electrode, E re f, to the 
ferrocene standard, E-p c , can be expressed 
as: 

£ Fc = £ref - S (1) 

The S values applicable in acetoni- 
trile, as determined by Pavlishchuk 
and Addison, are as follows (TEAP = 
tetraethylammonium perchlorate): 

Ag/0.1 M AgN0 3 , 0.1 M TEAP 

(“ANE1”): S = 0.037 V 

Ag/0.01 M AgN0 3 , 0.1 M TEAP 

(“ANE2”): S = 0.087 V 

Ag/0.001 M AgN0 3 , 0.1 M TEAP 

(“ANE3”): S = 0.133 V 

Ag/0.01 M AgCl0 4 , 0.1 M TEAP 

(“APE”): 5 = 0.083 V 

Saturated calomel, aqueous (SCE): S = 

0.380 V 

Saturated sodium chloride, aqueous 
(SSCE): S = 0.384 V 
Standard hydrogen, aqueous: S = 
0.624 V 

It should be noted that Lay and 
coworkers [12] have made a comparative 
study of the electrochemical behavior of 
ferrocene, 1,2,3,4,5-pentamethylferrocene 
and decamethylferrocene in 29 solvents 
and have concluded that increasing sub- 
stitution on ferrocene reduces the sol- 
vent dependence of the ferrocene poten- 
tial. Accordingly, they recommend that 
decamethylferrocene be adopted as a 
preferred reference standard for electro- 
chemical measurements in nonaqueous 
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solvents. Although this recommendation 
has not yet been officially adopted, their 
data show that the redox potential of de- 
camethylferrocene is —506 mV relative to 
ferrocene in acetonitrile so that potentials 
referenced to either one of these standards 
can be readily interconverted. The relative 
potentials for the latter two compounds in 
28 other solvents are also included in their 
paper. 

In the current treatise, we have adopted 
the IUPAC recommendation in citing non- 
aqueous potentials relative to the value 
obtained for ferrocene under identical 
conditions wherever possible. In those in- 
stances where investigators have utilized 
ferrocene as a reference material but have 
only reported the potential values after 
“correction” to SHE, we have “uncor- 
rected” the values back to the ferrocene 
standard whenever the magnitude of the 
correction applied was evident in the per- 
tinent publication. In those cases where 
the magnitude of the correction is not 
indicated or where values are reported 
only with respect to the reference elec- 
trode used, we have tabulated the potential 
values as reported by the specific investiga- 
tors and have indicated in parentheses the 
reference standard to which these values 
purportedly apply. The corrections sug- 
gested by Pavlishchuk and Addison (above) 
may be applied by the reader, although 
it is not always clear whether the condi- 
tions used warrant this. However, values 
for related systems reported by the same 
workers against a common standard can 
at least be compared with each other. 

In the accompanying tables, all poten- 
tials are given to the same number of 
decimal places as were reported in the 
original publications. The third decimal 
place, when reported, is often of question- 
able value as is evident when potential 
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values for a system have been determined 
by more than one set of workers. 

24.7.1 .3 Methods Used for Potential 
Measurements 

Redox potentials for copper systems have 
been based on a variety of approaches 
including (i) redox titrations, (ii) potentio- 
static methods involving spectral moni- 
toring, (iii) cyclic voltammetry (CV), and 
(iv) pulsed methods. Of these, CV mea- 
surements are by far the most prevalent. 
No effort has been made in this treatise 
to identify the method used for a specific 
reported potential value unless the method 
itself appeared to be pertinent. 

24.7.1.4 Potentials Involving Solvated 
Copper Species 

No information is available on the solvated 
Cu 3+ ion since the known solution 
chemistry for this oxidation state is limited 


to complexes involving hard donor atoms. 
Thus, in the absence of complexing agents, 
the electrochemistry of solvated copper 
can be expressed by two one-electron 
processes: 

Cu+ + e“ = CuO) E 10 e (2) 
Cu 2+ + e“ = Cu+ E 2 i (3) 

The values of E\o e and E 2 i e for the 
solvated metal ion and the overall value of 
E 2 o rt for a two-electron transfer, 

Cu 2+ + 2e“ = CuO) E 2 o (4) 

have been determined in water, methanol, 
80% methanol-20% water (w/w) and ace- 
tonitrile as listed in Table 1 . It will be noted 
that, in water, methanol, and their mix- 
tures, E\o e > £ 21 ®, so that solvated Cu(I) 
is unstable with respect to disproportiona- 
tion: 

2Cu+^^Cu 2+ + CuO) £dis P (5) 


Tab. 1 Potential values for solvated copper ion in various solvents (all values in V versus aqueous 
SHE) 


Solvent 

E 10 * 

£2/ 

O 
. (N 

LU 

^disp 

References 

Water 

0.520 

0.159 

0.340 

1.7 X 10 6 

13 

Methanol 

0.64 

0.40 

0.513 

1.1 x 10 4 

14 

80% methanol 3 

0.58 

0.20 

0.390 b 

2 x 10 6 

15 

Acetonitrile 

-0.344 

0.133 

-0.11 

8.7 x 10~ 9 

16 

Propylene carbonate 3 



0.1 57 c 


17 


3 Values are intended to be representative for the mixed solvent containing 80% methanol-20% 
water (by weight). 

b S. Mine, J. Jastrzebska, Rocz. Chem. 1954, 28, 519-520. In reporting the £ 20 ® value for copper in 
various methanol-water mixtures, these authors did not specify whether percent methanol 
referred to weight, volume, or mole per cent. Although the potential values are claimed to be 
referenced to aqueous SHE, the actual internal reference electrode used was not specified and no 
mention was made of a correction for the liquid junction potential. Since the actual liquid junction 
potential for aqueous reference electrodes in methanol-water mixtures was not made until a later 
date [Ej —0.1 52 V for 80% methanol (w/w): M. Alfenaar, C. L. deLigny, Reel. Trav. Chim. Pays-Bas 
1967, 86, 1185-11 90], it is presumed, in fact, that no correction was made for the liquid junction. 
c For propylene carbonate, the £ 20 ® value was measured against a saturated calomel electrode for 
which a value of 0.2375 V versus SHE was assumed in correcting the measured value to an SHE 
standard. 
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Although the values of ^isp are rela- 
tively large in water and in methanol, a 
finite amount of Cu(I) exists in any Cu(II) 
solution that is in contact with metallic 
copper. In fact, the molecularity associ- 
ated with K disp dictates that the fraction of 
copper in solution in the form of Cu(I) in- 
creases as the total concentration of solvated 
copper ion decreases. Thus, at micromolar 
levels in water, for example, the two oxida- 
tion states can be maintained in essentially 
equal amounts. In acetonitrile, the equilib- 
rium for reaction 5 lies far to the left so that 
solvated Cu(I) is readily generated by plac- 
ing copper metal in contact with a Cu(II) 
solution (conproportionation). As a conse- 
quence, the Cu(I) salt, [Cu(CH 3 CN) 4 ]ClC> 4 , 
is easily prepared [18] and is temporally 
stable. 

Due to the elongation of bonds arising 
from Jahn-Teller distortion, the aquated 
Cu(II) ion, Cu(H20)6 2+ is exceptionally 
labile with regard to inner-sphere substi- 
tution [20, 21] (A more recent neutron 
diffraction study has indicated that hy- 
drated Cu(II) ion may be five coordinate. 
However, this latter conclusion may sim- 
ply result from the asymmetric stretch 
of the axial waters such that, on aver- 
age, the copper appears to have only five 
solvent bonds despite the fact that six wa- 
ters may be interacting with the central 
copper atom.) [19] The d 10 Cu + ion is 
also expected to be substitutionally labile 
in parallel to the lability of isoelectronic 
Zn(H20)6 2+ [21, 22]. Thus, other ligands 
can rapidly substitute into the inner- 
coordination sphere of both Cu I (H 20 ) 4 + 
and Cu n (H 2 0) 6 2 +. As a result, potential 
/x-bridging ligands such as C1-, Br-, and 
I- (at even very low concentrations) may 
affect the transfer of electrons between 
copper ions and the electrode surface in 
solution. For this reason, such potentially 


bridging ligands should be rigorously ex- 
cluded from solution when making careful 
potential measurements. 

24.7.2 

Electrochemical Considerations for 
Copper(l I/I) Complexes Involving 
Multidentate Ligands 

Most of the electrochemical studies cur- 
rently appearing in the literature involve 
copper complexes with multidentate lig- 
ands. (Unidentate ligands will be consid- 
ered later.) As noted earlier, each oxidation 
state of copper prefers a different coordina- 
tion geometry. Like Ni(II), the d 8 Cu(III) 
state prefers a regular octahedral geom- 
etry, which generally reverts to a square 
planar complex, since this oxidation state 
is encountered in complexes exhibiting a 
strong ligand field. Because of the fact 
that definitive data on this oxidation state 
are relatively sparse, Cu(III) is discussed 
only briefly at the end of this treatise. 
The d 9 Cu(II) ion tends to form six- 
coordinate complexes that are subject to 
Jahn-Teller distortion in which the co- 
ordinate bonds along one axis (usually 
designated as the z-axis) elongate to form a 
distorted octahedral (tetragonal) complex. 
Several cases of six-coordinate Cu(II) com- 
plexes have been reported in which one of 
the coordinate axes appears to be shorter 
than the other two, resulting in a “com- 
pressed” Jahn-Teller distortion. However, 
such complexes actually represent a situa- 
tion where two of the axes are participating 
in Jahn-Teller inversion, whereas the third 
axis is not, so that the latter axis appears 
to be shorter on average. The only Cu(II) 
compound for which Jahn-Teller compres- 
sion has been rigorously established is 
KA1 CuF 6. [23, 24]. This is a fluxional ef- 
fect, however, and, if all donor atoms are 
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identical, all three axes rapidly interconvert 
(dynamic Jahn-Teller effect) [25, 26], 

In many Cu(II) complexes, one of the 
axial donor atoms is missing, resulting in 
a square pyramidal coordination geome- 
try in which the copper atom is slightly 
displaced above the xy plane in the direc- 
tion of the remaining axial donor atom 
[27-32]. Distortions arising from ligand 
constraints may result in complexes that 
are more nearly trigonal bipyramidal. The 
d 10 Cu(I) ion, having no net crystal field 
stabilization energy, does not exhibit an 
electronic preference for a specific coordi- 
nation geometry. In fact, several different 
geometries have been observed in crystal 
structures, including linear, trigonal, and 
tetrahedral [33]; even five-coordinate Cu(I) 
complexes have been reported [34, 35]. 
However, the balance between the energy 
gained from coordinate bond formation 
and the repulsion between the coordinated 
donor atoms commonly results in a tetra- 
hedral geometry for Cu(I) complexes [23]. 

The influence of geometric constraints 
imposed by coordinated ligands in combi- 
nation with the differences in donor atom 
preferences among the various oxidation 
states makes it possible to exert a consider- 
able amount of control over copper redox 
potentials. In fact, the influence of ligand 
structure upon the electrochemical prop- 
erties of copper is one of the most common 
themes in copper studies. 


24.7.2.1 Trends in Potentials of 
Copper(ll/l) Complexes with Multidentate 
Ligands 

The standard potential values for sol- 
vated copper, as cited in Table 1, represent 
thermodynamic values in terms of ac- 
tivities. In practice, relatively high ionic 
strengths (>0.01 M) are used in most 
electrochemical measurements so that the 


experimental values are generally obtained 
as concentration potentials: 


E = 


E 


0' 

21(solv) 


RT , 

in 

nF 


[Cu+] 

[Cu 2 +] 


where 


E 


e’ 

21(solv) 


n RT , 
= E 2 i In 


ycu 


nF y Cu + 


( 6 ) 


where ycu + and yc u 2+ represent the rel- 
evant activity coefficients. For aquated 
Cu(II/I) at 25 °C and an ionic strength 
of 0.10 M, ^Ksoiv) 0 ' ^ 0.13 V (versus 
SHE) [51]. 

In the presence of complexing agents, 
the potential values are usually reported 
in terms of the concentrations of the 
complexed species rather than the con- 
centrations of the solvated copper ions: 


Cu n L + e = Cu*L 


E = E 2i 


e’ 


RT , [Cu 1 L] 

m n — 

nF [Cu n L] 


(7) 

( 8 ) 


If the fraction of uncomplexed copper 
ion is relatively small in both oxidation 
states, the relationship between the con- 
centration potential, E 2 \ 0 , for any Cu(II/I) 
complex system and that for the solvated 
Cu(II/I) couple, can be represented as: 


£21 


0' 


= E 


0' 

21(solv) 



-K'cu 1 L 

^Cu n L 


(9) 


Equation (9) is frequently used to es- 
timate the value of one of the stability 
constants, A'qjIil or Ai Cu i L , when the other 
stability constant has been determined ex- 
perimentally. 

Reported values of E 2 \ 0 for various 
Cu(II/I) complexes in aqueous solution 
range from approximately —0.6 to +0.9 V 
(versus SHE). Most of the potential val- 
ues for Cu(II/I) currently reported in 



the literature were obtained from CV 
determinations. The average potential of 
the cathodic (£ pc ) and anodic (£ pa ) peaks, 
designated as £ 1 / 2 , is assumed to approx- 
imate the value of £ 21 ^ if the CV’s are 
reasonably reversible (i.e. A£ p = £ pa — 
£ pc 0.057 V) [94]. The reported potential 
values for approximately 200 Cu n dL com- 
plexes are listed in Table 2. The systems 
included in this compilation are those for 
which A£ p < 0.090 V [94]. The complexes 
are grouped according to the nature of the 
ligand, starting with polypyridyl ligands 
(2,2 , -bipyridine; 1,10-phenanthroline; and 
substituted derivatives), followed by cyclic, 
acyclic, tripodal, and branched ligands. 

To aid in identifying the significant 
features of the ligands listed in Table 2, 
trivial names have been assigned using 
the following conventions: 

Cyclic ligands: Square brackets designate 
that the ligand is cyclic and the number 
within the brackets is the number of 
atoms in the macrocyclic ring. Saturated 
macrocycles are designated by “ane”, 
while, for unsaturated ligands, “ene” is 
used preceded by a prefix to identify 
the number of double bonds (e.g. diene 
or tetraene). The donor atoms are then 
identified. Substituents attached to the 
macrocycle are indicated by either a prefix 
or suffix. 

Acyclic ligands: Attached substituents are 
generally indicated by a prefix followed 
by a series of numbers representing 
the sequential number of carbon atoms 
connecting the donor atoms followed by 
the sequential identities of the donor 
atoms. 

Tripodal ligands: A Greek “r” is used to 
identify a tripodal ligand having a nitrogen 
bridgehead. This is followed by a series of 
three numbers that identify the number of 
atoms (generally carbons) connecting the 
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bridgehead nitrogen to the coordinating 
donor atoms in the three legs. Finally, 
abbreviations are used to indicate the 
nature of the appended groups. 

The abbreviated prefixes and suffixes 
used in the foregoing trivial names are 
as follows: 

bpy = bipyridine 
bzim = benzimidazole 
cyhx = cyclohexane 
cypt = cyclopentane 
Et = ethyl 

en = ethylenediamine 

imid = imidazole 

Me = methyl 

phen = phenanthroline 

prz = pyrazine 

py = pyridine 

quin = quinoline 

tmen = trimethylenediamine 

<f> = phenyl 

The structures of all ligands listed in 
Table 2 are illustrated in Fig. 1. 

In selecting complexes for inclusion in 
Table 2, preference has been given to those 
systems that involve a series of related 
compounds since these serve to show 
the effects of changes in structure and 
donor atoms upon the resulting Cu(II/I) 
potential values. Systems in which the 
separation of the peak potentials (A£ p ) 
exceeded 100 mV are not included. 

24.7.2.2 Dependence of Copper(ll/l) 

Potentials on Ligand Properties 

For complexing agents containing several 
amine nitrogen donor atoms, the Cu(II/I) 
potential tends to be so negative in aque- 
ous solution that accurate measurements 
are difficult to obtain. Such measurements 
are generally more accessible when using 
acetonitrile as the solvent. For example, 



1000 


Part C: Electrochemistry of Copper 


3 ^ 
C 

o T 

c O 


T5 

C 


£ 


“T5 


U 




O 2 


S 

S' 


Uj 

I 

</> 


OO O'* 

m m 


oo oo oo oo O 


oo ^ oo CN 
m ^ ro N - 


oo 

m 


Q Q Q Q Q Q Q 


D Q Q 


u u u u u u u 

oo oo i— lo cn oo cn 

O lo o O O O m 

o o o o o o o 


u u u 

00^ 00^ 00^ 

OO LO N - 
Or — i — 

odd 


<.<,<^ 

O OO r- 
N . PO VO 

Odd 


OO 

CN 


W3 

< 


Cl 

_Q 


SL 

§ I 

l^-O 

<5 

Jd CN 


XCD VD 
CL . . 

CO VD 


II- I C C ^ 
-g_-Q_ CL -T «J OJ O 

S? £ V °° CL D. g 


- CN N" 


_ N" 

- 

lo ro 


<cqUQlullUI - . JH. 

<<<<<<<<<<< 


< < < < 


1 : 1 (Mono) complexes 

LAN = Me 4 -dioxine -0.64 (SCE), DMF 



Macrocyclic polyamine ligands 

LAO = [12]aneN 4 (cyclen) -0.350 (SCE) 44 

LAP = Me 4 -[12]aneN 4 -0.280 (SCE) 44,45 


24 . 7 Electrochemistry of Copper 


1001 


n-n-n-n-n-n-n-n-n-n-n-n-n-n- 


oo 

n- 




LU 

u 

O 

n- 

o 


bH l±j 

lZT 

lZT llT 

LlT 

dr dP 

dr 



u 

u u 

U 

u u 

U 

u 

00^ 

00^ 07 

07 

00, 

07 

Ll_ 

1 § 

o 

0 ro 

O 

LO O 

O 

N" 

CN 

1— cn 

r-< 

cn 1— 

r— 

LO 

o ° 

7 

n-' 0 

0 

O r - 1 

7 

O 


m lo lo 
O O O 

I I I 


CN CN 

N" CN 

O O 


CN 

O 


z 


O <L» O 


^2 ^ Z Z Z ^ 
O <U O <U (U d) 


O 00 


v oT ^ <u [77 


'CD O OJ 


11 II II II 11 II II II II II 

CTa: ool-Z)>^x>N< 

<<<<<<<<<<CQ 


mud 

CD m CQ 


CQ 



1002 Part C: Electrochemistry of Copper 


% 

DC 


-a 

c 


'g. 


a 


■Q 

C 

i 

* 


<3 


*4 U 


2 

O 

£ 

u 


Tj- LO -^r LT» LO 


X 

X X 

X 

X 

I 

I 

X 

X 

X 

o 

o o 

o 

o 

O 

O 

O 

o 

o 

X 

X X 

X 

X 

X 

X 

X 

X 

X 

u 

u u 

u 

u 

u 

u 

u 

u 

u 

o 

o o 

# 

o 

o 

c£ 

o 

o 

o 

0 s * 

o 

& 

o 

OO 

OO CO 

OO 

OO 

OO 

OO 

OO 

OO 

OO 





„ — 

, — „ 




LU 

LU LU 

LU 

LU 

LU 

LU 

LU 


LU 

X 

X X 

X 

X 

X 

X 

X 

X 

X 

00^ 

00^ 00^ 

00, 

00^ 

LO 

LO^ 

00^ 

LO 

00^ 

OO 

LT) <T\ 

LO 

o 

OO 

CN 

■^r 

rv. 

Q 

LO 

CD 

CD CD 

CD 

hv 

LO 

CD 


rv 

CD 

d 

d d 

d 

d 

d 

d 

d 

d 

d 


uuuuuuuuuuuuuuuuu 


I — CnI CN| ro ro co O i - (N (N i — ro CN ro i — (N 

ddddddddddddddddd 


ooooooooooooooo 


00 cu <L) !H, u 


00 00 oo 


<U 03 03 CT3 

re ^ 


,, 00 
oo C 
C Q 


OO -^r C 

CL) 00 00 03 
E CL) CL) EC 1 


' 00 

I Q-) 

■ C 

L 03 ■'f 

J EE 00 00 
^ (U O) 

^ C c 

: 4^ CT3 03 
: CL’t ^ 

I T3 X ■+-* 
T _E Q_ 

£ >N >N 

C U U 

S 73 d 


^3" N .<£ 


-=*x ~ 

Q_ (J U U =■>- 

oo oo .00 2 V 03 

V c c S -B I I 

P M N C C 


I .J. o 


c a a 
add 


n "|| M » ii " " » " 11 " " 11 ^ ■■ " " 11 

u_ U X ,yj2ZOdO'Q'wh3>>X)-N< 

CQCQCQCQCQCQCQCQCQCQCQCQCQCQOQCQCQCQCQCQCQU 
I I I I I I I l l I I I I l l I I l l l l l 


LCD = syn-[14]aneS 4 -diol 0.54 

LCE = ant/-[14]aneS 4 -diol r^O.49 



LCG = [15]aneS 4 0.64 0.74 (SHE), 80% CH 3 OH 

LCH = [1 6]aneS 4 0.71 0.78 (SHE), 80% CH 3 OH 

LCI = [1 5]aneS 5 0.69 0.82 (SHE), 80% CH 3 OH 


Ol Ol Ol VD is N 
Tj- Sf Tj- LO LT) LO 


OO 

sr 


E 

cr> 

LO 

co~ 

LO 


oi 1 — ro 

LO LO LO 



OO OO 
LO LO 


CT\ CTl cn CJ1 
LO LO LO LO 


LO 




I I 

o o 

X X 

u u 

NO NO 

0% o% 

o o 

OO OO 


UJ LU 

X X 

c/^ d. 

LO CS| 
O LO 
OO OO 
O O 


24.7 Electrochem istry of Copper 1003 


u 

u_ 

OO 

ro 

O 


U 

u_ 

CT> 

CN 

O 


OO 

O 

LO CNlLOOOi — VD O , — OO ro (sj 

LD i— i— ro-^-CN - i — i — O i — 

O OOOOOqOOOO 

O 


00 


ra 


0 J (U 
n ESZ 
n3 ro 


*■(/? 

5 cu 


^ CD CD 


LU Q_ 

z z 

clT gj" 


t5 


. Si I 

U U U 

i i i 


CQ 


O 

u 


O' 

u 


on in l— Z> 


> 
u u 



1004 Part C: Electrochemistry of Copper 


s: 



i — O i — i — i — LOi — i— N ro m fO ^ ID ID 

LOVOLO 0000 LOLOrOVDVDVDVDVDVD,_ l rvOVD 

lo lo 


oo oo 

VO VO VD 


TS 

C 




C 


a. 

5 

U 




S 

S 


<u 


bJD 

O 


< < 

lo 


o o 

I I 


U 

LO 


O 

O 


£ C 
u <u 

E o 

8 2 
2 u 

j/> £ 
as 

to -Q 


o 

I 


* 

LO • r— (j . _ 

UDO 1 — ro 

p d ^ ^ ci S 45 g 


8 I 


(N O VD O 
T|- - 'fr i— 

o o o o 


W3 


a) 2 

Ju 2 

CL 

^ E 

O ■> 

U 03 

O 


a; o 
,o 'f 


O <u v 

-7 C C 
i 03 n 3 

<o ^ vo 


ro os 
vo lo 


lT 0 ? 

CQ <L> 

a> E 

.i 1 

N o ^ 

z ^ b S5 

Qj ro W 

e Q- LO CO 

03 tE, vo vo 

LO VO I - — I 


CO 00 to 


<u a» 


a» 


=r 00 


a» _ 

M £ “ - « 

y ^5 -a "a *i, 


1 OO U (U 


> X > N 

u u u u 


ra II 


<cquQQQllillUII - . __ _ 

OOQQQQQQQQQQQQ 3 

— i — i — i — i — i — i — i — i — i — i — i — i — i tj 


U 

oo 


o 

I 


O ■£ 
lo O 
TO 

c I 
£ o 
o </> 

CL <L> 

aj ^ 

r^E .2 
!. .E -p 
: <u oo 
! C z • 
i aj qj ^ 

r <l> c .3 
■ q= 45,— 

~ OO 3 

L 0 


Q Q 


1 : 2 (Bis) complex 

LDM = [9]aneS 2 0 ^0.36(Fc) 



Bicydic ligands 

LDN = Me 4 -bicycloNeO —0.06 

LDO = Me5-bicycloN7 —0.05 


cr> cr> 


N- N- N- N- N- N- r^N-N-N-N- 

N- N- N- N- N- N- i-n n- N- N- N- 


I 

0 

1 

u 


sp 

ON 


o 

oo 

OO 

CN 

O 




24.7 Electrochem istry of Copper 1005 


Tj- LO LO (N ^ O 
i — ID ro ^ 't iri 
i — O i — O O ON 
O O O O O O 


O O O O 

O i — Ln cn 

m m m in r^- 

o o o o o 


CN (N ^ 00 


!i 

s-i 

o C 
^ 8 
o' .sa 

CQ 


^ C c P 

2 0J C ^ ^ 

II II *\\ I II II 

Cl O QC GO |— Z) 

Q Q O Q Q Q 


; cn 

L CN 

; cn 


> 

Q 


O 

z 

1 CN (D <L> 


z x 

CO 2 



1006 


Part C: Electrochemistry of Copper 


Q£ 


TS 

C 




£ 


"Q 

C 


a. 

5 

U 


■m ^ 


s 4 

3 


Uj 

I 

</> 


o o o o 


O O O 

oo oo oo 


o o o 
I I I 


U jZT* u U U UJ 

- !i- < oo oo oo <j 

LO 
CP> 

o rn U) LO 
0 0)000^ 

° I I I 


CN CM CM 

O O O o 


O O 

I I 


00 
-'f I 

00 ro 
' °0 CN_ 
<N <*0 
m >< 


N N a a E 

S: £z z « 


T CN 

n ro" 


QQ U Q 


(VI CS <0 - - (-NJ 

^ po m 


1 < 
Q 


E E 


Q_ 

E 


I 

u 


u 

oo 


X X 

o o 

£ £ 

u u 

£ £ 

o o 

OO OO 


X X 

oo^ 00, 

KO V.D 
ro rn 
O O 


o 

u 


^ 00 00 K 5 

o CN 00 CN 

a Z z (n 

E CN CN CN 
^ M OJ 
§_ CN of ^ 


.LL U I 


. ^ ^ ^ ^ _ i 


LEP = 2, 3, 2-NSSN 0.31 (SHE), 80% CH 3 OH 

LEQ = Me 2 -2,3,2-SNNS 0.23 



LER = Et 2 -2,3,2-SNNS 0.34 (SHE), 80% CH 3 OH 

LES = Me 2 -3,2,3-SNNS 0.26 


rs. ld 
lo 


sf co m co ro 
in N - sf N - N - 


^ ^ ^ ^ 
Q a Q Q 



u u u u 

00 00 00 00 


1 — co tj- ld 
^3 LO IS VD 

o o o d 


00 

Nmmn^isiscMfM^cri 

in^Tj-^issrssrs^s 

in 


I 

o 


^ ^ ^ 
Q Q Q 


U U U 

; 00 00 00 


*te 


1 

UT, 

N" 

00 

d 

8 


1— cn 00 
(N O O 


24.7 Electrochem istry of Copper 1007 


< < Ll_ u_ u_ < 

" OO (N «— lo i— o 

CN CN I— ; •— ; <N \ KO 

d d d d d d 


O IS cn 
N" N" lo 

odd 


“O on 

<u ^ 
x & 


u CO 

— i li 

CU ro 03 CT 5 

E u 

Cl "X xx 

^ A o o 

-D C C 
• — "O QJ QJ 
F ‘F -C -C 

E Q_ CL 


Q_ 

B- to • 


O O 


O O 


On _Q 

S ii 


£: ^ n u N 

O CM -Q < -D 


^ 5 -id 

S: S: £ ^ 

x^3 00 (O^oo 

Q_ F C >n >v 

E ” .i §: 9- 9- r 

^ _9 _g cn I ^ f 

^ ^ CN CN ^ ^ 

^ fO ro' CN ™ 


z> > ^ x 


>-N<cooOlliij_UIX 



1008 


Part C: Electrochemistry of Copper 


QC 


T5 

C 




£ 


T5 

C 

.§) 


U 


■m ^ 


S 

S' 


UJ 

I 

to 


vd < < 
o — — o 


O cm“ o o ^ 


< < 

O LO 


I I 


o 

o 


o 

o 


O UD O O CTi 
CT» VD O i— co 
i — (Nmn^r 
O O CD O O 


~0 T3 

!~ , CN 


s Q_ 

<U C 

2 '5 

; hi CT“ 
00 rp 
- >-, 00 
- CL E 


N 


I 

O 

T3 


• <u a» a) 

, n3 "r0 x' 


O o o 


CL 00 
rs >> 
00 Q- 

S:«* 

co (N 
CO CN 
co (N 


<L» 

? 7 

CN CO 
CN CN 
CN CN 
CN co" 


Q_-0 

O £ 

oo .E 

>■* N 
CL _Q 

CN CN 

CN CN 

CN CN 

CN CN 


oo a» 

t! E 

9-x 

r- O 
CN ~0 
CN CO 
T CN 
m- 

cl> cn 
2 csT 


✓ — _Q _Q _Q 
1 55 C0 m CO . 

: O u u <-» 


.2 3 

p 


“9 ~o 

o 6 

CN rvl 
00 00 
o o 

CN CN 


- CN 
CN 


O 

O oo 

CM O 

00 V 

o ^ 

CN CN 
co" CN 
CN co" 


‘ OO • OO OO OO 


i 

o 


2 12 
OUq 

- NP 

bo OM 

j-LJ OO LL 

b LlP 

? «5 

H ^ I 


cn n oo o 

OD VD co N" 
O O O O 


00 

< 


LU Q_ 


00 

' a» oo 


oo 

cu 


™ -U y 


OJ _Q u ~a CD 

O O O O O O 


00 

< 


00 

^ ^ a : 5: 

^ CN 
<3 CN °i CN CN 
^CN 9 CN CN 
^ ^ ^ ^ 
-§ II !l II II 

.a. cl O' cn i/i 


LFV = r-2,2,2-py 2 (MeS) (BPMMEA) 0.06 

LFW = T-2,2,2-py 2 (EtS) (BPMEEA) 0.08 



LFX = r-3,3,2-py 2 (MeS) (BPEMEA) 0.46 82 

LFY = T-3,3,2-py 2 (EtS) (BPEEEA) 0.47 82 

LFZ = T-2,2,2-py3 (TMPA) 2 -0.11 to -0.2 -0.79 (Al) f , DMF 82,85,86 


24.7 Electrochemistry of Copper 1009 


tO^oOoOoOOioO 1 — co CN ro m 
oooooooooooocntjiOi'^oi'tcri 


n m vd n- 
r r cr» oo oo 


a ° “ “ 
< < 


ro 

LO 

O 

I 


^ CN 
O O 

I I 


Q Q 
'u' "lT 


o 

I 


u a u 

to _ to 

Mi i — bo 

CN < Nf 


O CN 

1 s 

^ I 


o 

o 

I 


o 

I 


o 

I 


o 

I 


o 

I 


o 

I 


u u u 

cr> in n- 
n- vd cr> 
o o o 


o 

I 


LO 

o 

o 


IN 

o 


LD I— 

CN N" 

O O 


< 

LU 

CL 


E > ~d E co 

’cu .= ’c n c 

■ a> t _Q c 


nP n 
. a_ CL 


n 


CL Q_ 9"°i >* >- 


I _Q 

-o T 


CN CN CN 


Q_ CL 

CN CN ^ CN 

rsT rsT <N ~ 


£ 

"NT CN CN 

i- <l» ^ a> ^ 
Cfl 5 T 

p “ rl ™ CN 
r-~ CN {N - 


I 

O 

45 ^ 

^3 CN 

I 

.bp CN 
£ 
O) 


< 

U 


co u Q I - . v: _i <> 

<JUUU<JU<JUU 


Z O CL O' CL 
U U U U U 


-c 

L> 

c 

S 

CQ 



Tab. 2 (continued) 


1010 


Part C: Electrochemistry of Copper 


% 

oc 


TS 

c 


"Q 

. 5 ) 


a. 

5 

U 




5 I 

ro t£> 

5 ^ 


ro m co ro m 
hv r>* 


TD ~0 TJ 


< < < 


m m lo 


O O O 

I I I 


< <, 

oo 

■N - LO 

o o 

I I 


n- ^ 
„ ?.§ 
? '* * 


_Q 

QJ 


■ N 
; & 
I <N 


-S e 

CD . 

5 CN - 
V ^ oT 
<h n cn 

CN 


CN 


\ CN^ fsf CN 
C^ (N E 

(N CN _c 


1— Z) > ^ X 
<J U <J u u 


u y j j 


CD + 
u wj- 
O 

& I 5 : 

O Q) 


O N-- 
CL CL) 

_ cn 


cl> 

Sf CL ‘ 


.2 Z 

e <U 

CL) — 
+■* 0 ) 
° F 

3 

O « 

CD “O , 

cr 

as "O 
e c 
O ™ 


cd (D 
c Q_ 

(L) qj 

bD i- 
O ijj 
-a U 

>v 00 

-*= CL) 


“S £ 


<L) ._ 

a) tj 
i- as 
Cl V- 
OJ Jq 

CN ^ 
< >. 
“D 

E “P 


I 

u 


aj o *= 

cd 

to 
CD 
Q_ 


I 

o 


I 

u 


E 

O 

CL 


<u "a 

u| 

bD qj 

< ~a 

bD > 

< o 

<D OO 


I 

U 


CLJ -q ^3 
to Qj c 
QJ 4-j as 

■£ 3 « 

I i? s 
s_. g 

C .!£! .QJ 


“g 2 1 S 2 

iis as •- _aj *- 

2 to QJ c ^ 


o 

o 


6 D 8 
< 0 , 

'_Q 

OJ >. I 

T3 as _ 

2 E + 

tj LU £ 
_QJ U — 
Cl) l/l U 


» S° 

“o 3 aJ 
c 5 " _Q 
as "> ~ 
bD — co 

•— ; —p tO 

-I < o 


QJ U U 

° -5 ■£ 

LJ^ Qj CL) 
U 'to to 

_£ C C 

+3 O o 

oj re ro 
_E E .E 
QJ 'T3 "2 


• 4 = 5 


^ £ £ £ - 

« .5 £ 1 ■= 

_E -£3 -|_> as 

" 2 </> S'! -n 


to 'q_ 

QJ 3 3 2 
o O U 

"O o U ^ 
CJ O o ~ 


> 

E 


QJ CL) 

I QJ t 


§ 


m ^ 5 

(J I— ° 

bo q -*= 

to o 
3 

£ + 

> bJD 
< 

m ^ t 

o CL) 

+ rS 

^ 1/1 

° =i i 

QJ tO . 

_3 qj ' 

as > . 

_> LJ_ _ 

as 


W) 


'±8 Q ' 


QJ E 

i‘|. 

™ 8 

> 2 

03 »- ' 

-E < 


QJ 

tj ^ ( 

g. 1 ' 

aj o t 

*“ CL 
.2 QJ 

“o 

QJ j_, 

*5 as . 

3 _E 
QJ +J 


O - 


E < to 

• QJ 

-h! to b£) O 

£ 2 < ra 

to Q_ QJ bp . 


O m 


bo 


O .2 to Q- o 


-O ^ 

II 

U co 


- o° 

I N- 00 


o o 


_ ^ _ E 


ues in this study were determined at 20 C, p, = 0.2 and are slightly different from those si 





1012 


Part C: Electrochemistry of Copper 



LBC 


Me.. N0 2 

H fl H 
r N N -~i 

W 

H r 1 H 

N N 

h V7h 

LAU 

LAV 

Me.. N0 2 

rA 

h n w N h 

H H 

i— N N— ^ 

H^H 7 

LAX 

LAY 

AtTWA 

hN n(h 

Hf^H 
/- N N-\ 

HN Nh 

H 

LBA 

LBB 

Me 


An 

N N 

s^s 

<LsJ 

LBD 

LBE 


r\ 

s s 

A s-^ 
vu 

A 

\__/ 

LBF 

LBG 

n 

Cs P 

LBI 

A 
c s D 

vu 

LBJ 

n 

a: p 

LBL 

n 
a s ; 

n 

LBM 


Fig. 1 ( continued ). 





LBN 



24 . 7 Electrochem istry of Copper 


1013 


n n n 

a! ? a: ;o a s lo 


^ ^ ^ 

LBO LBP LBQ 

aHo afV> afio 

kk kk k^ 

LBR LBS LBT 

ccfho af^o aHp 

kk kk kk 

LBU LBV LBW 


kk 

kk 

kk 

a; lo 

al :jo 

a: ;o 

kk 

kk 

kk 

LBX 

LBY 

LBZ 

n 

S S. 

HO. 

A 

HO. 

A 

a s *t> 

C s 

Cs 

kk 

„y 

Vo„ 

LCA 

LCD 

LCE 

r> 

c 8 k 

ri 

C D 

r~\ 

c s s k 

s s 

Vs u sJ 

kk 

A S A 

LCG 

LCH 

LCI 

Q Q 


• Q Q 

o o 


O O 

LCJ 

Fig. 1 ( continued ). 


LCK 



1014 


Part C: Electrochemistry of Copper 


s Er 


c 

LCL 


„n 

H ^ 

kk 

LCO 

hlkk 

c N ] 

HfJ 

LCR 




LDD 

Fig. 1 ( continued ). 


hh 

c s : 

S"* 

HW 


LCM 

rk 

3 

H VJ 

LCP 
Me kk 

c N s : 


LCS 


Me 

c 

NH 2 (CH 2 ) 3 - 



N S' 


kk 


LCV 


HrkH 

r N 

h N S_J 

"k^ 


C 


LCY 

jfVv 

s 

LDB 


r s "k 

e !> 

(=N N— 
O-B-O 
F 2 

LDDa 


Me _ / \ 

c N 

Sr 

NH 2 (CH 2 ) 2 / \ / 


LCN 

H kk 

N s 
Ls wV 

LCQ 
Me kk 

c N k 

M£ 

LCT 

hC 1 H 

r N 

^ S 

kk 

LCW 


C Ha 3 

V.N 

H kk 

LCZ 

k„k H 

LDC 

r°^ 

■ s S 

UN N=? 
o-B-o 

f 2 

LDDb 


c, 





1016 


Part C: Electrochemistry of Copper 



LDX 



Me Me 
LEA 


H /— \ 

h 2 n nh 2 

HgC^ — N NH 2 

H / — \ 

0 2 Ny — N NH; 

hAn nh. 

H \ / 2 

3 H \ / 

LDY 

LDZ 

n 

rA 

r s A 

p-S S-Me 

A 

1 1 

S-Me 

Et Et 

kA 

LEB 

LEC 




LEKb LEKc 

Fig. 1 ( continued ). 




24 . 7 Electrochem istry of Copper 


1017 



LFF LFG LFH 


Fig. 1 ( continued ). 



1018 


Part C: Electrochemistry of Copper 




LFO 


LFOa 


LFOb 



LFOc 


LFOd 



rn fc N l 

Me^S Me Et^S Et 
Me Et 


LFOe 


LFP LFQ 


Fig. 1 ( continued ). 



24 . 7 Electrochemistry of Copper 


1019 




1020 Part C: Electrochemistry of Copper 



LGX 

Fig. 1 ( continued ). 

Fabbrizzi, Poggi, and Zanello[46] used the interpreted to reflect either an increase in 
latter solvent to measure the potential val- the stabilization of the Cu(I) state or the 
ues of Cu(II/I) compounds involving 13- destabilization of the Cu(II) state (or both) 
to 16-membered macrocyclic tetramines by the complexing ligand. Because of the 
and 15- to 17-membered macrocyclic pen- different geometric preferences exhibited 
tamines (Table 2). by these two oxidation states, the influence 

As shown by Eq. (9), the relative affinity of ligand structure upon Cu(II/I) potential 
of specific ligands for the Cu(II) and Cu(I) values has been considered to be a mat- 
oxidation states, as indicated by the mag- ter of prime interest for more than four 
nitude of the stability constants, A'cu'T decades. 

and A'cuH., respectively, is directly reflected Patterson and Holm [95] carried out the 

in the Cu(II/I) redox potentials. Thus, an first systematic investigation on the in- 
increase in the value of £ 21 $ is generally fluence of the structure of coordinated 



ligands upon Cu(II/I) potentials. Utilizing 
dimethylformamide (DMF) as the solvent, 
they made polarographic measurements 
on the Cu(II/I) complexes formed with 
36 quadridentate and bis-bidentate ligands 
consisting primarily of salicylaldimine, 
/3-ketoamine, /biminoamine, and pyrrole- 
2-aldimine systems. These ligands were 
chosen to reveal the effect of stereochem- 
ical and donor atom variations on the 
resultant Cu(II/I) half-wave potentials. 

One of the primary observations made 
by Patterson and Holm was that nonpla- 
nar bis-chelate complexes were easier to 
reduce than their planar counterparts. In 
particular, the Cu n/,I (2,9-Me2phen)2 redox 
couple (2,9-Me2phen = 2,9-dimethyl-l,10- 
phenanthroline) exhibits a potential in 
DMF that is more than 1 V larger than 
the potentials of nearly all other complex 
systems they studied. Molecular mod- 
els readily show that, because of steric 
hindrance of the methyl groups in the 2,9- 
positions, the four nitrogen donor atoms 
in the Cu(II) complex are distorted out of 
plane. The Cu(II) presumably adopts a trig- 
onal bipyramidal geometry by retaining an 
inner-sphere solvent molecule as shown 
in the crystal structure of a closely related 
bis-bipyridyl complex [96]. On the basis of 
the assumption that the potentials primar- 
ily reflect changes in the stabilities of the 
Cu(II) complexes (vide infra), the first ob- 
servation reflects the preference of Cu(II) 
for four donor atoms in the xy plane. 

Patterson and Holm also observed that 
rigid planar quadridentate or related pla- 
nar bis-chelate complexes, and complexes 
differing only in donor atoms, are more 
readily reduced in the order N4 < N2O2 < 
N2S2. This observation reflects the relative 
preference of Cu(II) for these donor atoms 
in the order N > O > S. Patterson and 
Holm noted that binuclear complexes were 
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reduced in one two-electron or two resolv- 
able one-electron steps depending upon 
the ligand structure, a point that will be 
discussed later in this treatise. 

Dockal et al. [57] used slow-scan CV 
to determine the Ejx 6 values for 17 
Cu(II/I) complexes in 80% methanol 
—20% water (w/w) - including nine com- 
plexes with macrocyclic terdentate, quadri- 
dentate, quinquedentate, and sexaden- 
tate thioethers and eight complexes with 
acyclic quadridentate ligands containing 
thioether sulfur and/or amine nitrogen 
donor atoms. (In naming the denticity of 
multidentate ligands, Dwyer, Lions, and 
coworkers have pointed out that “dentate” 
is a Latin root and proper nomencla- 
ture requires that Latin prefixes be used. 

Thus, ter-, quadri-, quinque-, and sexa- 
are preferred over the Greek prefixes tri-, 
tetra-, penta-, and hexa-. The lone excep- 
tion appears to be for ligands with two 
donor atoms where bidentate is univer- 
sally utilized rather than the more proper 
didentate) [97]. The macrocyclic quadri- 
dentate tetrathioether complexes exhibit 
slightly lower potentials than their acyclic 
counterparts, but the potentials increase 
for larger cavity sizes. Macrocyclic ligands 
containing five or six thioether sulfurs ex- 
hibit the highest potential values observed. 

As noted by Patterson and Holm, a sharp 
decrease in potential was also observed 
by Dockal et al. when amine nitrogens 
were substituted for thioether sulfurs in 
the acyclic ligand series. 

Addison [98] correlated a broad spectrum 
of published potential data on aqueous 
Cu(II/I) complexes - including those with 
N, S, and O donor atoms - to generate an 
empirical relationship between the various 
characteristic ligand features and the ob- 
served Cu(II/I) potentials. He concluded 
that closed (macrocyclic) ligand topology 
had little effect on the £21^ values, but 
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certain tripodal ligands show a marked 
influence on the redox potentials, generally 
raising £ 21 ® by a few hundred millivolts. 
Based on 47 Cu(II/I) potential values from 
the literature, Addison generated the fol- 
lowing empirical expression: 

£ 2 / = < (so iv) + S(«A£ L ) (10) 

In Eq. (10), A£l represents the change 
in the Cu(II/I) potential brought about 
by various ligand features (such as donor 
atom type, number of five-membered 
chelate rings, etc.) and n represents the 
number of times that specific feature 
appears in a specific coordinated ligand. 
A tabulation of the values generated by 
Addison for the various ligand features is 
given in Table 3. 

Bernardo et al. [51] subsequently de- 
termined the potentials of a series 
of copper(II/I) complexes formed with 
14-membered macrocyclic quadridentate 
ligands involving amine nitrogen and 
thioether sulfur donor atoms and found 
that the substitution of each sulfur donor 
atom by an amine nitrogen resulted in an 
average decrease of 0.3 V in the Cu(II/I) 
potential. Since the A'cu ii l values had been 
determined previously for these systems 
[99], Bernardo et al. were able to calculate 
the A'cu i l values using Eq. (9). The latter 
values proved to be nearly constant, in- 
dicating that Cu(I) does not discriminate 


significantly between amine nitrogen and 
thioether sulfur donor atoms. Thus, the 
steady decrease in potential values as each 
nitrogen is substituted for a sulfur donor 
is almost entirely due to the increase in the 
stabilization of the Cu(II) complexes. 

As noted by Addison, tripodal ligands 
appear to have the largest impact upon the 
Cu(II/I) potential values. Ambundo etal. 
[82] measured both the Cu(II) complex sta- 
bility constants and the Cu(II/I) complex 
potential values for 12 different tripodal 
ligands containing amine nitrogen bridge- 
heads and thioether sulfur or aromatic 
nitrogen donor atoms on the three “legs”. 
Despite the differences in chelate ring size 
and donor atom type, all 12 compounds 
exhibit nearly constant A'cuT values as 
calculated using Eq. (9). Thus, the trend 
in Cu(II/I) potentials again parallels the 
stability of the Cu(II) complexes. 

24.7.2.3 Correlation of Potentials to 
Copper(ll) Complex Stability Constants 

Based on the observations noted above, 
Ambundo et al. [82] plotted the aqueous 
£ 2 1 ° values for 35 Cu(II/I) systems 
involving neutral ligands against the 
corresponding log £ Cu ii l values. Their 
original data have been expanded in Fig. 2 
to include 50 Cu(II/I) complexes, all 
involving uncharged ligands. The stability 
constant data for the systems included in 


Tab. 3 E mpirical parameters affecting copper(ll/l) potential values (Ref. 98) 


Ligand feature 

AE L [mV] 

Error [mV] 

Significance level [%] 

Thioether donor 

+141 

±12 

>99.99 

Aromatic N donor 

+52 

±13 

>99.9 

Aliphatic N donor 

-75 

±12 

>99.99 

Carboxylate O donor 

-26 

±23 

70 

Macrocyclic ligand 

+24 

±44 

40 

Five-membered chelate rings 

-46 

±10 

>99.99 

Tripodal ligand 

+291 

±52 

>99.99 



Fig. 2 Plot illustrating the 
relatively linear relationship 
between the Cu M /' L redox 
potential and logarithmic value 
of the Cu 11 L stability constant, 
Kc u "l- The line drawn has the 
Nernstian slope (0.059) and 
represents a Cuff stability 
constant value of 10 13 M 1 . All 
complexes represented involve 
uncharged ligands (see Table 4). 


this plot are given in Table 4. The resulting 
plot is seen to be essentially linear for 
^Cu n L values differing by 26 orders of 
magnitude with potentials covering nearly 
a 1.5 V range. The line drawn in this plot 
is based on an average 7 £ Cu i l value of 
10 13 (Eq. 9) and has the Nernstian slope. 
The close clustering of nearly all points 
about this line indicates that, despite the 
wide variety of Cu(II/I) systems involved, 
the stability of the Cu(I) complexes is 
only slightly affected by the geometry of 
the ligands - whether macrocyclic, acyclic 
or tripodal - and by the donor atoms 
involved. Thus, it is presumed that nearly 
all statements in the literature (including 
past comments by the current authors) are 
incorrect when they conclude that observed 
increases in the Cu(II/I) redox potentials 
are attributable to a stabilization of the 
Cu(I) complexes. 

On the basis of the trend illustrated 
in Fig. 2, it is evident that the measured 
value of En e for any aqueous Cu(II/I) 
system can be used to estimate the stability 
constant of the Cu 11 L complex within about 
2 orders of magnitude. This is a useful 
tool since only a limited number of Cu n L 
stability constants have been determined 
in aqueous solution, whereas a large array 
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of Cu(II/I) potential values have been 
reported. 

A similar linear relationship between 
Cu(II/I) potential values and logarithmic 
Cu 11 !, stability constants may exist in non- 
aqueous solvents, but such a relationship 
has not been adequately established. Mea- 
surements conducted in our laboratories 
on a variety of polythioether complexes 
have shown that the Cu n L stability con- 
stants tend to increase by approximately 
10 6 on going from water to acetonitrile, 
whereas the Cu*L stability constants tend 
to decrease by a similar order of magni- 
tude [54]. These values obviously reflect the 
preference of Cu(II) to be solvated by water 
and the corresponding preference of Cu(I) 
to be coordinated to acetonitrile [111]. 

24.7.3 

Mechanistic Aspects of Copper(ll/l) 

Electron Transfer 

Many electrochemical studies on Cu(II/I) 
systems exhibit irreversible or quasi- 
reversible behavior or involve coupled 
chemical reactions. There are no known 
examples of Cu(II/I) systems where ir- 
reversibility can be definitively attributed 
to slow electron transfer. However, many 
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Tab. 4 Correlation of Cu(ll/I) redox potentials and stability constants of copper complexes in 
aqueous solution at 25 °C, fi = 0.1 


Complexed ligand 

Lo g K Cu"L 

f-OgKcu'L 

E f , V versus SHE 

References 

Macrocyclic ligands 





[9]aneS3 

4.14 

«sl4 

0.72 

48 

[12]aneS4 

3.39 

12.0 

<0.69 

49, 100 

Oxathiane[12]aneS4 

3.02 

12.0 

0.72 

101 

[1 3]aneS4 

3.44 

10.0 

k*0.52 

49, 100 

[1 3]aneS4-ol 

3.0 

10.7 

0.54 

101 

[14]aneS4 

4.34 

11.9 

0.58 

49, 100 

[14]aneS4-ol 

4.59 

10.7 

0.49 

101 

bz[14]aneS4 

R±1 


f«0.84 

31 

c/s-cyhx[14]aneS4 

6.04 


0.54 

31 

trar?s-cyhx[l 4]aneS4 

5.90 


0.60 

31 

c/s-cypt[14]aneS4 

5.36 


0.56 

31 

trans-cypt[l 4]aneS4 

3.48 


0.67 

31 

[1 5]aneS4 

3.17 


0.64 

49, 100 

[1 5]aneS4-ol 

2.84 

11.8 

0.71 

101 

[1 6]aneS4 

2.20 


0.71 

49, 100 

[1 6]aneS4-ol 

1.51 

11.6 

0.73 

101 

[1 5]aneS 5 

4.18 


0.69 

49, 100 

[14]aneNS 3 

9.25 

13.6 

0.38 

51, 99 

[14]aneN 2 S 2 

15.26 

13.9 

0.04 

51, 58, 99 b 

[14]aneNSSN 

15.72 

13.5 

-0.01 

51, 99 

[14]aneN 3 S 

>20 


< —0.24 (est) 

51, 99 

[14]aneN4 (cyclam) 

27.20 


-0.66 (est) 

102 

[1 5]aneNS 4 

9.80 

15.6 

0.46 

51, 99 

[1 5]aneN 2 S 3 

16.02 

15.7 

0.10 

51, 99 

Acyclic ligands 





Me 2 -2,3,2-S 4 

1.97 


«*0.79 

49, 100 

Et 2 -2,3,2-S 4 

2.18 


0.79 

49, 100 

Me 2 -3,2,3-S 4 

1.18 


0.83 

103 

trans-cyhx-Me 2 -3,2,3-S 4 

2.94 


0.77 

103 

c/s-cyhx-Me 2 -3,2,3-S 4 

2.45 


0.75 

103 

bis-en 

19.60 


-0.11 

44, 104 

bis-nncyhxn 

20.93 


-0.25 

44, 104 

(nncyhxn = trans- 1,2- 





diami nocyclohexane) 





bis-phen 

15.8 


0.17 

105, 106 

bis-bpy 

13.5 

14.2 

0.12 

105, 106 

bis-5-nitrophen 

13.5 


0.26 

107, 108 

bis-2,9-Me 2 phen 

11.0 

19.2 a 

0.60 

108, 109 

2,2,2-tet (trien) 

20.4 


s* -0.38 

110, 57 c 

2,3,2-tet 



-0.30 

44 

3,2,3-tet 



-0.27 

44 

Tripodal ligands 





TMMEA 

6.29 

15.8 

0.69 

82 

TEMEA 

6.35 

15.5 

0.67 

82 

PMMEA 

11.06 

15.4 

0.38 

82 
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Tab. 4 ( continued ) 


Complexed ligand 

Lo S K Cu"L 

bOg/tcu'L 

E f , V versus SHE 

References 

PMAS 

10.48 

15.0 

0.40 

82 

PEMEA 

7.89 

15.8 

0.60 

82 

PEAS 

7.87 

15.9 

0.61 

82 

BPMMEA 

16.10 

15.0 

0.06 

82 

BPMEEA 

15.82 

15.0 

0.08 

82 

BPEMEA 

9.10 

14.6 

0.46 

82 

BPEEEA 

9.29 

15.0 

0.47 

82 

TPMA 

17.6 

12.9 

-0.15 

82 

TPEA 

9.35 

15.8 

0.51 

82 


a Value for log f $2 value for Cu 1 ( 2 , 9 -Me 2 phen )2 was determined directly. 

^Values in this study were determined at 20°C, p = 0.2 and are slightly different from those shown in 
Table 4. 

c ln approximating the aqueous potential value, 0.10 V was subtracted from the potential value 
measured in 80% CH 3 OH (w/w). 


types of chemical processes have been 
proposed to account for the appearance 
of irreversibility in such systems. Sev- 
eral of the more credible reaction pro- 
cesses are described in the following 
paragraphs. 

24.7.3.1 Ligand Conformational Change 

The difference in the geometric pref- 
erences exhibited by Cu(II) and Cu(I) 
has been noted above. In the absence 
of complete ligand rigidity, this implies 
that, upon transferring an electron to 
or from the copper center, the ligand 
must undergo a change in conforma- 
tion. If conformational change is rapid 
relative to the timescale of the experi- 
ment, the two processes will appear to 


be concerted and will show no irregular 
behavior. In studying the homogeneous 
electron-transfer kinetics for a series of 
Cu(II/I) systems involving macrocyclic 
and acyclic polythioethers, Martin et al. 
[112] observed kinetic behavior that was 
strongly suggestive of a slow change in 
the ligand conformation. The CV behavior 
for such a mechanism was first theoreti- 
cally described as a general phenomenon 
by Laviron and Roullier [113]. This be- 
havior was first confirmed in the electro- 
chemical behavior of Cu(II/I) systems by 
Bernardo et al. [114]. Their mechanism is 
illustrated in Scheme 1. In this mech- 
anism, Cu n L(0) and Cu*L(R) represent 
the most stable conformational species, 
while Cu n L(Q) and Cu’L(P) represent 


Pathway A 



A 

^ Cu"L (O) + e“ 

Cu'L (P) 

Cu"L (Q) + e“ = 

Cu'L (R) * 

V 

4 


Scheme 1 


Pathway B 
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Fig. 3 Cyclic voltammetric behavior of 
the Cu(ll) complex with [14]aneS4 (LBI) 
as a function of temperature in 80% 
methanol (by weight) illustrating the 
effect of Scheme 1 upon the 
electron-transfer behavior. At 25 °C 
(curve A) and at 0°C (curve B) a 
reversible voltammogram is observed in 
which the cathodic peak (I) represents 
the reduction of equilibrated O and Q 
and the anodic peak (II) represents the 
oxidation of equilibrated P and R. As the 
temperature is lowered to — 23 °C (curve 
C), a second oxidation peak (III) 
appears at a more positive potential 
representing the direct oxidation of R to 

Q. As the temperature is decreased to 
— 77°C (curve D), peak III diminishes 
and a new peak II appears, representing 
the reoxidation of newly created P before 
it has time to convert to the more stable 

R. Similar behavior is observed using 
very fast sweep rates at ambient 
temperature. Reproduced with 
permission from Ref. 114. Copyright 
1 989 American Chemical Society. 


metastable intermediates for which the 
ligand conformations are presumed to 
more closely approximate the stable 
conformations of the other oxidation state. 

Since the molecularity for both reaction 
pathways is identical, this type of mech- 
anism cannot be diagnosed by changes 
in concentration ratios. However, at suf- 
ficiently rapid-scan rates or low tempera- 
tures, the conformational changes desig- 
nated by the vertical reactions in Scheme 1 
can become rate limiting. 

Based on CV studies carried out 
at low temperature (— 77 °C) in 80% 
methanol/20% water (w/w), Bernardo 
etal. [114] demonstrated that Cu’^flM] 
aneS 4 ) (LBI) showed electrochemical be- 
havior identical to that predicted by 
the Laviron and Roullier square scheme 
(Scheme 1). Subsequent CV studies by 
Robandt etal. [115], involving scan rates 
up to 80000 Vs -1 , made it possible to 


determine the rate constants associated 
with all eight reaction arrows in Scheme 1 
for a specific Cu(II/I) complex. Villeneuve 
et al. [116] later conducted a series of rapid- 
scan CV studies to evaluate the correspond- 
ing rate constants for seven additional 
related complexes that appear to conform 
to Scheme 1. As illustrated in Fig. 3, the 
primary features noted for Cu(II/I) sys- 
tems corresponding to Scheme 1 is that, 
at sufficiently slow sweep rates, the CV’s 
appear to be reasonably reversible with 
equilibrated O and Q being reduced on the 
cathodic sweep (peak I) and equilibrated R 
and P being oxidized (peak II) on the an- 
odic sweep (Fig. 3, curves A and B). As the 
temperature is lowered (or as the sweep 
rate is increased at a constant tempera- 
ture) for solutions initially containing only 
the oxidized complex, however, the rate of 
conversion of R to P becomes rate lim- 
iting and the anodic peak (III) at higher 




potential - representing direct oxidation of 
R to Q - increases in magnitude for both 
Cu 11 !, and Cu*L solutions (curve C in 
Fig. 3). At sufficiently low temperatures 
(or at sufficiently high sweep rates) for 
Cu(II) solutions, the higher potential an- 
odic peak diminishes in magnitude and 
eventually disappears as a new peak grows 
at slightly lower potential than the original 
equilibrated peak (curve D in Fig. 3). This 
new peak represents the direct oxidation of 
P to O, since the P intermediate produced 
during the cathodic sweep no longer has 
time to convert to the stable R confor- 
mation prior to reoxidation. For solutions 
containing initially only the reduced com- 
plex, Cu r L, the initial anodic sweep shows 
evidence of a second peak at higher po- 
tentials, even when slow-scan rates are 
used, representative of the oxidation of R 
directly to Q. This anodic peak becomes to- 
tally dominant as the sweep rate increases 
(or the temperature decreases) since R, 
which is the dominant species present 
in the initial reduced solution, does not 
have time to convert to P before oxidation 
occurs. 

Homogeneous cross-reaction electron- 
transfer kinetic studies suggest that many 
other Cu(II/I) systems obey Scheme 1. 
However, few Cu(II/I) systems have been 
subjected to sufficiently low temperature 
or rapid-scan CV measurements to 
demonstrate the presence of rate-limiting 
conformational changes. 
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24.7.3.2 Complex Dissociation/Formation 

One of the simplest mechanisms that has 
been considered for Cu(II/I) electrochem- 
istry involves the dissociation of either the 
Cu 11 L or Cu 1 L complex species to the sol- 
vated species (designated in Scheme 2 as 
Cu 11 and Cu 1 ), preceding or following the 
electron-transfer step [117]. 

Since both Cu(II) and Cu(I) tend to 
undergo rapid inner-sphere substitution, 
this mechanism would appear to be 
viable for Cu(II/I) redox couples contain- 
ing weakly coordinated ligands. As noted 
above, most Cu(I) complexes have reason- 
ably high stabilities in aqueous solution 
while Cu(II) complexes cover a wide range 
of stabilities. This suggests that, at least 
in aqueous solution, some Cu 11 !, com- 
plexes will be largely dissociated so that 
only an anodic peak may be observed. 

(The reverse may occur in acetonitrile so- 
lutions where Cu u L complexes tend to be 
much more stable while Cu 1 !, complexes 
are much less stable due to the stability of 
Cu 1 (CH 3 CN) 4 + .) [54] The presence of such 
a phenomenon can be probed by increas- 
ing the concentration of free ligand and 
observing whether the cathodic (or anodic) 
peak begins to appear and grow in magni- 
tude in proportion to the concentration of 
excess ligand in solution. The possibility of 
observing the direct transfer of electrons 
via Pathway B in Scheme 2 is less likely 
in view of the fact that solvated copper 
tends to be extremely slow in undergoing 


Pathway A 

( H 

Cu M L + e~ „ Cu'L w 

I 

^ Cu 11 + L + e~ „ ^ Cu'-t- L 

^ J 


Scheme 2 


Pathway B 



1028 | Part C: Electrochemistry of Copper 

electron transfer in the absence of bridging 
ligands [118, 119]. For ligands that 
protonate readily, the extent of complex 
formation is generally pH dependent and 
a study of the electrochemical behavior as a 
function of pH should then be diagnostic. 

24.7.3.3 Interconversion of Ternary 
and Binary Complexes 

Even when a strongly complexing mul- 
tidentate ligand is coordinated to the 
copper ion, the differences in the pre- 
ferred coordination number for Cu(II) and 
Cu(I) imply that one or two copper-donor 
atom bonds will rupture during the re- 
duction process. Water molecules tend to 


undergo rapid inner-sphere substitution 
with both Cu(II) and Cu(I) so that the 
dissociation or formation of Cu— OH 2 
bonds may have no observable impact 
on the reversibility of the cyclic voltam- 
mograms, even at rapid sweep rates. In 
the case of a ternary Cu(II) complex 
in which Cu(II) is coordinated to a ter- 
dentate or quadridentate ligand plus a 
bidentate or unidentate ligand, respec- 
tively, the dissociation of the latter species 
upon reduction has been observed in the 
cyclic voltammograms for a few systems. 
A typical example is that postulated by 
Conan and coworkers as illustrated in 
Scheme 3 [120], 


Pathway A 

-f Cu"LE3r + e~ ~~ Cu'LBr 


Cu"l_+Br + e- . ^ Cu'L + Br * 

\ 4 

Pathway B 


Scheme 3 



£ 

[V] 


Fig. 4 Cyclic voltammetric behavior of 
[CuBrL] 2 [Cu 2 Br 4 ] (L = 2, 6-bis[l -(2,6- 
diisopropyl phenyli mi no) ethyl] pyridine 
as a function of scan rate: (a) v = 0.1, 
(b) v = 0.2, (c) v = 0.5, and (d) v = 1.0 
V s” 1 . Peaks A and A’ are attributed to 
the Cu 11 / 1 BrL moiety while peaks B and 
B’ are assigned to the Cu 11 / 1 L redox 
couple in which the Cu— Br bond is 
dissociated. Reproduced with 
permission from Ref. 120. Copyright 
2001 Elsevier Publishing Company. 
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The presence of such a mechanism was 
probed by varying the sweep rate as illus- 
trated in Fig. 4. Caution must be exercised 
in drawing conclusions from such a study 
because, with halide ions (and with some 
other unidentate species), bridging by the 
halide between the copper ion and the 
electrode surface may accelerate the rate 
of electron transfer and lead to erroneous 
conclusions. This type of mechanism has 
also been proposed by Palaniandavar and 
coworkers [121] for the Cu(II/I) complex 
with deprotonated salicylideneglycine in 
the presence of cytosine or cytidine in 
which the latter species tends to be coordi- 
nated only to the oxidized complex. 

24.7.3.4 Interconversion of 1 : 2 and 1 : 1 
Complexes 

A similar mechanism may occur for sys- 
tems involving Cu(II) coordinated to ter- 
dentate or bidentate ligands in which the 
oxidized complex exists primarily as a 1 : 2 
complex while, upon reduction, the 1 : 1 
complex predominates. Kandegedara et al. 
[48] reported that the system involving 
copper and the terdentate ligand [9]aneS3 
(LBE) appears to involve such a mecha- 
nism as illustrated in Scheme 4: 

For the [9]aneS3 system. Pathway B 
was not observed in homogeneous cross- 
reaction electron-transfer reactions [48] 
even when a huge excess of Cu(II) was 
added (up to 0.1 M) to force Cu n L (the 
1 : 1 complex) to become the dominant 


oxidized form. However, the direct oxida- 
tion and reduction of the 1 : 1 complex can 
be observed electrochemically as shown by 
the CV trends in acetonitrile solution as 
a function of increasing ligand concentra- 
tion (Fig. 5) [68]. In the presence of a 1 : 1 
ratio of Cu(II) to ligand at low concen- 
trations (« 20 pM), reversible peaks are 
observed representing the Cu 11 / 1 !, redox 
couple with a second reduction peak, rep- 
resentative of the 1:2 complex, Cu n L 2 , 
occurring at lower potential. As the ligand 
concentration is increased, the Cu u L re- 
duction peak disappears and the anodic 
peak representative of Cu 1 !^ begins to 
emerge. At sufficiently high ligand concen- 
trations, only the reversible peaks for the 
Cu n,/I L 2 redox couple are observed. This 
latter ligand dependence emphasizes the 
necessity for utilizing a wide range of lig- 
and concentrations to observe the changes 
in electrochemical behavior as a means 
of determining whether Scheme 4 applies 
(In the absence of such variations in con- 
centrations, an earlier study mistakenly 
attributed the CV behavior for the Cu(II/I)- 
[9]aneS4 system to Scheme 1, rather than 
Scheme 4.) [122]. 

The Scheme 4 mechanism is likely to 
apply to other Cu(II/I) systems involving 
terdentate ligands that are not sterically 
hindered. For example, it is suspected 
that the apparent irreversibility of the 
CV’s observed by Neves and coworkers 
[123] for the Cu(II/I) system involving 
(2-hydroxybenzyl-2-pyridylmethyl) amine 


Pathway A 


Cu'l + L + e- , Cu'L + L 

V A 






Scheme 4 




Pathway B 
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Fig. 5 Cyclic voltammograms for Cu 1 ([9]aneS3)„ in acetonitrile as a function of ligand 
concentration at 25 °C, p, = 0.1 0 M (NaCICq). The concentration of the Cu(l) is 26 |tM for all 
voltammograms. The total ligand concentration (Cl) varies as follows: (a, Cl = 0.0228 mM; 
b, Cl = 0.052 mM;c, CL = 0.52mM;d, CL = 1.13mM. Peaks II and III represent the 1 : 1 
complex, Cu 11 / 1 ([9]aneS3) 2+/,+ , while I and IV represent the 1 : 2 complex, 

Cu 11 / 1 ([9]aneS3)2 2+ ^ + . Potentials shown are versus a Ag/AgCI reference electrode. The 
current scale differs slightly for each voltammogram but the peaks generally range from about 
—5 to +5 pA (data from Ref. 68). 


may be attributable to a mechanism of 
this same type. 



Even more complicated behavior can 
be exhibited by bidentate ligand systems. 
For example, in acetonitrile, both Cu(I) 
and Cu(II) form 1 : 1 and 1 : 2 complexes 
with phenanthroline and bipyridine, while 
Cu(II) also forms a 1 : 3 complex. In the 
presence of relatively low ligand concen- 
trations, the oxidized complex tends to be 
1:2, while the reduced complex is 1 : 1 ow- 
ing to the differing preference of the two 


oxidation states for coordination to the ace- 
tonitrile solvent molecules. As the ligand 
concentration is increased, the oxidized 
species tends to convert to a 1 : 3 complex 
as the reduced complex becomes predom- 
inantly 1:2. Thus, at any specific ligand 
concentration, electron transfer may in- 
volve the loss of a coordinated bidentate 
ligand either before or following reduc- 
tion. Since the dominant species for both 
oxidation states changes as a function of 
ligand concentration, the observed electro- 
chemical behavior can be confusing and 
requires a comprehensive variation in lig- 
and concentration if the contributions of 
the various species present are to be re- 
solved [124, 125], 



24.7.3.5 Dimeric/Monomeric Species 

A number of Cu(II/I) systems have been 
reported where the oxidized complex tends 
to exist predominantly as a monomeric 
species while the reduced form is predom- 
inantly dimeric. This type of mechanism 
is illustrated in Scheme 5. 

Such a dimeric/monomeric system has 
been proposed by Fabbrizzi and coworkers 
[126] for a series of acyclic ligand sys- 
tems containing four unsaturated nitrogen 
donor atoms. As illustrated in Fig. 6, two ir- 
reversible peaks were observed, the lone re- 
duction peak being ascribed to monomeric 
Cu 11 !, and the lone oxidation peak to 
dimeric [Cu I L] 2 , indicating that the verti- 
cal reactions are slow on the CV timescale. 
Takagi and coworkers [127] have proposed 
similar behavior for a ligand involving two 
covalently linked phenanthrolines where. 
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again, the reduced complex exists prefer- 
entially in the dimeric form. For a single 
scan of the Cu^I^ dimer in acetonitrile at 
1.0 V s -1 , they observed peaks represen- 
tative of only the dimeric redox couple. 
However, in repetitive scans, a second 
cathodic peak emerged at lower poten- 
tial representative of the Cu 11 L monomer. 

Since dimers tend to be favored at higher 
concentrations, diagnostic studies as a 
function of total complex concentration 
are recommended for systems suspected 
of conforming to Scheme 5. 


24.7.3.6.1 Ligand Oxidation or Reduction 

When the CV potential range of Cu(II/I) 
complexes is extended to very high or 


24.7.3.6 Other Phenomena Affecting 
Electrochemical Behavior 


Pathway A 


Scheme 5 


2Cu"L + e- 


: 2Cu'L 


Cu" 2 L 2 + e~ .. Cu' 2 L 2 ^ 

A 


Pathway B 


Fig. 6 Cyclic voltammogram for an 
acetonitrile solution initially containing 
a dimeric Cu ! 2 (L) 2 2+ complex involving 
a tetramine ligand that favors the 
monomeric Cu 11 L 2+ upon oxidation. The 
second cycle, which features both pairs 
of oxidation and reductions waves, is 
depicted here. The peaks at lower 
potential represent the monomeric 
redox couple while those at the more 
positive potential are for the dimer. 
Reproduced with permission from 
Ref. 126. Copyright 2001 American 
Chemical Society. 
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low values, the complexed ligand itself 
may be oxidized or reduced. Owing to 
entropy considerations, such ligand re- 
dox reactions are not readily reversible 
and, thus, irreversible voltammograms are 
almost inevitably produced as indicated 
by the lack of a corresponding peak on 
the return scan. Studies of the elec- 
trochemical behavior of the free ligand 
are generally helpful in identifying such 
behavior. 

24.7.3.6.2 Electroplating of Copper 

A limiting factor in cyclic voltammograms 
of all copper systems is the fact that cop- 
per may be deposited on the cathode at 
higher potentials than for any other first- 
row transition element. Therefore, a large 
deposition peak will be observed if the 
cathodic sweep is extended to sufficiently 
low potentials. This phenomenon places 
severe limitations on the accessible poten- 
tial range if excess uncomplexed copper is 
present. In the absence of excess copper, 
the potential at which electroplating occurs 
depends directly upon the concentration of 
excess ligand and the conditional stability 
constant of the copper complex. The onset 
of copper plating is most readily identified 
by the presence of a sharp anodic stripping 
peak during the return (anodic) scan. This 


interference can be eliminated by limiting 
the scan range so that copper plating is 
avoided. 

24.7.4 

Biological Copper Systems 

Since copper is second only to iron in its 
prevalence in redox-active metalloproteins, 
an understanding of the electron-transfer 
properties of copper proteins has been 
recognized as a matter of prime inter- 
est. However, protein systems tend to 
present many problems when attempting 
to make meaningful electrochemical mea- 
surements. The most thoroughly studied 
redox-active copper proteins are the cupre- 
doxins (the simplest class of the so-called 
“blue” copper proteins) that contain a 
single copper site designated as type 1 cop- 
per. In these proteins, the copper has an 
elongated trigonal pyramidal coordination 
geometry in which the copper coordina- 
tion sphere consists of a thiolate sulfur 
from cysteine and two histidine nitro- 
gens forming the triangular base with an 
elongated bond to an apical methionine 
sulfur (Fig. 7) [128, 129]. In stellacyanin 
and related phytocyanins, the apical me- 
thionine is replaced by a glutamine [130, 
131]. In some cupredoxins, such as azurin, 
a glycine oxygen occupies an axial site 


S(Met92) 



S7Cvs841 


Fig. 7 G eometry of a typical type I 
copper site in plastocyanin. Bond 
lengths and bond angles are relatively 
constant upon reduction or oxidation of 
the copper site (J. M. Guss, P. R. 
Harrowell, M. Murata et al.,J. Mol. Biol. 
1986, 792, 361-387). 



opposite to the methionine sulfur to 
produce a trigonal bipyramidal coordina- 
tion geometry [132, 133], A primary focus 
of the electrochemical measurements has 
been the determination of the electron- 
transfer thermodynamics and kinetics and 
the correlation of these properties to 
the coordination geometry, particularly by 
generating mutant species [134, 135]. 

Unlike heme units, the coordination 
unit of the blue copper proteins does 
not exist outside the protein so that at- 
tempts to generate representative model 
compounds have been relatively unsuc- 
cessful. Electrochemical studies have been 
conducted directly on the native pro- 
teins, either by utilizing potentiostatic 
spectroelectrochemical methods [136] or 
by adsorbing the proteins on modified 
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gold, pyrolitic carbon or bare glassy car- 
bon electrodes and conducting cyclic or 
square- wave voltammetric scans [137, 138]. 

In general, well-resolved cyclic voltam- 
mograms have been obtained with peak 
separations in the range of 55- 100 mV. 

As illustrated by the values in Table 5, 
such measurements have yielded aqueous 
redox potentials that are predominantly in 
the region of 0.3 V (versus SHE), although 
the total range of potentials is 0.18-0.8 V 
[139-142], 

The ability to obtain accurate redox 
potentials has played a key role in the 
investigation of copper proteins since it 
has provided investigators with data from 
which to generate an understanding of 
the factors giving rise to the unusu- 
ally high potentials exhibited by some 


Tab. 5 Potential values for copper(ll/l) proteins (principally cupredoxins) in aqueous 
solution (all values are presumed to be for 25 °C, p & 0.1 M) 


Protein type 

Source 

E u e ', Vverus SHE 

References 

Amicyanin 

Paracoccus versutus 

0.255 

143 

Auracyanin A 

Chlorofexus aurantiacus 

0.205 

138 

Auracyanin B 

Chlorofexus aurantiacus 

0.215 

138 

Azurin 

Pseudomonas aeruginosa 

0.307 

144, 145 

Azurin 

Alcaligenes denitrificans 

0.276 

146 

Azurin 

Alcaligenesfaecalis 

0.266 

146 

CBP 

Cucumis s ativus 

0.317, 0.321 

147, 148 

Fungal laccase 

Polyporus versicolor 

0.780 

149 

Mavicyanin 

Zucchini 

0.215 

150 

Plantacyanin 

Spinach 

0.345 

151 

Plastocyanin 

Spinacea oleracea 

0.366 

144 

Plastocyanin 

Phaseolus vulgaris 

0.360 

145 

Plastocyanin 

Cucumis sativus 

0.374 

144 

Plastocyanin 

Populus nigra, var. italica 

0.375 

152 

Pseudoazurin 

Alcaligenesfaecalis S-6 

0.275 

143 

Rusticyanin 

ThiobaciHus ferrooxidans 

0.680 

153-155 

Rusticyanin 

Mutant Metl48Lys 

0.363 

135 

Rusticyanin 

Mutant Metl48Cln 

0.563 

135 

Rusticyanin 

Mutant Metl48Leu 

0.798 

135 

SBP 

Spinacea oleracea 

0.345 

151 

Stellacyanin 

Rhus vernicifera 

0.187Q.191 

144, 145 

Stellacyanin 

Cucumis sativus 

0.265 

144 

Umecyanin 

Armoracia laphatifolia 

0.290 

144 
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species. For example, a large number 
of mutant species of azurin have been 
examined to determine the effect of vari- 
ous alterations in the copper coordination 
sphere upon the resulting potential trends. 
The observed potentials span a range 
of about 0.3 V, although most were lit- 
tle changed from the wild-type protein 
[134]. Sola and coworkers [143, 156, 157] 
have evaluated the enthalpic and entropic 
contributions to the redox potentials of 
such mutants and concluded that en- 
tropic effects were notably influenced by 
the exposure of the copper site to the 
solvent. 

As shown by the potential values in 
Table 5, stellacyanin exhibits one of the 
lowest potentials among known copper 
proteins. Since this protein has a glu- 
tamine amide in the axial position [130, 
158] rather than the methionine thioether 
sulfur that commonly occupies this site 
in other cupredoxins, it was suspected 
that the Cu— S(Met) bond might be largely 
responsible for the high potential values of 
other cupredoxins. To investigate this pos- 
sibility, Hasnain and coworkers prepared 
rusticyanin mutants in which the apical 
methionine was substituted by glutamine, 
lysine, and leucine. These mutants exhib- 
ited potentials that spanned the range from 
0.37 to 0.80 V[135] (see Table 5), illustrat- 
ing that the structure clearly had an effect 
upon the potential but that an apical sul- 
fur was not a necessity. Olsson and Ryde 
[142] carried out density functional calcula- 
tions and concluded that the axial ligands 
themselves have a small influence on the 
reduction potentials of the blue copper pro- 
teins. Instead, they suggested that the large 
variation in the reduction potentials seems 
to arise mainly from variations in the sol- 
vent accessibility to the copper site and in 
the orientation of protein dipoles around 


the copper site. Subsequent theoretical cal- 
culations by Olsson and coworkers [155] 
led them to conclude that the reduction 
potential of plastocyanin is “tuned down” 
by the protein permanent dipole compared 
to the active site in regular water while in 
rusticyanin it is “tuned up”. They further 
concluded that this electrostatic environ- 
ment is a property of the entire protein 
and solvent system and cannot be ascribed 
to any single interaction. 

Armstrong and coworkers found that, 
even at scan rates up to 3000 Vs -1 
on cupredoxins adsorbed on pyrolytic 
graphite “edge” electrodes, the peak sep- 
aration increases only slightly, indicating 
that electron transfer is relatively rapid 
[159]. These workers have also applied 
square-wave voltammetry to the blue cop- 
per protein azurin absorbed on both 
pyrolytic graphite electrodes and gold 
electrodes modified with self-assembled 
monolayers of alkanethiols [160]. The 
standard electron-transfer “exchange” rate 
constant at zero driving force was shown 
to depend on the nature of the elec- 
trode. However, at high driving poten- 
tial, a constant rate constant of (6 ± 3) 
xlO 3 s _1 was reached, regardless of 
the electrode material, indicating that 
the rate of electron transfer had be- 
come “gated” by a rate-limiting con- 
formational change in accordance with 
Scheme 1. 

24.7.5 

Other Copper(l I/I) Systems 

A large number of copper complexes 
involving unidentate ligands have been 
identified. The electrochemistry of such 
systems tend to be complicated by the 
fact that mixtures of the 1:1, 1:2, 1:3, 
and 1 : 4 complexes may be present, 



each involving a different redox poten- 
tial. In the case of anionic ligands with 
unit negative charge, the Cu*L complex 
species (i.e. the 1 : 1 complex) is often 
found to be insoluble. Unidentate ligands 
that can form more than one coordi- 
nate bond may act as bridging species, 
either to form dimers or to bridge to 
the electrode surface, thereby altering 
the observed electrochemical behavior. A 
number of multidentate ligands can form 
binuclear complexes incorporating two or 
more metal ions. A brief summary of 
the more common unidentate ligand sys- 
tems and selected examples of binuclear 
complexes are included in the following 
sections. 

24.7.5.1 Unidentate Ligand Complexes 

24.7.5.1.1 Hydroxide Complexes The hy- 
drolysis of Cu(I) is too small to measure 
accurately in aqueous solution. However, 
the low solubility of CU 2 O limits the use- 
ful range of Cu(II) concentrations when in 
contact with elemental copper because of 
the following equilibrium [161]: 

CuO) + Cu 2+ + 2 QH~ t " CU 2 OO) 

+ H 2 0 K eq = 3x 10“ 26 (11) 

Since this phenomenon severely limits 
the concentration of Cu 2+ that can remain 
in contact with the metal, the usefulness 
of the Cu 2+ /Cu(s) electrode is severely 
restricted. 

The stability of Cu u OH + has been 
reported by several investigators, but the 
value is uncertain. The principal hydrolysis 
product is, in fact, the dimeric species, 
Cu 2 (OH) 2 2+ [161]. Higher-order species 
with the general formula Cu„ + i(OH) 2 „ 2+ 
have been reported by many investigators, 
but Baes and Mesmer [161] note that these 
data may reflect the presence of a colloidal 
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or active precipitate of Cu(OH )2 in addition 
to Cu 2 (OH) 2 2+ at higher pH values. The 
formation constant for Cu 2 (OH) 2 2+ may 
be written in the following form [161]: 

2Cu 2+ + 2H 2 O^^Cu 2 (OH)2 2+ 

+ 2H+ K = 4.4 x 10 -11 (12) 

The introduction of hydroxide as a 
unique ligand into the inner-coordination 
sphere of solvated Cu(II) should diminish 
Jahn -Teller distortion and notably decrease 
the rate of inner-sphere substitution. This 
presumably accounts for the fact that no 
evidence has been found for a unique 
contribution of the Cu 2 (OH) 2 2+ ion in 
reactions involving solvated Cu(II) up to 
pH 5.8 [162]. (At higher pH, Cu(OH) 2 
precipitates.) 

Among the divalent first-row transition 
metal ions, Cu(OH )2 (or CuO) is the least 
soluble hydroxide (or oxide) species [163]: 

Cu 2+ + 20 H~^^Cu(0H) 2 (s) 

K s p = 4.8 x lO -20 (13) 

For concentrated solutions, Cu(OH )2 (or 
CuO) may begin to precipitate at pH val- 
ues slightly above 4.0, thereby severely 
limiting the pH range in which solution 
electrochemical data involving Cu(II) can 
be obtained. For more dilute solutions 
of Cu(II) (e.g. <10“ 4 M), pH values ap- 
proaching 6 may be attained before the 
onset of precipitate formation. A num- 
ber of basic salts of Cu(II) are particularly 
insoluble, and this can further limit the 
range of conditions accessible for electro- 
chemical studies involving solvated Cu(II). 

For example, nitrate ion should generally 
be excluded from electrochemical mea- 
surements on aqueous Cu(II) solutions 
to prevent precipitation of copper(II) tri- 
hydroxynitrate (also known as basic copper 
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nitrate), Cu(NC> 3)2 • 3Cu(OH)2, which pre- 
cipitates at pH values as low as 3 for 
Cu(II) solutions of intermediate concen- 
tration [164]. 

The high affinity of Cu(II) for hydroxide 
results in the formation of higher hydroxy 
species so that Cu(II) redissolves at very 
high pH (i.e. it is amphoteric). This 
permits electrochemical studies to be 
conducted on solvated Cu(II) in aqueous 
solution under high pH conditions that 
are not feasible for most other divalent 
transition metal ions [165]. McDowell and 
Johnston [166] measured the increasing 
solubility of CuO in KOH solutions 
and interpreted their data in terms of 
the formation of both Cu(OH) 3 _ and 
Cu(OH) 4 2 ~ for which they report the 
following equilibrium constant: 

Cu(OH) 3 “ + OH~ - - Cu(OH) 4 2 ~ 

K 4 = 7.86 (14) 

Baes and Mesmer [161] have suggested 
that McDowell and Johnston’s data can 
be satisfactorily explained in terms of 
only the tetrahydroxy species if one al- 
lows for the probable effect of increasing 
ionic strength. However, this statement 
is presumably incorrect as McDowell and 
Johnston reported their equilibrium con- 
stant in terms of activities, and kinetic 
measurements on the complexation reac- 
tions of Cu(II) at pH > 13 indicate that 
two different hydroxy species exist [165]. 

24.7.5.1.2 Halide Complexes Chloride, 
bromide, and iodide ions form complexes 
with both Cu(I) and Cu(II). Although 
the Cu(II) complexes are very weak (for 
chloride: K\ = 1.3, K 2 = 0.23 at 25 °C, 
/x = 1.0) [167], the Cu(I) complexes are 
of appreciable stability (for chloride: K\ = 
5 x 10 2 , K 2 = 2 x 10 3 at 25 °C, \i = 5.0) 
[168]. As with Ag(I), the 1 : 1 complexes 


between Cu(I) and these halide ions are 
relatively insoluble (for chloride, bromide, 
and iodide: K sp = 4 x 10 -7 , 5 x 10 -9 , and 
5 x 10 -13 M~ 2 , respectively) [168], The 
electrochemical potentials reported for the 
insoluble halide salts of Cu(I) are as 
follows [13]: 

CuCl(s') + e~ , s Cu(,y) 

+ Cl“ E 10 e = 0.121 V (15) 
CuBr(.?) + e~ ; - Cuf?) 

+ Br~ E 10 e = 0.033 V (16) 
Cul(i) + e~ ; - Cu(i-) 

+ r E w e = -0.182 V (17) 

The insolubility of the Cu(I) halide salts, 
as well as the possibility of fi -halo-bridge 
formation between two copper atoms (as 
discussed later) or between the copper 
complex and the electrode surface, sug- 
gests that the presence of halides may alter 
the electrochemical properties observed 
for copper-containing solutions. 

24.7.5.1 .3 Cyanide and Thiocyanate Comp- 
lexes Among other unidentate anionic 
ligands commonly encountered, cyanide 
forms stable complexes with both Cu(II) 
and Cu(I); however, the CuCN salt is so 
insoluble (pK sp = 19.5)[169] that only the 
reduced complex has been characterized, 
that is, the addition of cyanide to an aque- 
ous solution initially containing Cu(II) 
results in autoreduction to Cu(I). The 
overall equilibrium constant (f 4 ) for the re- 
action of Cu(I) with four cyanide ions was 
determined as early as 1904 by Kunschert 
[170] and subsequent measurements have 
yielded virtually identical values: 

Cu+ + 4CN“^^Cu(CN) 4 3 “ 
f 4 = 2x 10 27 


( 18 ) 
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reported as follows [175]: 


This value does not include activity 
corrections. The potential value reported 
in the literature for the electrodeposition 
of Cu from a solution containing high 
concentrations of cyanide [169, 171] 

Cu(CN) 4 3 “ + e - ^^Cu(s) 

+ 4CN - E w e = -1.281 V (19) 

implies that f >4 = 2.8 x 10 30 when ex- 
pressed in terms of activities. The potential 
value for the reduction of solid CuCN has 
been determined [169]: 

CuCNf?) + e~ ' " CuO) 

+ CN - E w 6 = -0.639 V (20) 

Although thiocyanate also forms an 
insoluble complex with Cu(I) (pK sp for 
CuSCN = 12.7) [172], the compound is 
more soluble than CuCN as reflected by 
the less negative standard potential for 
electrodeposition [173]: 

CuSCN(s) + e~ r s Cu(-s') 

+ SCN - E\o e = —0.27 V (21) 

24.7.5.1.4 Ammonia Complexes Ammo- 
nia forms stronger complexes with Cu(II) 
than with any other divalent first-row tran- 
sition metal ion. In practice, ammonia is 
often utilized as a masking agent to per- 
mit the study of Cu(II) at high pH by 
preventing the precipitation of Cu(II) hy- 
droxide. The stepwise formation constants 
for Cu(II) with ammonia in aqueous so- 
lution are K\ = 1.3 x 10 4 , K 2 = 3 x 10 3 , 
K 3 = 7 x 10 2 and K 4 = lx 10 2 [174], 
Even stronger complexes have been re- 
ported for the addition of two NH 3 ligands 
to Cu(I): Ki = 8 x 10 5 and K 2 = 8 x 10 4 . 
A potential value for the reduction of the 
1 : 2 Cu(I) complex with ammonia has been 


Cu(NH 3 ) 2 + + e - ^^Cu(s) 

+ 2NH 3 E w e = -0.12 V (22) 

24.7.5.1.5 Complexes with Acetate and 
Other Common Bronsted Bases Many 
reactions of copper tend to be conducted in 
the range of pH 4.0-5. 5 to avoid possible 
formation of hydroxycopper species. This 
is a range in which acetate is the most 
commonly used buffer. Unfortunately, 
acetate (Ac - ) is a very poor choice as 
it forms stronger complexes with Cu(II) 
than with any other divalent metal ion 
except Hg(II). The stepwise equilibrium 
constants for the formation of Cu(Ac) + , 
Cu(Ac)2, Cu(Ac)3 - , and Cu(Ac) 4 2- are 
50, 10, 2.5, and 0.6, respectively [176]. 
This indicates that the apparent potential 
for Cu 2+ reduction will be significantly 
decreased by the presence of acetate ion. 
Although no experimental data have been 
located for the reduction of Cu(II) -acetate 
complexes, a value has been reported for 
the reduction of the 1 : 1 Cu(I) complex 
with acetate [177]: 

Cu(Ac) + e~ , ' Cu(,s) 

+ Ac - E w e = 0.276 V (23) 

(By comparison to the aqueous Ew 6 value 
for solvated Cu + reduction in Table 1, this 
potential indicates that the K sp value for 
Cu(Ac) is about 7.5 x 10 -5 .) Thus, any 
electrochemical studies on copper that 
are conducted in the presence of acetate 
buffer will presumably be affected by the 
formation of acetate complexes. 

24.7.5.1.6 Noncomplexing Buffer Systems 

Acetate is not the only buffer that causes 
difficulties when used in studies on cop- 
per systems. All Bronsted bases are also 
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Lewis bases and, therefore, potential com- 
plexing agents. Some investigators have 
attempted to avoid the problem by utiliz- 
ing one of the series of buffers devised 
by Good and coworkers [178-180] (the 
so-called Good’s buffers) on the basis of 
the assumption that these buffer com- 
pounds do not form metal complexes and 
are, therefore, suitable for pH control in 
Cu(II/I) studies. However, several studies 
have shown that Cu(II) is complexed by 17 
of the 20 Good’s buffers to a significant 
extent [181-186]. To prevent buffer in- 
terference when making electrochemical 
measurements on Cu(II)-containing solu- 
tions, noncomplexing buffers are recom- 
mended. A series of 10 sterically hindered 
tertiary amine compounds have recently 
been generated that cover the entire range 
of pH 3-11 and have been specifically 
demonstrated to provide interference-free 
buffering of Cu(II) solutions [181, 182]. 

24.7.5.2 Binuclear Complexes 

A large number of binuclear complexes of 
copper have been reported in the literature. 
As first noted by Patterson and Holm 
[95], these systems may exhibit either two 
one-electron steps or a single two-electron 


step. Ligands that tend to promote the 
formation of binuclear complexes consist 
of several types. The simplest systems are 
those in which the two copper atoms are 
coordinated to donor atoms that are well 
separated from each other, particularly 
within a large branched or macrocyclic 
ligand. Typical examples of such systems 
are illustrated above [187, 188], 

Cyclic voltammograms conducted in 
DMSO on the compound at left revealed 
two one-electron steps, both of which 
appear to be quasi-reversible with the dif- 
ferences in the potentials of the cathodic 
and anodic peaks for the two-electron- 
transfer processes being 210 and 310 mV 
when starting with the NO 3 salt of the 
oxidized complex. In the presence of chlo- 
ride ion, spontaneous reduction occurred 
upon sitting. Subsequent analysis of the re- 
sulting product revealed that the thioether 
functions were partially oxidized to sulfox- 
ide. For the compound at the right, a single 
two-electron-transfer step was observed in 
acetonitrile. Variation of the concentra- 
tion ratio of copper to ligand resulted 
in the generation of a 3:1 complex in 
which the two piperazine nitrogens were 
coordinated to a third copper atom, the 
coordination sphere of all three coppers 
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presumably being completed by solvent 
molecules or anions. The latter complex 
showed a single three-electron transfer 
step. 

Other binuclear complexes can be 
formed by ligands in which at least one 
of the donor atoms serves as a bridge be- 
tween the two copper atoms. Two such 
examples are illustrated below [189, 190]: 

In both cases, the two copper atoms 
occupy identical sites but the electronic 
communication between them is much 
more intimate. In the example at left, the 
two copper atoms appeared to reduce at 
the same potential and the cyclic voltam- 
mograms were essentially reversible. 

Bridged binuclear compounds are also 
frequently formed by smaller ligands, 
particularly in the presence of chloride 
ions that can act as q-bridging ligands. A 
typical example is illustrated below [191]: 



In this compound, two separate electron- 
transfer peaks were observed in acetoni- 
trile, each of which was highly irreversible. 
In all of the foregoing examples, each 
Cu(II) ion is presumably coordinated to a 


fifth donor atom to complete a square pyra- 
midal or trigonal bipyramidal coordination 
sphere. 

In a few instances, binuclear complexes 
have been reported in which the two 
copper atoms interact directly through a 
metal-metal bond. Two examples of such 
complexes are illustrated below [192, 193]. 
CV’s run on the compound at left in both 
tetrahydrofuran and CH 2 CI 2 indicated the 
presence of two separate electron-transfer 
steps that were quasi-reversible. 

24.7.6 

Copper(lll/ll) Systems 

Copper(III)-aquo and -amine species 
have been generated by pulse radioly- 
sis [194] but these are transient species 
that undergo rapid decay. Electrochem- 
ical generation of Cu(III) complexes of 
macrocyclic amines have been reported in 
acetonitrile [195] but they are also unsta- 
ble and undergo spontaneous reduction to 
Cu(II). Nonetheless, it is presumed that 
copper(III) intermediates are generated as 
transients in a number of reactions, partic- 
ularly those involving copper catalysis of 
multielectron transfer reactions. 

Endicott and coworkers have measured 
the Cu(III/II) potentials of a few macro- 
cyclic tetramine complexes in acetonitrile 
[196-198], These values are very posi- 
tive, suggesting that the Cu(III) complexes 
tend to undergo spontaneous reduction. 
Margerum and coworkers were the first to 
demonstrate that Cu(II) complexes with 
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Tab. 6 Potential values for copper (1 1 1 / 1 1) complexes in aqueous solution at 25 °C, p = 0.10 M 
(NaCKXt) (tetramines from Refs 1 96 and 1 97; peptides from Ref. 201) 


Coordinated ligand 3 


E^2 e ' Coordinated ligand a Em 11 ' 


Tetramines in CH$CN (V versus reference shown) 


o'-trans-[14]dieneN4 

1.56 (SCE) 

/3-trans-[14]dieneN4 

1.57 (SCE) 

Meg-[14]aneN4 (tet-a) 

1.54, 1.62 (SCE) 

M e 2-[1 4]aneN 4 

0.63 (Ag/AgCI) 

Tripeptides, pH 7.7 in H 2 O (V versus SHE) 



GGG 

0.92 

AGG 

0.89 

GAG 

0.88 

GGA 

0.88 

GGA 

0.85 

GAA 

0.85 

AAA 

0.81 

LGG 

0.88 

GGL 

0.87 

GLG 

0.87 

LGL 

0.83 

LLL 

0.77 

VGG 

0.88 

GGV 

0.87 

IGG 

0.88 

GGI 

0.86 

GGF 

0.89 

GG/SA 

0.94 

Dipeptide amides (hydroxide com 

1 plexes) in H 2 O (V versus SHE) 


Gga 

0.85 

Gaa 

0.82 

Aaa 

0.78 



Histidine-containing peptides, pH 7.5 in H 2 O (V versus SHE) 


Gghis 

0.98 

GghisG 

1.02 

Asp-Ala-His-Lys 

0.96 



Tripeptide amides pH 9.5 in H 2 O (V versus SHE) 



G 3 A 

0.64 

GGAa 

0.60 

VGGa 

0.61 



Higher-order peptides and peptide amides, pH 9.5 in H 2 O (V versus SHE) 


C 4 

0.63 

ag 3 

0.61 

G 4 a 

0.68 

g 5 

0.66 

G 4 A 

0.66 

g 6 

0.67 

a 4 

0.60 

v 4 

0.51 

N-Formyl tripeptides, pH 10.0 in 

H 2 0 (V versus SHE) 



NfG 3 

0.75 

NfA 3 

0.66 

N-Formyl peptides and peptide 

amides, pH 1 1 .5 in H 

2 O (V versus SHE) 


NfG 4 

0.55 

NfG 5 

0.63 

NfG 3 a 

0.49 

NfGGA 3 

0.45 


3 C: glycyl; A: alanyl; j3A: beta-alanyl; V: valyl; L: leucyl— ; I: isoleucyl; F: phenylalanyl; his: histidyl; 
asp: aspartyl; lys: lysyl; Cga: glycylglycylamide; Nf: N-formyl. 
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Tab. 7 Individual contributions to the electrode potentials of Cu (1 1 1/ 1 1) — peptide couples (from 
Ref. 201) 


Ligand property 


A E 6 [Vf 


1. Replacement of an equatorially bound carboxylate group by a —0.28 

deprotonated-peptide group 

2. Replacement of an amine group by a deprotonated N-formylamine group —0.1 5 

3. Replacement of an equatorially bound carboxylate group by a hydroxide group —0.07 

4. Leucyl, valyl, isoleucyl C substituents (per substituent) —0.05 

5. Alanyl or phenylalanyl C substituents (per substituent) —0.04 

6. A 5,5,6-membered ring system +0.06 

7. Replacement of an equatorially bound carboxylate group by an Imidazole group +0.04 

8. Axially coordinated carboxylate groups in the Cu(ll) complex +0.04 


a Relative to [Cu 111 / 11 (H_ 2 C*GG)] 0 ’ for which E 0 = 0.92 V. 


deprotonated tri- and tetrapeptides can 
readily be oxidized to form stable Cu(III) 
complexes [199, 200]. These workers used 
CV to determine the redox potentials 
of 40 Cu(III/II)-peptide complexes and 
confirmed these values by potentiomet- 
ric titrations against IrCl6 4_ / 3_ [201]. The 
CV’s were nearly reversible with peak sep- 
arations in the range of 72-89 mV. As 
shown in Table 6, the resultant Cu(III/II) 
potentials covered the range of 0.4 to 1.0 V 
with the di- and tripeptide complexes gen- 
erally in the range of 0.77-0.99 V and the 
tetrapeptides at lower potentials of approx- 
imately 0.65 V (versus SHE). The potential 
of the Cu(III/II) complex with the quadru- 
ply deprotonated tetrapeptide C (cyclo- 
(/J-alanylglycyl-d-alanylglycyl)) was sub- 
sequently shown to have an aqueous 
potential of only 0.48 V [202]. 

The coordination geometry of these 
Cu(III) complexes is presumed to be 
square planar, indicative of high field d 8 
complexes. This has been demonstrated 
in the crystal structure of deprotonated 
tri-a-aminobutyric acid, Cu m (H_ 2 Aib 3 ), 
in which the copper-donor atom bonds 
were found to be 0.12-0.17 A shorter 
than for the corresponding Cu(II) complex 


[203]. Since the geometries of all pep- 
tide complexes studied by Margerum and 
coworkers are presumed to be essentially 
the same, these workers were able to gen- 
erate an empirical set of factors that affect 
the Cu(III/II) redox potentials for the pep- 
tide complexes, analogous to the empirical 
factors generated by Addison for Cu(II/I) 
redox potentials (Table 3). These empiri- 
cal additivity effects for Cu(III/II) -peptide 
complexes are listed in Table 7 [201]. 
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25.1 

Introduction 

A concise review of the electrochemi- 
cal behavior for the actinide elements is 
presented in this chapter. The material 
covered mainly focuses on the pertinent 
aspects of actinide electrochemistry cov- 
ered in the latest literature reviews. For 
the elements for which the literature is 
sparse because of difficulties in handling 
and/or acquiring sufficient quantities of 
the elements owing to their radioactivity, 
a more general overview of their electro- 
chemical behavior is covered. Covering the 
entire actinide series in a single chapter 
dictates a rather descriptive text, which 
is not possible because of space limita- 
tions. Sufficient leading references have 
been provided in each section to direct 
the interested reader to the original works. 
The electrochemistry of lawrencium has 
been omitted because of the lack of any 
published data. 

25.2 

Actinium 

25 . 2.1 

Aqueous Solutions 

There is a relatively small volume 
of published electrochemical data on 


actinium, mainly limited to aqueous 
electrodeposition studies. This stems in 
part from the intense gamma activity of the 
decay products from naturally occurring 
227 Ac, making experimental work some- 
what difficult. There were conclusions 
reached in some of the earlier literature 
proclaiming the existence of Ac(II) in 
aqueous solution on the basis of radiopo- 
larography studies [1], a technique first de- 
scribed by Love [2], and a study employing 
18-crown-6 to facilitate the Ac(III)/Ac(II) 
electron-transfer process [3]. However, the 
more recent literature concerning this 
topic contradicts the earlier reports and 
now suggests an irreversible Ac(III)/Ac(0) 
electrodeposition process at —1.96 V ver- 
sus standard hydrogen electrode (SHE) in 
aqueous 0.1 M LiClC >4 at pH 2. 5-3. 2 [4]. 
Although not an electrochemical study, 
the chemical reduction of Ac(III) with bi- 
valent Sm in aqueous -ethanolic solution 
through a cocrystallization process was ob- 
served by Mikheev et al. [5], who found no 
evidence for its reduction to Ac(II). This 
method had been employed successfully 
for the production of bivalent Es and Fm in 
a previous study [6]. In addition, theoretical 
calculations predict the reduction poten- 
tial for the Ac(III)/Ac(II) couple (—3.3 V) 
to be more negative than the Ac(III)/Ac(0) 
couple (—2.12 V), which is already beyond 
the breakdown potential of the aqueous 
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solvent medium [7]. It is clear from the 
more recent results that the existence of 
Ac(II) as a stable species in aqueous media 
is very unlikely. 

25 . 2.2 

Electrodeposition 

Although the theoretical studies predict 
solvent medium breakdown before the on- 
set of actinium electrodeposition, there 
have been reports of Ac(0) electrodepo- 
sition from aqueous solutions utilizing 
several different methods [8, 9]. One set 
of studies [8] describes the electrodeposi- 
tion of actinium from nitric acid solutions, 
with varying pH values (1. 0-4.0) being set 
to the appropriate level by the addition of 
sodium hydroxide. The anode and cath- 
ode in these studies were platinum metal, 
and the current density was varied from 
50 to 200 mA cm -2 . The authors found 
that quantitative electrodeposition of ac- 
tinium could be achieved under various 
conditions, with the shortest electrolysis 
time of 1 h being obtained with a current 
density of 200 mA cm -2 and a pH of 2.0. A 
second study employed a saturated aque- 
ous solution of urea oxalate (ca 6.6% at 
30 °C) as an electrolyte for the electrodepo- 
sition of Ac onto a nickel foil cathode [9]. 
The authors of this study found that the 
yield of electrodeposited Ac increased with 
time and reached a near quantitative max- 
imum yield of 97% at a current density of 
53 mA cm -2 after 2 h. The Ac electrode- 
posits were suitable for further study using 
nuclear spectroscopy. 


25.3 

Thorium 

The previous reviews regarding the elec- 
trochemical properties of thorium and 


its complexes have been covered in the 
literature up to approximately the mid- 
1980s [10, 11]. Our intent in the current 
volume is to just summarize, for complete- 
ness, the main findings from the earlier 
literature and reviews, thereby providing a 
focus on the more recent results of tho- 
rium electrochemistry. 

25 . 3.1 

Aqueous Solutions 

In aqueous solution, thorium exists as 
Th(IV), and no definitive data have been 
presented for the presence of lower-valent 
thorium ions in this medium. The stan- 
dard potential for the Th(IV) /Th(0) couple 
has not been determined from experi- 
mental electrochemical data. The values 
presented thus far for the standard re- 
duction potential have been calculated 
from thermodynamic data or estimated 
from spectroscopic measurements. The 
standard potential for the four-electron re- 
duction of Th(IV) ions has been estimated 
as —1.9 V in two separate references 12. 
The reduction of Th(OH )4 to Th metal was 
estimated at —2.48 V in the same two pub- 
lications. Nugent et al. calculated the stan- 
dard potential for the oxidation of Th(III) to 
Th(IV) as +3.7 V versus SHE, while Miles 
provides a value of +2.4 V [13]. The stan- 
dard potential measurements from studies 
in molten-salt media have been the sub- 
ject of some controversy. The interested 
reader is encouraged to look at the sum- 
mary from Martinot [10] and the original 
references for additional information [14]. 

Polarography studies of Th(IV) in aque- 
ous solution have been investigated by 
several authors under various conditions. 
The results from these studies gener- 
ally show an irreversible and nonrepro- 
ducible reduction process. In 1 M LiCl 
solution, the £ 1/2 value for the reduction 
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of Th(NC> 3)4 was reported as —1.27 V 
versus saturated calomel electrode (SCE), 
and the authors concluded that the re- 
duction process is catalytic in nature [15]. 
For the reduction of Th(NC> 3)4 in 1 M 
U 2 SO 4 , the data were inconclusive and, 
for that in 0.1 M KNO 3 , a Th(IV) cat- 
alytic wave at approximately —1.2 V versus 
SCE was observed [16]. Better results were 
obtained when an organic solvent was 
mixed with the aqueous solutions. For 
example, Saxena and Chaturvedi found 
an irreversible diffusion-controlled reduc- 
tion process in 0.5 M NaClC> 4 , 0.002% 
Triton X, 0.4 mM Th(IV), and 50% ace- 
tonitrile (£ 1/2 = —1.440 V versus SCE) or 
50% methanol (£ 1/2 = —1.404 V versus 
SCE) [17], 

25.3.2 

Nonaqueous Solutions 

In nonaqueous media, the polarography of 
Th(IV) tends to display more defined and 
reproducible reduction wave (s). Astheimer 
and Schwochau proposed a two-step re- 
duction of TI 1 CI 4 in dimethylsulfoxide 
according to the equations Th(IV) + 2e“ 
Th(II) and Th(II) + 2e“ Th(0) [18], 

The interpretation of these results has 
subsequently been called into question 
by Duyckaerts and Degueldre after they 
performed polarography and chronoam- 
perometry studies in dimethylsulfoxide 
and propylene carbonate [19]. They sug- 
gested that the reduction of Th(IV) pro- 
ceeds through a one-step, four-electron 
reduction process, with £ 1/2 = — 1.65 V 
versus SCE. Additionally, to account for the 
observed electrochemical behavior, Duy- 
ckaerts et al. proposed the formation of 
an autoinhibiting layer of thorium on 
the surface of the mercury working elec- 
trode following initial reduction. Kolthoff 
and Ikeda studied the polarography of 


Th(ClC> 4)4 in acetonitrile solvent (with 
0.1 M tetraethylammonium perchlorate as 
the supporting electrolyte) and concluded 
that the reduction waves in the polaro- 
grams were due to the evolution of 
hydrogen and not the formation of an 
amalgam at the mercury surface [20], More 
recently, Martinot et al. studied the reduc- 
tion ofThCl 4 at 400 K in dimethylsulfone, 
(CH 3 ) 2 SC> 2 , with LiCl as the support- 
ing electrolyte [21]. As shown in Fig. 1, 
the cyclic voltammograms display an ill- 
defined reduction peak, with a characteris- 
tic oxidative stripping peak and a small pre- 
wave on the reverse scan. These results are 
attributed to the four-electron reduction of 
Th(IV) to Th(0) at the electrode with subse- 
quent stripping of the metal from the work- 
ing electrode surface on the return scan. 


Small quantities of Th metal can be elec- 
trodeposited as dendrites from molten 
NaCl at ~800°C by cathodic electrolysis 
of a ThF 4 solution at a molybdenum cath- 
ode [22]. Martinot has published several 
papers describing the electrodeposition of 
Th metal in an LiCl— KC1 eutectic. Voltam- 
metry experiments show that TI 1 CI 4 can be 
reduced to Th(0) in LiCl— KC1 at 400 K at a 
tungsten working electrode (cathode) sur- 
face in a single four-electron step with 
no evidence for an intermediate Th(II) 
species [23]. More recently, a procedure 
was described for converting TI 1 O 2 to Th 
metal [24], The first step was the dissolu- 
tion and conversion of ThC >2 into TI 1 CI 4 
in a vitreous carbon crucible by allowing 
HC1 gas to flow through the LiCl— KC1 
eutectic/ThC >2 mixture at 400 °C. The car- 
bon crucible served as the anode and a 
tungsten rod as the cathode during the 
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[V] 

electrolysis, with a potential difference of 
between 2.38 and 2.7 V. 

25.3.4 

Electrodeposition 

The electrodeposition of thorium, typically 
as hydrous oxide, has been used as an 
efficient means of preparing samples for 
alpha spectrometric determination. Talvi- 
tie described a procedure at a 304 stainless 
steel cathode using 1 M (NH^SC^ at 
pH 2 for 120 min, with a current den- 
sity of 520 mA cm -2 [25]. Recently, Lee 
et al. compared Talvitie’s method with a 
modified version employing the follow- 
ing conditions: stainless steel cathode, 
300 mA cm -2 current density, 2 h elec- 
trolysis, pH of 1.8, and an electrolyte 
solution containing 0.3 M ammonium ox- 
alate, 0.4 M ammonium sulfate, 0.1 M 


Fig. 1 Voltammetric reduction ofThCfi 
(2.6 x 10~ 2 M) in molten 
dimethylsulfone at 400 K (Pt cathode, 
scan rate = 0.1 V s _1 , 0.25 M LiCI) 
(reprinted from Journal of Alloys and 
Compounds , Vol. 228, L. Martinot, 

C. Licour, L. Lopes, Contribution to the 
Knowledge of the Electrochemical 
Properties of Actinides in Non-Aqueous 
Media III. The Reduction of Tetravalent 
Thorium and Tetravalent Neptunium in 
Various Organic Solvents, Pages 6-12, 
1995, with permission from Elsevier). 


hydroxyl ammonium sulfate, and 0.005 M 
diethyltriaminopentaacetic acid (DTPA) as 
chelating agents [26]. The modified proce- 
dure resulted in slightly higher deposition 
yields for thorium, 89.4 ± 2.9% versus 
85.5 ± 4.7%, and in the case of pluto- 
nium, and likely for the other actinides 
studied, a more uniformly electroplated 
analyte resulted. Glover et al. have de- 
scribed an optimized electrodeposition 
method for thorium and other actinides in 
which an NaHS 04 -H 2 SC> 4 -NH 4 buffer 
was utilized [27]. The authors found close 
to quantitative yields (>90%) for thorium 
recovery with a 1-h electrodeposition time 
at pH 1.5-2 and a constant current of 0.75 
A. The thorium was plated on a 1.59-cm 
stainless steel planchet. For thorium deter- 
mination from soil and sediment samples 
with sulfate electrolytes, it was recently dis- 
covered that the poor thorium recoveries 
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(~ 1 %) were associated with interfering 
aluminum in the electrolytic solution dur- 
ing the electrodeposition step [28]. Higher 
yields were obtained when the aluminum 
was complexed by fluoride ions. An am- 
monium acetate electrolyte can be used 
to efficiently plate (95% recovery) thorium 
from solution in 2 h under the follow- 
ing conditions: 0.35 M [NH 4 ][CH 3 COO], 
pH of 1, approximately 12 V, and 400 mA 
stainless steel cathode [29]. Zarlci et al. 
have employed a thorium electrodeposi- 
tion step as part of their procedure for the 
analysis of thorium by alpha spectrome- 
try [30]. Their method utilizes a solution 
of 70% ethanol, 0.45 M HC1, and 0.06 M 
HNO 3 for 1 h at a constant potential of 
30 V and a resulting starting current of 
0.95 A cm -2 . 

25.3.5 

Organometallic and Coordination 
Compounds 

Cyclic voltammetry experiments have 
been performed on the complex 
(tren'lThfBu^DAB), where tren' = amino- 
tris[ethyl(trimethylsilyl)amido] and DAB = 
1,4-diazabutadiene [31]. The voltamme- 
try was performed in dry tetrahydro- 
furan (THF) with 0.2 M tetrabutylam- 
monium hexafluorophosphate supporting 
electrolyte at a Pt disc working elec- 
trode. The voltammograms were consis- 
tent with a Nernstian and chemically 
irreversible oxidation of the coordinated 
DAB ligand at £ p = 0.20 V versus Fc/Fc + 
and an electrochemically irreversible re- 
duction process at £ p = —1.09 V versus 
Fc/Fc + . Several bent metallocene com- 
plexes of thorium were studied by po- 
larography in a nonaqueous medium of 
dimethylformamide (DMF) or THF sol- 
vent with [(m-C 4 H 9 ) 4 N][PF 6 ] as the sup- 
porting electrolyte at a dropping mercury 


electrode [32], In DMF, (C 5 Me 5 ) 2 ThCl 2 
was reduced at —2.45 V versus SCE, 
while its more stable cyclohexyl isocyanide 
derivative (CsMes^ThCh- CNC 6 H 11 was 
reduced at —2.32 V versus SCE. In THF, 
(C 5 Me 5 ) 3 ThCl is reduced at —2.8 V ver- 
sus SCE at a Hg electrode and at 
—2.5 V versus SCE at a Pt working elec- 
trode surface. Through correlation with 
the results from pulse radiolysis exper- 
iments of Th(IV)— THF solutions, the 
authors conclude that the reduction pro- 
cess can be attributed to the production 
of Th(III) derivatives in solution. It should 
be pointed out that these results contra- 
dict an earlier report by Finlce et al. in 
which they did not observe a faradaic 
electrode process during voltammetry ex- 
periments on (CsMe 5 ) 2 ThCl 2 in THF 
up to —2.7 V versus SCE [33]. In a re- 
cent account, Morris et al. commented 
on the lack of metal-based reductions 
in “(CsMe 5 ) 2 Th” derivatives [34]. Indeed, 
their voltammetry studies on hydrazonato 
(p 2 (M, A , )-RNN=CPh 2 ; R=CH 2 Ph, Ph) 
and ketimido (— N=C(Ph)(R); R=CH 2 Ph, 
Ph) complexes of “(CsMes^Th” show an 
absence of a metal-based Th(IV) /Th(III) 
reduction process in contrast to the 
U(IV)/U(III) reduction that is observed in 
uranium derivatives. 

The reduction of Th(acac) 4 , where 
acac = acetylacetonate, in THF at a 
platinum disc working electrode with 
[(h-C 4 H 9 ) 4 N][PF 6 ] as supporting elec- 
trolyte shows two cathodic processes [35]. 
The first reduction at E p = — 2.68 V 
versus Ag/AgClC >4 is ascribed to the 
Th(IV)/Th(III) couple to give Th m (acac) 4 , 
which slowly liberates acac - to produce 
the final product Th(acac) 3 . Full chemical 
reversibility for the Th(IV)/Th(III) couple 
is evidenced only at sweep rates higher 
than 50 V s -1 in the cyclic voltammo- 
grams. The authors conclude from their 
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data that the second reduction process is 
associated with coordinated and uncoor- 
dinated acac/acac - ligand reductions. The 
electrochemical and spectroelectrochem- 
ical behavior for several porphyrin and 
phthalocyanine complexes containing tho- 
rium have been investigated [36]. These 
complexes show oxidation and reduction 
processes that are associated with the 
macrocyclic ring as opposed to the Th(IV) 
metal center. 


25.4 

Protactinium 

The most stable oxidation states for 
protactinium are Pa(V) and Pa(IV). The 
chemical behavior of Pa(V) closely mimics 
that of Nb(V) and Ta(V), and experimental 
data are consistent with a 5f(l) rather 
than a 6d(l) electron configuration for the 
Pa(IV) species [37]. The electrochemical 
literature for Pa is mainly focused on the 
characteristics of the Pa(V)/Pa(IV) couple 
and the electrodeposition of Pa metal films 
from aqueous and nonaqueous electrolyte 
solutions. In aqueous solutions, only Pa(V) 
and Pa(IV) ions are known to exist, and the 
standard potential for the Pa(V)/Pa(IV) 
redox couple is in the range of —0.1 to 
-0.32 V [38]. 

25.4.1 

Aqueous Solutions 

As mentioned in previous reviews, the po- 
larography of Pa(V) has been studied in 
aqueous fluoride, sulfate, citrate, and ox- 
alate media [39]. The results in [NH 4 ]F 
at pH 7.2 gave the most useful electro- 
chemical data and will be discussed here 
briefly [40]. At a constant fluoride concen- 
tration of 3.84 M, two waves are observed 
in the polarogram. The first wave is the 


larger of the two, is proportional to the 
concentration of protactinium, and has 
been ascribed to the Pa(V)/Pa(IV) redox 
couple with £ 1/2 = —1.29 V versus SCE. 
This couple approaches polarographic re- 
versibility at low protactinium concentra- 
tions and displays a dependence on the 
concentration of fluoride in subsequent 
studies (lower fluoride concentrations give 
more negative £ 1/2 values). The electro- 
chemically active analyte species in the 
fluoride solution is thought to be [PaFs] 3 ~, 
with the Pa(IV) electrode product likely 
being [PaFs] 4 ~ or PaF 4 . The nature of the 
second reduction process (E 1/2 « —1.57 V 
versus SCE) is difficult to determine and 
not likely because of the further reduction 
ofPa(IV) to Pa(III). 

25.4.2 

Electrodeposition 

Electrodeposition of Pa metal has been 
performed from both aqueous and non- 
aqueous solutions. An isopropanol so- 
lution of 10-20 pg mL _1 Pa from 8 M 
HCl/0.01 M HF/Pa stock was employed 
for quantitative electrodeposition [41]. The 
cell consisted of a gold-plated Al cathode 
and a Pt wire anode. During deposition the 
current was maintained at 1 mA, which 
produced a potential of 400-600 V dur- 
ing the 90-min electrolysis. The progress 
of the electrolysis was externally moni- 
tored by alpha-counting of the electrolysis 
solution before and during the electrode- 
position. Deposition studies of metal from 
aqueous solutions are more common. Pa 
was electrodeposited on platinum in 95% 
yield at tracer concentrations from an 
electrolyte of [NH4]C1/HC1 [42]. Electro- 
chemical and chemical conditions of the 
plating process were described for Pu solu- 
tions, which served as a model for the other 
actinide elements studied. Another tracer 
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concentration study found quantitative 
recovery of Pa on a stainless steel cath- 
ode from a variety of electrolyte solutions: 
0.015 M [NH 4 ]F/0.25 M [NH 4 ]C1, 0.2 M 
[NH 4 ]F, and 0.02 M oxalic acid/0.06 M 
nitric acid [43]. The conditions for the elec- 
trolysis consisted of a controlled potential 
of 7-12 V for 4 h, with a resulting current 
density of approximately 160 mA cm -2 . 
Natural uranium was utilized in these 
experiments as a carrier, with its major 
influence likely associated with the evap- 
oration and transfer steps preceding the 
electrodeposition. Lower deposition yields 
(maximum 80%) at a platinum cathode 
were obtained from a 0.1 N ammonium 
formate/0.1 N sulfuric acid electrolyte at 
80 mA cm -2 for 8 h [44]. 

25 . 4.3 

Nonaqueous Solutions 

Concerning the reduction of Pa(IV), the- 
oretical calculations have predicted a 
standard potential of ca —2.0V for the 
Pa(IV)/Pa(III) couple [7, 45], These re- 
sults have been substantiated through a 
study using Tm(II) [£*(Tm 3+ /Tm 2+ ) = 
—2.22 V] as a reducing agent for the 
reduction of Pa(IV) to Pa(III) in chlo- 
ride melts [2]. Due to the cathodic limit 
of the solvent at approximately —1.6V 
the production of Pa(III) is thereby pro- 
hibited in aqueous solution. Therefore, 
it is likely that an error was made in 
the interpretation of earlier polarogra- 
phy data in which the authors claim to 
reduce Pa(IV) to Pa(III) in aqueous so- 
lution [46]. In a solution of acetonitrile 
with 0.1 M [(C2H5) 4 N][C10 4 ] as support- 
ing electrolyte, Schwochau and Astheimer 
observed a single electrochemically irre- 
versible polarographic reduction wave for 
PaCls (E \/2 = —0.22 V versus SCE), which 
they attribute to the two-electron reduction 


of Pa(V) to Pa(III) on the basis of compar- 
isons of limiting current values associated 
withNbCls and TaCls reductions [47]. Sub- 
sequent coulometry studies from —0.3 to 
—0.4 V were unable to confirm the Pa(V) to 
Pa(III) process in acetonitrile as reduction 
to the Pa(IV) species was observed [48]. 
The same authors studied the reduction of 
Pa(IV)Cl 4 in dimethylsulfoxide and iden- 
tified a single electron-transfer process 
(E \/2 = —1.49 V versus SCE) consuming 
four electrons to give Pa(0) metal [48]. 
There was no evidence of the genera- 
tion of a Pa(III) species in the polaro- 
grams. 


The volume of electrochemical data on 
uranium ions and complex compounds 
is substantially larger than that on the 
other actinides. Indeed a separate chapter 
just on the electrochemistry of uranium 
could be written without a struggle to 
find enough data. Our intention here is 
to cover the more recent literature on ura- 
nium electrochemistry and include a brief 
overview of the most pertinent information 
from earlier accounts. We have included 
in Table 1 the potentials for the various 
uranium redox couples. These potentials 
were obtained from the recent review by 
Kihara et al. in which the authors eval- 
uated the standard redox potentials for 
the various uranium couples by extrap- 
olating experimental formal potentials to 
the state of zero ionic strength [49]. Most 
of the electrochemical data in the review 
were obtained from the published works 
of Riglet et al. [50]. Additional reviews are 
contained within the Gmelin Handbook of 
Inorganic and Organomctallic Chemistry on 
Uranium [51]. The earlier review covers 
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Tab. 1 Standard potentials for selected uranium couples 


Electrode couple 

E*~(V versus SHE) 

References 

uo 2 2+ /uo 2 + 

0.089 

50a 

U 4 +/u 3 + 

-0.573 

49, 50b 

uo 2 2 +/u 4 + 

0.195 

49, 54 


the electrochemical properties of uranium 
in aqueous solutions [51a] and molten 
salts [51b]. The initial section contains in- 
formation on the standard and formal 
potentials for the various uranium redox 
couples, a longer more detailed section 
follows on the polarographic and voltam- 
metric behavior of uranium ions and 
complexes, and a separate chapter is in- 
cluded on electrochemistry of uranium in 
molten salts. The second, more recent 
review [51c] covers the electrochemistry 
of uranium in nonaqueous solvents and 
nonaqueous/aqueous mixtures. Electro- 
chemical studies in nonaqueous solvents 
is oftentimes warranted because of the 
propensity for complex compounds of 
uranium that undergo hydrolysis. For a 
detailed and thorough analysis of the ear- 
lier literature on the electrochemistry of 
uranium, the interested reader is referred 
to the reviews mentioned above and the 
references contained therein. 

25.5.1 

Aqueous Solutions 

The general electrochemical behavior of 
uranium in aqueous solutions is dom- 
inated by the reduction of the hexava- 
lent uranyl moiety, UC> 2 2+ . As shown in 
T able 1 , the potential for the U 02 2+ /UC> 2 + 
couple is 0.089 ± 0.002 V versus SHE, as 
determined from formal potential data 
in C10 4 “ solutions (0.5-3. 0 M) [49, 50a]. 
The electrochemical reduction of uranyl 
compounds has been a thoroughly studied 


process under a range of solution condi- 
tions and typically at a mercury working 
electrode surface. A detailed overview of 
electrochemical UC> 2 2+ reduction chem- 
istry can be found in the review by Franz 
and Schmitt [51a]. 

For most solution conditions, the ini- 
tial reduction reaction is the one elec- 
tron-transfer process mentioned above 
where the electrode product is the UC> 2 + 
species. The pentavalent uranyl moiety is 
rather unstable, although, as Morris has 
recently shown, it can be stabilized by 
the appropriate choice of ligand about 
the metal center [52]. The disproportion- 
ation of U0 2 + into U(IV) and U(VI) 
ions is the well-known primary decom- 
position pathway, the specifics of which 
constitute a series of homogeneous chem- 
ical reactions (See Ref. 49 and references 
therein). A simplified overall dispropor- 
tionation reaction is shown in Eq. (1). The 
pH of the electrolyte solutions can have a 
large influence on the reduction chemistry 
of the uranyl ion. This issue is discussed 
in more detail in a study by Sylva and 
Davidson [53]. The hydrolysis of UC> 2 2+ 
is more prominent in weakly acidic solu- 
tions and leads to the uranium product in 
Eq. (2). The U020H+ species is reduced 
at the electrode surface, and this further 
complicates the overall reductive electro- 
chemical behavior of the uranyl ion. The 
electrogenerated UC> 2 + ion is most stable 
in a pH range of approximately 2-3 and in 
the absence of oxygen, whereas in strongly 
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acidic solutions the disproportionation re- 
action is facile. 

2U0 2 + + 4H+ * > U0 2 2+ + U 4+ 

+ 2H 2 0 (1) 

U0 2 2+ + H 2 0 > U0 2 0H+ + H+ 

( 2 ) 

At more cathodic potentials during the 
reduction of U0 2 2+ , the polarograms dis- 
play a second reduction wave that is 
typically larger than the first wave. De- 
pending on the solution conditions, the 
second wave can appear as a “compos- 
ite wave” consisting of two closely spaced 
reduction processes usually ascribed to 
the U(V)/U(IV) and U(IV)/U(III) cou- 
ples. Equations (3-6) outline the possible 
species involved in the reactions, in which 
UOOH + is generated during the dis- 
proportionation reactions of U0 2 + (see 
Eqns (8) and (9)). Under solution condi- 
tions that produce a second reduction 
process displaying a wave of height equal 
to that of the U0 2 2+ /U0 2 + reduction, the 
reaction in Eq. (5) is thought to be respon- 
sible. A single two-electron wave associated 
with the U0 2 2+ /U 4+ couple can be ob- 
tained in strongly acidic solutions, such 
as 0.5 M H 2 S0 4 , 0.5 M H3PO4, and 6 M 
HC1 [54]. Experimental formal potential 
measurements for the U0 2 2+ /U 4+ cou- 
ple are scarce owing to the irreversibility 
of the electrode reaction. Sobkowski and 
Mine [55] performed electromotive force 
measurements at a Pt electrode to obtain 
a formal potential for the couple, from 
which Kihara and coauthors calculated a 
standard potential of 0.195 V in their re- 
cent review [49]. 

U0 2 + + 4H+ + e“ > U 4+ 

(3) 

(4) 


U0 2 + + e“ » U0 2 (5) 

UOOH+ + e“ » UOOH (6) 

The recent literature in this area is fo- 
cused on the electrochemistry of uranyl 
ions and complexes in mixtures of aque- 
ous and organic solvents, the influence 
of different electrode surfaces and com- 
positions, and the impact of the ligands 
surrounding the central uranyl moiety. 
The influence of different electrode sur- 
faces is being investigated because of 
interest in using U(IV) as a reducing agent 
in the treatment of spent nuclear fuel. 
The source of U(IV) is typically from elec- 
trolytic reduction of U(VI) in nitric acid. 
An overview of recent literature reports is 
included in the following pages. 

Flow coulometry experiments were per- 
formed to study the reduction of U0 2 2+ 
in nitric, perchloric, and sulfuric acid 
solutions [56]. The results of these stud- 
ies show a single two-electron reduction 
wave attributed to the U0 2 2+ /U 4+ cou- 
ple. The direct two-electron process is 
observed without evidence for the inter- 
mediate U0 2 + species because of the 
relatively long residence time of the ura- 
nium ion solution at the electrode surface 
in comparison to the residence time typ- 
ically experienced at a dropping mercury 
working electrode. The implication here is 
that as the U0 2 + is produced at the elec- 
trode surface, it is immediately reduced to 
the U 4+ ion. As the authors note a sim- 
plified equation for this process can be 
written, Eq. (7), but the process is more 
complicated. Once the U0 2 + species is 
produced it experiences homogeneous re- 
actions comprising Eqns (8) and (9) or (8) 
and (10) followed by chemical decomposi- 
tion of UOOH+ or U0 2 + to U 4 + [49], 

U0 2 2+ + 4H+ + 2e“ > U 4 + 


U0 2+ + e“ 


+ 2H 2 0 
UO H 


+ 2H 2 0 (7) 
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U0 2 + + H+ « > UOOH 2+ 

( 8 ) 

uo 2 + + uooh 2+ — > uo 2 2+ 

+ UOOH+ (9) 

uo 2 + + UOOH 2+ > houo 2 + 

+ U0 2+ (10) 

Dueber et al. studied the voltammet- 
ric behavior of the uranyl ion at a solid 
graphite working electrode, Pt mesh auxil- 
iary, and SCE reference 57. The electrolyte 
was magnesium chloride in deionized 
water and the pH of the solutions was 
adjusted from 2.4 to 6.6 with appropri- 
ate quantities of HCl and NaOH. The 
authors observed a chemically reversible 
reduction process at pH of 2.4 corre- 
sponding to the U0 2 2+ /U0 2 + couple at 
potentials between 0 and —0.3 V versus 
SCE. On the return scan in the cyclic 
voltammograms, the wave shape is indica- 
tive of a surface confined species likely 
because of the adsorption of U0 2 + . At 
higher pH values of approximately 4 and 
6, the hydrolysis of U0 2 2+ is greater and 
the resulting voltammograms show a de- 
crease in the current for the U0 2 2+ /U0 2 + 
couple and the growth of a new process 
at more negative potentials, from —0.6 
to —0.8 V versus SCE. The new process 
is due to the reduction of hydrolyzed 
uranyl complexes, likely [(U0 2 )3(0H)s] + 
and [(U0 2 ) 4 (0H) 7 ]+. This second reduc- 
tion process is chemically reversible and 
is due to the U(VI)/U(V) couple for 
the hydrolyzed species. Studies on ura- 
nium oxides mechanically attached to the 
graphite electrode show similar behavior 
to that obtained for the second reduc- 
tion process associated with the hydrolyzed 
species. The authors conclude from their 
studies that the reductive voltammetric be- 
havior for uranyl in magnesium chloride 


electrolyte at a solid graphite electrode is 
simpler than the results reported for other 
electrodes. 

Wei et al. studied the reduction of 
U0 2 2+ in different concentrations of nitric 
acid (0.1-6 M) with added hydrazine at a 
glassy carbon electrode [58]. The hydrazine 
was added to help suppress the reduction 
of the concentrated nitric acid solutions. 
In the 0.1 M HNO3 solutions with no hy- 
drazine added, the reduction of U0 2 2+ 
results in two ill-defined reduction features 
and a single anodic wave on the reverse 
scan at substantially more positive poten- 
tials than either cathodic reductions. The 
authors assign the cathodic features as the 
reduction of U(VI) to U(V) and the reduc- 
tion of U(V) to U(IV). The anodic feature 
is likely the reoxidation of U(V) to U (VI)- 
In 3 M nitric acid, only a single reduction 
wave was observed with no oxidation wave 
on the return scan. The authors suggest 
the single two-electron reduction of U(VI) 
to U (IV), U0 2 2+ /U 4+ couple, due to the 
increase in the H + concentration in solu- 
tion. Since the authors’ motivation for this 
study is related to the processing of spent 
nuclear fuel and separation of uranium 
from plutonium, solutions with high ni- 
tric acid concentrations are advantageous 
for the bulk oxidation of U(VI) to the de- 
sired U(IV) product. Maximum yield of 
U (IV) was obtained in constant-flow bulk 
electrolysis experiments with 6 M HNO3, 
at an applied potential of —0.3 V versus 
Ag/AgCl, with 0.075-0.125 M hydrazine 
added as suppressor, and flow rate of 
3.5-5 mL min -1 . 

The electrochemical reduction behav- 
ior of U0 2 2+ was also studied in a 
nitric acid -hydrazine solution at a tita- 
nium electrode because of its resistance to 
corrosion in nitric acid [59]. It was neces- 
sary to pretreat the titanium electrode, to 
remove surface oxide, through cathodic 
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polarization at a potential of —0.9 V 
versus Ag/AgCl for about 25 min prior 
to obtaining meaningful data for UC> 2 2+ 
reduction. The voltammograms obtained 
at the oxide-free titanium electrode cor- 
respond to the irreversible U 02 2 + /U 4+ 
couple. The results from this study are 
intended to help understand the most 
desirable of conditions during operation 
of a U(VI)/U(IV) electrolysis process in a 
production facility utilizing nitric acid so- 
lutions with a titanium cathode electrode 
configuration. 

Best and coauthors utilized IR spec- 
troelectrochemistry to study the electro- 
chemical reduction of UC> 2 2+ in aqueous 
solutions with KNO 3 as supporting elec- 
trolyte [60]. The pH of the solutions was 
set with appropriate quantities of HNO 3 
and KOH. The optimal pH range for the 
study was 2. 8 -3. 4, since within this range 
speciation of U(VI) is limited to UC> 2 2+ 
and (UC> 2 ) 2 (OH) 2 2+ , disproportionation of 
the electrogenerated U(V) species is min- 
imized, and the U— O stretches for U(VI) 
are observable in the IR spectrum. The 
results from the study indicate that initial 
reduction of UC> 2 2+ at a platinum elec- 
trode surface leads to decomposition of 
the electrogenerated U(V) species into a 
film of uranium oxides on the platinum 
surface. After the surface is conditioned 
with the uranium oxides, further reduction 
of UC> 2 2+ produces UC> 2 + . The IR spec- 
tra show stretches associated with U 02 2+ 
and (U0 2 ) 2 (OH) 2 2+ at 954 and 938 cm' 1 , 
respectively, and diminish as the electroly- 
sis proceeds, and a new feature assigned to 
the asymmetric O— U— O stretch for UC> 2 + 
grows in at 914 cm -1 . The authors were 
unable to determine the exact nature of the 
electrogenerated UC> 2 + , as it could be in- 
corporated within the uranium oxide film 
or dissolved in the electrolyte solution. 


Ugo et al. studied the application of 
ion exchange voltammetry to the reduc- 
tion of U0 2 2+ at a Nafion-coated glassy 
carbon electrode as a possible means of 
detecting trace quantities of uranium in 
aqueous solutions [61]. The Nafion coat- 
ing was employed to preconcentrate the 
uranyl ions within the polymeric mate- 
rial at the working electrode surface. Data 
obtained at bare glassy carbon electrodes 
were included in the study for comparison 
purposes. The reduction of U 02 2+ at the 
uncoated glassy carbon surface shows an 
initial reduction process associated with 
the U0 2 2 + /U0 2 + couple exhibiting lim- 
ited chemical reversibility at pH 2.4 in 
0.1 M NaCl with added HCl. As the scan 
is continued to more negative potentials, a 
second reduction process is evidenced with 
larger peak currents assigned to the pro- 
duction of U(III). This reduction process 
has an associated oxidation wave on the 
return scan with a smaller current value 
than its forward counterpart, again indi- 
cating limited chemical reversibility. On 
the return scan at potentials more anodic 
than the original reduction wave for the 
U 02 2 + /U 0 2 + couple a new anodic wave 
appears. The authors conclude that this 
wave is associated with the U 4 + /U 02 2+ 
couple, where the U 4+ is generated from 
a comproportionation reaction between 
the two electrogenerated reduction prod- 
ucts U(III) and U(V). Voltammetry at 
a Nafion-coated glassy carbon electrode 
in a solution identical to that described 
for the uncoated electrode shows differ- 
ent behavior. There is an increase in the 
current levels of approximately an order 
of magnitude, indicating incorporation of 
U0 2 2+ into the Nafion coating. The ini- 
tial reduction process is now considered 
to be the UC> 2 2+ to U 4+ reduction be- 
cause of the increase in H + activity within 
the Nafion coating even though the pH 
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of the contacting solution is identical to 
that employed with the uncoated electrode. 
This drives the disproportionation reaction 
of the initial electrode product UC>2 + ac- 
cording to Eq. (1) and in the limiting case 
produces a two-electron wave. The second 
reduction process, which shows full chem- 
ical reversibility, is the U 4+ /U 3+ couple. 

Mizuguchi et al. performed cyclic 
voltammetry and UV/vis spectroelectro- 
chemical experiments at Pt working elec- 
trodes on the reduction behavior of 
U0 2 2+ in carbonate and acidic perchlo- 
rate solutions to learn about the redox 
behavior of uranium in groundwater en- 
vironments [62]. The combined results for 
Na4[U0 2 (C03)3] reduction in 1 M Na 2 CC>3 
indicate a single-electron reduction (ca- 
thodic peak potential £ pc of —0.86 V 
versus Ag/AgCl) to a stable U(V) species, 
which the authors conclude is likely 
[U0 2 (C0 3 ) 3 ] 5 '. The potential of deep 
groundwater containing excess carbonate 
is typically about —0.3 V versus SHE and 
would not be adequate to reduce U0 2 2+ 
complexes. In the 0.1 M HCIO4/O.I M 
LiCl04 medium reduction of U0 2 2+ pro- 
ceeds through two reduction processes, 
the first being a quasi-reversible reduc- 
tion at £ pc = —0.2 V versus Ag/AgCl to 
U0 2 + . The second irreversible reduction 
at E pc = —0.4 V versus Ag/AgCl is at- 
tributed to the reduction ofU0 2 + to U(IV). 
The authors’ conclusion is that in a reduc- 
ing acidic groundwater environment the 
reduction of U0 2 2+ ultimately produces 
U(IV). 

Gopinath et al. describe the reduction of 
U(VI) to U(IV) at an activated platinum 
electrode in 1 M H 2 SC>4 for the coulo- 
metric determination of uranium [63]. The 
platinum working electrode is chemically 
and electrochemically oxidized and then 
electrochemically reduced to produce a 
surface that is more active toward uranium 


reduction. Quantitative conversion of 
U(VI) to U(IV) with 100% current effi- 
ciency was achieved at —0.150 V versus 
SCE within 15-18 min. Precision and ac- 
curacy were better than 0.2% at uranium 
levels of 5-10 mg. The results from the 
study confirm the adequacy of utilizing 
primary coulometry at an activated plat- 
inum electrode for the determination of 
uranium. 

In recent years, reports have appeared 
concerning the reduction behavior of 
uranyl in the presence of complexing 
ligand molecules that may subsequently 
adsorb onto the working electrode sur- 
face. These studies are aimed at developing 
electrochemical methods for determining 
the concentration of uranium in dilute 
solutions. As an example, Mlakar and 
Branica studied the voltammetric behavior 
of the uranyl-salicylate-tri-« -butyl phos- 
phate complex at a mercury drop electrode 
in sodium perchlorate solution [64]. The 
method developed allowed for the deter- 
mination of (2.2 ± 0.08) x 10 -8 M U0 2 2+ 
in natural seawater through peak cur- 
rent measurements from normal pulse 
voltammograms. The optimized condi- 
tions consisted of an accumulation po- 
tential of —0.1 V versus Ag/AgCl, a pH of 
3.6, 2 x 10 -4 M tri-«-butyl phosphate, and 
1.4 x 10 -3 M salicylic acid, which yielded 
a peak current maximum at —0.35 V ver- 
sus Ag/AgCl. Other studies of interest 
include the reduction behavior of U0 2 2+ 
as an EDTA complex in perchlorate solu- 
tions [65] and as a cupferron complex in 
acetate buffer solutions [66]. 

Morris studied the aqueous solution 
voltammetric behavior of some uranyl 
coordination complexes to learn how 
changes in the ligand environment 
influence the redox potentials and het- 
erogeneous electron-transfer kinetic pa- 
rameters for the single-electron transfer 
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of the U0 2 2+ /U0 2 + couple [52]. The 
specific complexes studied include aquo-, 
hydroxo-, acetato-, carbonato-, and chloro- 
ligated U0 2 2+ . The acetato complex, 
[U 0 2 (C 2 H 30 2 ) 3 ] _ , displays electrochem- 
ically reversible behavior at a Hg sur- 
face in 1.0 M Na(C 2 H 3 O 2 )/0.1 NaN0 3 at 
pH 5.9, while the carbonato complex dis- 
plays electrochemically irreversible elec- 
tron transfer at a Hg surface in 0.1 M 
Na 2 CO 3 /0.1 M NaN0 3 at pH 11.3. The 
remaining complexes display kinetic be- 
havior that is intermediate between fully 
reversible and irreversible. Digital sim- 
ulations of the voltammetric data were 
employed to quantify some of the kinetic 
parameters. The large spread in E i/ 2 poten- 
tials, [U0 2 C1 4 ] 2 “ /3 “£i/ 2 = -0.065 V and 
[U0 2 (0H) 5 ] 3_ / 4 _ £'i / 2 = -0.927 V versus 
Ag/AgCl, was ascribed to the differences 
in sigma-donor ability of the ligands. 

Compared to studies in acidic media, 
studies on the electrochemical behav- 
ior of U0 2 2+ in basic media are more 
limited. The report from Morris [52] de- 
scribing voltammetry results for hydroxo 
and carbonato uranyl complexes is a re- 
cent example. Previous studies have been 
performed mostly in carbonate and bicar- 
bonate solutions. Wester and Sullivan have 
studied the reduction of U0 2 2+ in these 
solutions to find an electrochemically ir- 
reversible process but disproportionation 
of U(V)0 2 + was evidenced only in the 
bicarbonate solutions [67]. 

25.5.2 

Electrodeposition 

The electrodeposition of uranium as an 
oxide is routinely employed as a means 
of preparing sources for quantitative ana- 
lytical measurement through alpha spec- 
troscopy. Recently dos Santos et al. studied 
the electrodeposition of uranium with 


a focus on the characterization of the 
deposited film employing IR spectroscopy, 
Raman spectroscopy, X-ray diffraction, and 
thermoanalysis [68]. The optimum elec- 
trolysis conditions from a saturated NH 4 Cl 
solution containing uranium nitrate con- 
sisted of a pH of 1, current density of 
0.6 A cm -2 , electrolysis time of 60 min, 
and a distance between cathode and anode 
of 5 mm. The cathode was a 304 stain- 
less steel disc coupled with a Pt wire 
anode. The electrodeposition is thought 
to proceed by precipitation of uranyl ions 
at the cathode surface due to the lo- 
calized increased alkalinity in this area 
as the electrolysis progresses. The au- 
thors conclude that the deposited uranium 
is in the form of a polymeric hydrated 
uranium oxide in which some of the 
waters of hydration are replaced by am- 
monium ions. The monomeric formula of 
the deposit is likely U0 2 (0H) 2 - .rNH 3 • 
yH 2 0 and/or U0 2 (0H) 2 _ x -(0NH 4 ). v • 
yH 2 0. Similar electrodeposition results 
were obtained by Maya et al. onto stain- 
less steel and nickel cathodes from a 0.2 M 
(NH 4 ) 2 S0 4 electrolyte at pH of 2.5 [69]. A 
hydrated uranium oxide film is also ad- 
vanced in this study as the composition of 
the electroplated uranium. The electrode- 
position of uranium has been performed at 
aluminum cylinder cathodes from uranyl 
nitrate/isopropyl alcohol solutions [70]. 

Uranium metal can be prepared from 
a combination electrodeposition/thermal 
decomposition process by first forming 
a mercury amalgam and subsequently 
heating the amalgam to produce pure 
uranium metal. Hasegawa et al. uti- 
lized this methodology to prepare ura- 
nium metal with purity higher than 
a commercial grade of approximately 
99.95% [71]. The electrochemical cell con- 
sisted of anode and cathode compart- 
ments separated by a proton-specific cation 
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exchange membrane. The platinum anode 
compartment was filled with 1 M sulfu- 
ric acid, while the cathode compartment 
contained 0.5-1. 0M HC1 solution. The 
initial step in the process was reduc- 
tion of U(VI) to U(IV) at —0.6 V versus 
SCE, followed by pH adjustment with an 
acetic acid/sodium acetate solution, and 
finally amalgamation from — 2.0 to— 2.3V 
versus SCE. Most of the mercury was re- 
moved from the amalgam at 250 °C in 
a vacuum (<1 x 10 -6 torr) before heat- 
ing to 1200-1300°C for 1 h. Martinot 
and coauthors have reported the elec- 
trodeposition of uranium metal from an 
organic solvent medium [72]. The report 
mostly focuses on La metal electrodepo- 
sition, but the conclusion with regard 
to uranium is that macroscopic quanti- 
ties of metal can be deposited from y- 
butyrolactone/tetrahydrofuran (60/40 vol 
%) solutions. The current density at the 
tungsten working electrode surface must 
be set between 20 and 40 mA cm -2 for 
plating to occur. Since reduction of the 
solvent is a competing process, setting the 
current density too high results in the in- 
hibition of the plating of uranium. Results 
from Inductively Coupled Plasma (ICP) 
analyses of the dissolved metal were used 
to calculate the faradaic yield (about 39% 
at 20 mA cm -2 ). 

25 . 5.3 

Molten-salt Solutions 

Molten salt-based uranium electrochem- 
istry continues to be an important area of 
research because of the use of pyrochemi- 
cal processes within the nuclear industry. 
Previous reviews have covered a large por- 
tion of the literature but recent reports have 
added to the body of knowledge. The recent 
review by Willit et al. on the electrore- 
fining of uranium and plutonium offers 
comprehensive literature coverage from 


1943 to 1991 [73]. The majority ofliterature 
data on the electrochemical behavior of 
uranium in molten salts is based upon 
chloride melts. The typical melts are com- 
binations of several chloride species such 
as NaCl-KCl, LiCl-NaCl-CaCl 2 -BaCl 2 , 
MgCl 2 -NaCl— KC1, and LiCl-KCl eutec- 
tic. There have also been uranium elec- 
trochemistry results obtained in fluoride 
melts on the basis of the fluoride salts 
BaF 2 , CaF 2 , LiF, and UF 4 [74], 

Masset and coworkers studied the elec- 
trochemistry of UCI3 at a tungsten 
working electrode in LiCl— KCl eutectic 
through the use of cyclic voltammetry 
and chronopotentiometry [75]. The study 
was performed as part of their attempt to 
build an updated and accurate database 
on the behavior of actinides in chloride 
melts. The results confirm a reversible 
single electron-transfer process for the 
U(III)/U(IV) couple up to 0.3 Vs -1 and 
independent of temperature from 400 
to 550 °C. The three electron-transfer 
process U(III)/U(0) is reversible up to 
0.2 V s -1 at 550 °C after which a quasi- 
reversible electrode process ensues. The 
apparent standard potentials for the 
U(III)/U(IV) and U(III)/U(0) couples 
are -1.902 V + 0.0006104 x T (K) and 
-3.099 + 0.0007689 x T (K) versus Cl 2 / 
Cl - , respectively. The diffusion coeffi- 
cients for U(IV) and U(III) at 430 °C were 
2.7 and 1.9 x 10 -6 cm 2 s -1 , respectively. 
A similar study was recently performed 
by Kuznetsov et al., and the results were 
very much in line with those presented 
in Refs 27, 76. The potentials for the 
two electrode processes differ slightly in 
each report, with Kuznetsov et al. report- 
ing a slightly more negative value for the 
U(IV)/U(III) couple (-1.517 and -1.461 V 
versus C1 2 /C1 - at 723 K) and a more 
positive value for the U(III)/U(0) electrode- 
position step (—2.283 and —2.543 V versus 
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CI 2 /Cl - ) . A third recent report from Reddy 
et al. again confirms the main findings 
discussed above [77]. 

Iizuka et al. studied the applicability of 
differentiated normal pulse and square- 
wave voltammetry to the on-line monitor- 
ing of actinide concentrations in LiCl— KC1 
molten salt [78]. Most of the study was fo- 
cused on uranium and plutonium analysis. 
The results indicate that for uranium the 
concentration dependence of peak current 
from the square-wave voltammograms 
was not linear at higher concentration 
ranges. The differentiated normal pulse 
voltammograms yielded linear concentra- 
tion/peak current responses but lacked 
the high sensitivity and discrimination be- 
tween closely spaced peaks afforded by 
the square-wave method. The authors con- 
clude that an optimized procedure could 
be developed for application to the on- 
line monitoring of actinide concentrations 
during molten-salt electrorefining. The 
electrodeposition of uranium in molten 
NaCl— KC1— UCI 3 from 670 to 710 °C was 
studied by Serrano et al. to learn more 
about the factors influencing the mor- 
phology of the deposited uranium [79]. As 
previous studies have concluded, dendrite 
formation is unavoidable, and the initial 
step in the electrodeposition is the for- 
mation of a thin layer of deposited metal 
on the substrate surface followed by attach- 
ment of the dendrites to the thin layer. The 
dendritic deposits that are formed are not 
influenced to any large extent by uranium 
ion content or current density, however, 
temperature does play a more dominant 
role on the density of the coatings. 

25 . 5.4 

Nonaqueous Solutions 

In comparison to the other actinides 
the electrochemical behavior of uranium 


in nonaqueous solutions has received 
considerably more attention, although in 
comparison to most transition metals the 
number of studies is limited. Coordination 
and organometallic complexes of uranium 
have been a focus of inorganic chemists 
because of their fundamentally interest- 
ing and unique bonding arrangements. 
This leads to the inevitable studies with 
electrochemical techniques to probe the 
consequence of electron transfer since 
the uranium metal center can exist in a 
number of oxidation states. Morris et al. 
have studied the electrochemical behavior 
for a series of U(IV) “(CsMes^U” com- 
plexes ligated by either a -donor ligands 
(Cl, SO 3 CF 3 , CH 3 , CH 2 PI 1 ) or ligands con- 
taining at least a single nitrogen-donor 
(imido, hydrazonato, ketimido) [34]. The 
electrochemistry was performed in THF 
solvent with [(«-C 4 H 9 ) 4 N][B(C 6 Fs) 4 ] as the 
supporting electrolyte at platinum and 
graphite working electrodes. The advan- 
tageous use of the perfluoro-phenyl borate 
anion in low dielectric constant solvents 
has received considerable attention re- 
cently, [80] and in the present study the 
use of this anion had the added advantage 
of not being susceptible to fluoride ab- 
straction by the uranium organometallics. 
The complexes containing the a -donor 
ligands display a chemically reversible 
U(IV)/U(III) couple between —1.8 and 
—2.6 V versus Fc/Fc + . The specific re- 
duction potential tracks with the a -donor 
ability of the coordinated ligands. The 
electrochemical reversibility of the couple 
varies because of slow electron-transfer ki- 
netics. A metal-based oxidation process 
for complexes containing a a -donor lig- 
and is not observed. The voltammetry 
of the complexes containing at least one 
nitrogen-donor ligand show reduction be- 
havior similar to that of the a -donor 
complexes with reduction potentials from 
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~ —2 to —2.8 V versus Fc/Fc + . I Iowever, 
these nitrogen-donor ligand complexes 
also display a reversible oxidation process 
attributed to the metal-based U(IV)/U(V) 
couple. The U(V) electrode product is 
stable on the voltammetric timescale in 
contrast to the typical behavior of U(V) 
organometallic complexes. This stability is 
likely because of the ability of the nitrogen 
ligands to engage in pi-bonding with the 
uranium metal center increasing the elec- 
tron density at the metal to stabilize the 
U(V) oxidation state. The nitrogen-donor 
complexes contain additional oxidation 
processes associated with ligand-based 
oxidations at more positive potentials 
than the U(IV)/U(V) couple. The U(VI) 
bis(imido) complex, (C 5 Mes) 2 U(=NPh) 2 , 
shows a single electrochemically reversible 
U(VI)/U(V) wave at —1.7 V versus Fc/Fc + . 

Clappe etal. have studied the electro- 
chemical behavior of (RCsH^UCl com- 
plexes (R=H, CH 3 , (CH 3 ) 3 C, (CH 3 ) 3 Si) 
in THF with [(m-C 4 H 9 ) 4 N][PF 6 ] as sup- 
porting electrolyte at platinum work- 
ing electrodes [81]. The results for 
(MeC 5 H 4 )UCl were described in detail 
and for the remaining complexes the gen- 
eral electrochemical oxidation and reduc- 
tion processes were essentially identical. 
The authors observe a chemically and 
electrochemically reversible one-electron 
U(IV)/U(III) reduction process from 0.05 
to 2.0 V s” 1 for (MeC 5 H 4 )UCl at -1.948 ± 
0.004 V versus Fc/Fc + , which substanti- 
ates previous studies on the electrochem- 
istry of Cp 3 UCl in THF [82]. The oxida- 
tion wave associated with the U(IV)/U(V) 
couple is chemically irreversible and 
shows an anodic peak current at slow 
sweep rates that is larger than antici- 
pated for a simple one electron-transfer 
process. These results are explained by 
a disproportionation mechanism for the 
electrogenerated U(V) species, with an 


approximate rate constant, id = 6.3 x 
10 6 mol -1 L s _1 . An electrochemical study 
of Cp 2 U(BH 4 )2 (£ 1/2 = -1.62 V ver- 
sus Fc/Fc+) and Cp 3 U(BH 4 ) (£ 1/2 = 
— 1.92 V versus Fc/Fc + ) in THF with 
[(«-C 4 H 9 ) 4 N][PF 6 ] as supporting elec- 
trolyte shows a reversible one-electron 
reduction process for both complexes at 
slow sweep rates, 0.05 V s' 1 [83]. Chem- 
ical reduction of both neutral com- 
plexes with Na/Hg amalgam yielded 
the stable anions [Cp 2 U(BH 4 ) 2 ]“ and 
[Cp 3 U(BH 4 )]~. Voltammetry results from 
ultramicroelectrode studies in the ab- 
sence of supporting electrolyte showed 
that the supporting electrolyte reacted 
with Cp 2 U(BH 4 )2 giving Cp 3 U(BH4) and 
CpU(BH 4 ) 3 . The latter species further de- 
composed to an electrochemically inactive 
product(s). The electrochemical reduc- 
tion of bis(dicarbollide)uranium dibro- 
mide, [(p 5 -C2B9Hn)2UBr2]-2[Li(THF)4], 
has been studied in THF with [(«- 
C 4 H 9 ) 4 N][PF 6 ] supporting electrolyte at 
a platinum electrode [84]. The voltam- 
mograms show an electrochemically ir- 
reversible reduction with an onset po- 
tential of about —1.56 V versus Fc/Fc + . 
There is a return oxidation wave on the 
reverse scan well separated from the re- 
duction process likely associated with a 
new species. Subsequent chemical re- 
ductions with Na/Hg amalgam in THF 
allowed isolation of the U(III) species ](p 5 - 
C 2 B9Hii)2UBr(THF)]-2[Li(THF) 2 ], result- 
ing from loss of bromide from the parent 
U(IV) system. 

The electrochemical behavior of UCI 4 
in THF with [(«-C 4 Hg) 4 N][B(Ph) 4 ] as sup- 
porting electrolyte was studied to deter- 
mine the fate of the electrogenerated 
U(III) species [85]. The voltammograms 
are not straightforward and a num- 
ber of additional U(IV) chloride species 
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were synthesized and studied to un- 
cover the mechanism of UCI 4 reduction. 
The reduction of UCI 4 displaying three 
cathodic waves is dominated by subse- 
quent chloride ion transfer yielding an- 
ionic U(IV) chloride complexes, which 
are reduced at more negative potentials 
than the starting UCI 4 and its equilib- 
rium U 2 CI 8 species. The U(IV) anions 
formed have been described as [U 2 CI 9 P 
and [UCI 5 ] - . In recent years a num- 
ber of reports have appeared concern- 
ing the one-electron reduction of uranyl 
complexes in dimethylsulfoxide (dmso) 
solvent with [(h-C 4 H 9 ) 4 N][C 1 C> 4 ] as sup- 
porting electrolyte [86-89]. The specific 
complexes reported contain mono-, bi-, 
tri-, and tetradentate ancillary ligands co- 
ordinated to the central uranyl moiety in 
addition to a dmso solvento ligand. Most 
of the results have been summarized in a 
paper by Kim, Asakura, and coworkers, in 
which a clear trend toward more negative 
reduction potentials is presented as the 
denticity of the coordinated ligand(s) in- 
creases [90]. Additionally the authors have 
demonstrated the ability of certain ligands 
to stabilize the typically reactive U(V) ox- 
idation state, allowing characterization of 
changes to the U 02 2+ moiety upon one- 
electron reduction. A common theme in 
the studies is weakened U=0 bonds in the 
U(V) derivatives in comparison to the par- 
ent U(VI) starting compounds. Some of 
the complexes do show evidence of limited 
chemical stability for the electrogenerated 
U(V)0 2 +, and these results are discussed 
in further detail in the referenced works. 

Cyclic voltammetric studies were em- 
ployed to determine the stability of elec- 
trogenerated U(V) derivatives for sev- 
eral bis (alkoxido) -uranium-triamidoamine 
complexes of the general formula 
U(NN 3 )(OR)(OR')Li(THF)„, in which 
NN 3 = N(CH 2 CH 2 NSiMe 3 ) 3 and R, R' = 


Bu r or Ph [91]. The voltammetry was 
performed in THF with [(«-C 4 H 9 ) 4 N][PF 6 ] 
as supporting electrolyte at a platinum 
disk working electrode. The three com- 
plexes studied, corresponding to the 
bis(butoxide), bis(phenoxide), and mixed 
butoxide/phenoxide derivatives, show a 
quasi-reversible, chemically reversible ox- 
idation to the U(V) species and a second 
chemically irreversible oxidation that ap- 
pears to be one electron in nature. The 
£ 1/2 values for the U(IV)/U(V) couples are 
-1.04 V, -1.155 V, and -0.97 V versus 
Fc/Fc + for bis(butoxide), bis(phenoxide), 
and the mixed species. The subsequent 
irreversible second oxidation processes oc- 
cur at E-p values of 0.86 V, 0.445 V, and 
0.745 V versus Fc/Fc + . The stability of the 
U(V) derivatives evidenced in the voltam- 
metry experiments allowed isolation and 
characterization from chemical oxidation 
experiments with the chemical oxidant 
[Cp 2 Fe][PF 6 ]. Cathodic voltammetry scans 
conducted to observe the U(IV)U(III) cou- 
ple in these complexes did not produce any 
voltammetric waves before breakdown of 
the solvent window. Avens et al. reported 
the chemically reversible oxidation of the 
U(III) complex U(OAr) 3 , in which OAr = 
2,6-di-tert-butylphenoxide, at —1.22 V ver- 
sus Fc/Fc + [92]. The quasi-reversible cyclic 
voltammograms were recorded in THF 
with [(n-C 4 H 9 ) 4 N][BPh 4 ] as the support- 
ing electrolyte at a gold disk work- 
ing electrode. Martinot et al. studied the 
electrochemical behavior of CS 2 UCI 6 in 
a series of organic solvents (dimethyl- 
sulfone —400 K, hexamethylphospho- 
ramide —298 and 400 K, dimethylsulfoxide 
—298 K, propylene carbonate —298 K, 1,2- 
dimethoxyethane —298 K) with Li[Cl 04 ] 
as the supporting electrolyte [93], The gen- 
eral results in all solvents consist of two 
reductive electrode processes correspond- 
ing first to the one-electron reduction to a 
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U(III) species and a second three-electron 
reduction to give U(0) metal. The first 
reduction, U(IV)/U(III) couple, is elec- 
trochemically and chemically irreversible 
except in hexamethylphosphoramide at 
298 K where the authors report full chem- 
ical reversibility on the voltammetric 
timescale. The second reduction process 
is electrochemically irreversible in all sol- 
vents and only in dimethylsulfone at 400 K 
was an anodic return wave associated 
with uranium metal stripping noted. Elec- 
trodeposition of uranium metal as small 
dendrites from CS 2 UCI 6 starting material 
was achieved from molten dimethylsul- 
fone at 400 K with 0. 1 M LiCl as supporting 
electrolyte at a platinum cathode. The de- 
posits of uranium and the absence of UCI 3 , 
UCI 4 , UO 2 , and UO 3 were determined by 
X-ray diffraction. Faradaic yield was low 
at 17.8%, but the yield can be increased 
(55.7%) through use of a mercury pool 
cathode. 

25.6 

Neptunium 

25 . 6.1 

Aqueous Solutions 

Neptunium has been characterized from 
the +3 to +7 oxidation states in aqueous 
solution. The standard potentials for vari- 
ous Np ions have been determined from 
measured formal potentials of the various 
redox couples. These data have been thor- 
oughly reviewed by Martinot [94] and Fa- 
hey [95]. Recently the standard potentials 
for the redox couples Np 02 2 + /Np 02 + , 
Np 4 + /Np 3+ , and NpC> 2 + /Np 4+ in acidic 
aqueous solution have been reevaluated 
with more detailed consideration of activity 
coefficients [49, 50]. The standard potential 
accepted here for the Np 02 2 + /NpC> 2 + cou- 
ple is 1.161 ± 0.011 V as determined from 


formal potential measurements during 
voltammetry experiments at a Pt elec- 
trode in 1 M HCIO 4 and 1 M HCIO 4 /I M, 
2 M NaCl 04 mixtures [50a]. For the 
Np 4 + /Np 3+ couple a standard potential of 
0.218 ± 0.005 Vis presented under similar 
experimental conditions. 

Kihara et al. employed flow coulometry 
to study the electrode reactions for Np ions 
in various acidic media [49]. Flow coulom- 
etry has an inherent advantage over the 
conventional bulk coulometry methods in 
that the electrolysis can be achieved rapidly 
to aid in the characterization of unstable 
electrode products. The resulting coulopo- 
tentiograms for the Np 02 2 + /Np 02 + and 
Np 4 + /Np 3+ couples indicate reversible 
processes in nitric, perchloric, and sul- 
furic acids. The differences in potentials 
between the various acids are attributed 
to the associated stability constants of the 
electrode products with the anion of the 
acid in each case. Table 2 contains the 
half-wave potentials for each couple in the 
various acids. 

Kim and coworkers recently stud- 
ied the reduction of NpC> 2 2+ in 3 M 
HNO 3 by cyclic voltammetry and UV/vis 
spectroelectrochemistry [96]. The authors 
found a quasi-reversible process for 
the Np 02 2 + /Np 02 + couple at Pt and 
glassy carbon (GC) working electrodes 
with almost identical formal poten- 
tials of 0.907 V and 0.909 V versus 
Ag/AgCl, respectively. Digital simula- 
tions of the cyclic voltammetry data 
confirmed the quasi-reversibility of the 
electrode couple with experimental and 
calculated standard heterogeneous rate 
constants, k°, on the order of ca 2 x 
10“ 3 cms _1 . The UV/vis spectroelec- 
trochemistry results confirm the stabil- 
ity and identity of the electrogenerated 
NpC> 2 + species. 
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Tab. 2 Half-wave potentials (V versus Ag/AgCI) in acidic solution from 
flow coulometry studies [49] 


Electrode couple 

1 M HN0 3 

7 M HCl0 4 

0.5 M H 2 S0 4 

Np0 2 2+ /Np0 2 + 

0.91 

0.94 

0.88 

Np 4+ /Np 3+ 

-0.13 

-0.06 

-0.21 


The electrochemical behavior of Np 
ions in basic aqueous solutions has been 
studied by several different groups. In a 
recent study, cyclic voltammetry experi- 
ments were performed in alkali ([OH - ] = 
0.9 — 6.5 M) and mixed hydroxo-carbonate 
solutions to determine the redox poten- 
tials of Np(V, VI, VII) complexes [97]. As 
shown in Fig. 2, in 3.1 M LiOH at a Pt 
electrode Np(VI) displays electrode pro- 
cesses associated with the Np(VI)/Np(V) 
and Np(VII)/Np(VI) couples, in addition 
to a single cathodic peak correspond- 
ing to the reduction of Np(V) to Np(IV). 
This latter process at £ p sa —400 mV (ver- 
sus Hg/HgO/1 M NaOH) is chemically 
irreversible in this medium. Analysis 
of the voltammetric data revealed an 
electrochemically reversible Np(VI) /Np(V) 


Fig. 2 Cyclic voltammogram of Np(VI) 
in 3.1 M LiOH on a Pt electrode (area 
~0.5 cm 2 ), first scan, 20 mV s -1 
(reprinted from Radiochimica Acta, Vol. 
89, A. V. Gelis, P. Vanysek, M. P. Jensen, 
K. L. Nash, Electrochemical and 
Spectrophotometric Investigations of 
Neptunium in Alkaline Media, Pages 
565-571 , 2001 , with permission from 
Oldenbourg Wissenschaftsverlag 
GmbH). 


couple at Ef' = 0.148(9) V versus SCE 
and a quasi-reversible Np(VII) /Np(VI) cou- 
ple at E \/2 « 0.450 V versus Hg/HgO/1 M 
NaOH. The voltammetry of Np is in- 
dependent of base concentration above 
1.8 M LiOH, but below this value 
the Np(VI)/Np(V) couple tends toward 
a system with reduced electrochemi- 
cal reversibility. Voltammetric behavior 
in NaOH solutions is very similar to 
the voltammograms in LiOH, with a 
shift in potential for the Np(VI)/Np(V) 
couple to Ef' — 0.106(6) V versus SHE 
in 3 M NaOH. In the mixed hydroxo- 
carbonate solutions (0.8 M NaOH/0.4M 
Na 2 C0 3 and 1.8 M NaOH/0.1 M Na 2 C0 3 ) 
the Np(VII)/Np(VI) becomes chemically 
irreversible and the Np(VI)/Np(V) cou- 
ple is quasi-reversible. This behavior is 
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similar to that previously reported in pure 
carbonate and bicarbonate solutions [98]. 
At stronger hydroxide concentrations in 
the mixed media (6.2 M NaOH/0.3 M 
Na2CC>3) the voltammetric behavior more 
closely resembles the behavior described 
in dilute base with no carbonate present: 
Np(VI)/Np(V) couple is electrochemically 
reversible and the Np(VII)/Np(VI) couple 
is quasi-reversible. The neptunium species 
in solution in the absence of carbonate 
are believed to be [Np02(0H)4] 3_ / 2_ for 
Np(V) and Np(VI), and [Np0 4 (0H) 2 ] 3_ for 
Np(VII). 

25 . 6.2 

Electrodeposition 

Neptunium has been electrodeposited 
from aqueous and nonaqueous solu- 
tions for the preparation of pure sources 
of this element for various investiga- 
tions. Ramaniah et al. electroplated Np as 
NpC>2(OH)2 • 2H2O from an isopropanol 
solution containing Np(V) ions [99]. The 
deposition was performed on an alu- 
minum disc coated with a thin layer of 
gold at 600 V and a current density of 
1-3 mA cm' 2 . From an aqueous HCl so- 
lution at pH 2.7 containing an unspecified 
amount of NH4CI, a deposition yield of 
95% or better was obtained for Np in a 
minimum of 15 min at 2 A cm -2 with an 
applied potential between 8 and 12 V on a 
Ti metal foil cathode [100]. Np metal can 
be obtained through electrodeposition at 
a mercury cathode and subsequent ther- 
mal decomposition of the amalgam to 
yield a button of pure Np metal [101], The 
electrochemical step is performed in ac- 
etate buffer solutions (acetic acid/sodium 
acetate) of pH 3.4-3. 7 with current den- 
sities varying during the experiment from 
ca 50 to 200mAcm~ 2 . A rotating disc 
electrode (RDE) method was developed 


for the preparation of high-quality Np 
a-sources [102]. The advantages of this 
method are high deposition yields from 
large volumes (> 10 mL) of aqueous solu- 
tions in 1-2 h and the use of low current 
densities for more homogeneous deposits. 
A 90% deposition yield of Np is obtained 
in approximately 60 min at 1.4 mA cm -2 
from a pH 4.3, 0.3 M sodium sulfate solu- 
tion on a stainless steel cathode rotating at 
1000 rpm. 

25 . 6.3 

Nonaqueous Solutions 

There are a limited number of studies 
for Np complexes in nonaqueous or- 
ganic solvent media. Sonnenberger and 
Gaudiello performed voltammetry studies 
on several organometallic Np complexes 
(Cp 4 Np, Cp3NpCl, and Cp*2NpCl2 in 
which Cp = C5H5 and Cp* = CsMes) in 
THF solvent to observe the influence of 
ligand environment on the Np(IV) /Np(III) 
couple [103]. Ata Ptworking electrode with 
0.2 M [(/?-C4H9)4N][BF4] as supporting 
electrolyte the measured E 1/2 potentials 
versus the Fc/Fc + couple were —1.27 V 
for Cp 4 Np, —1.29 V for Cp3NpCl, and 
— 1.38 V for Cp* 2 NpCl 2 . While substitu- 
tion of a chloride ligand for Cp did not 
have a large influence on the reduction po- 
tential, the more electron donating Cp* 
ligand shifts the reduction to a more 
negative potential. Detailed voltammetric 
data were not provided, but the electrode 
reaction appears to be chemically and elec- 
trochemically reversible over the sweep 
rates studied. The coordination compound 
Cs 2 NpCl 6 was studied in several organic 
solvents with various electrochemical tech- 
niques [104], In four of the solvents studied 
(hexamethylphosphoramide, dimethylsul- 
fone, DMF, and acetonitrile) the nonideal 
voltammetric behavior is similar in that 
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two irreversible reduction waves are ob- 
served. The authors assign the first re- 
duction to the Np 4+ /Np 3+ couple and 
the second reduction to the three-electron 
process Np 3+ /Np(s). Controlled potential 
electrolyses at potentials more cathodic 
than the Np 3+ /Np(s) couple did not yield 
Np metal at a solid cathode in any solvent. 
In acetonitrile and dimethylsulfone small 
yields (7 and 0.4% current yield, respec- 
tively) of neptunium metal were obtained 
as amalgams at a mercury pool cathode. 
With formamide as a solvent only a single 
wave is observed during the voltammetry 
experiment, and no further elaboration is 
available from the authors. 

25 . 6.4 

Molten-salt Solutions 

The electrochemistry of Np(III) has been 
studied in LiCl— KC1 eutectic molten-salt 
mixtures by several research groups. The 
interest in the molten-salt studies stems 
from their use in the pyrometallurgical 
partitioning of actinide elements from 
radioactive wastes and the necessity to 
understand the redox behavior of the vari- 
ous elements in solution [78]. The general 
voltammetric behavior of Np(III) in the 
LiCl— KCl melt is that of a reversible sin- 
gle step three-electron transfer process 
in which Np metal is deposited at the 
working electrode surface during the ca- 
thodic sweep and stripped during the 
return anodic sweep. Standard potentials 
for the Np(III)/Np(0) couple have been 
determined by several authors with good 
agreement among the different values 
in recent years. Sakamura et al. reported 
a standard potential of —1.484 V ver- 
sus Ag/AgCl at 450 °C with a tantalum 
wire working electrode [105]. Reports from 
Kreuger et al. [106] and Roy et al. [107] are 
in very good agreement with these results. 
At 450° C they report a standard potential 


of — 1.489 V versus Ag/AgCl at a tantalum 
surface. A slightly more negative potential 
of — 1.519 V versus Ag/AgCl at 450 °C was 
reported by Shirai et al. from electromotive 
force measurements [108]. However, in an 
earlier paper coauthor Shirai et al. [109] 
reported a potential of —1.496 V versus 
Ag/AgCl at 450 °C, which is more consis- 
tent with the values of Roy and Kreuger. 

In additional applied studies Mar- 
tinot [110] and Shirai et al. [Ill] re- 
searched the electrodeposition of Np metal 
from NpC >2 and NpN, respectively. With 
methodology similar to that employed with 
Th02, Martinot achieved 99.95% pure Np 
metal on the gram scale through disso- 
lution of NpC >2 at 450 °C in LiCl— KCl 
eutectic with HC1 gas, followed by re- 
duction of the resulting Np(IV) to Np(III) 
with H 2 , and finally electroreduction at 
a tungsten cathode (2.55-3.0 V potential 
difference) to collect Np metal. Shirai and 
coauthors utilized anodic electrodissolu- 
tion (—0.773 V versus Ag/AgCl at 500 °C) 
of NpN within a tungsten basket electrode 
in a molten solution of LiCl— KCl— NpClj 
to produce Np(III) ions in solution. The 
Np(III) was then electrodeposited on a 
solid Mo working electrode at a potential 
of —1.800 V versus Ag/AgCl in approx- 
imately 90% overall yield based on the 
quantity of starting NpN. The redox poten- 
tial for the Np(III)/Np(0) couple was found 
to be —1.568 V versus Ag/AgCl. 


The majority of literature concerning 
the electrochemical behavior of pluto- 
nium is focused on results obtained 
in acidic aqueous or molten salts so- 
lutions. Several reviews have appeared 
on the redox properties of plutonium in 


25.7 

Plutonium 
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solution and most include some data in 
relation to electrode reactions [112-114]. 
The redox properties of plutonium in 
acidic aqueous solution can be com- 
plex because of the possibility of four 
oxidation [Pu(III)— Pu 3+ , Pu(IV) — Pu 4+ , 
Pu(V)-Pu0 2 +, Pu(VI)-Pu0 2 2+ ] states to 
exist simultaneously. A thorough analy- 
sis of disproportionation and equilibrium 
reactions for plutonium ions is provided 
in the Plutonium Handbook, [115] and a 
brief overview of electrochemical meth- 
ods for plutonium research has recently 
been reviewed by Peretrukhin and Maslen- 
nikov [112]. The prevalence of reported 
data in molten-salt solutions is due to the 
use of these solutions in the nuclear in- 
dustry for separation and purification of 
plutonium metal. The recent review by 
Willit et al. provides a thorough coverage 
of the earlier literature in relation to pluto- 
nium electrorefining [73]. The more recent 
results (post- 1991) will be covered in the 
present review. 

25.7.1 

Aqueous Solutions 

In acidic aqueous solution the 
Pu0 2 2 + /Pu0 2 + and Pu 4 + /Pu 3+ couples 
are electrochemically reversible, while 
the Pu0 2 2+ /Pu 4+ , Pu0 2 + /Pu 4+ , and 
Pu0 2 + /Pu 3+ couples are electrochemi- 
cally irreversible because of the breaking 
of the Pu— O bonds during the electron- 
transfer reactions. The earlier electro- 
chemical data on plutonium ions were 
typically obtained at a single, relatively 
high ionic strength, thereby inhibiting 
the accurate extrapolation to zero ionic 
strength, which is needed for standard po- 
tential calculations. More recently the E ^ 
for the Pu0 2 2 + /Pu0 2 + and Pu 4 + /Pu 3+ 
couples have been redetermined through 
application of the Specific Interaction 


Theory (SIT) for more accurate con- 
sideration of activity coefficients [5, 49, 
50b]. Kihara et al. [49] calculated values of 
0.956 ± 0.010 V for Pu0 2 2 + /Pu0 2 + and 
1.026 ± 0.010 V for Pu 4 + /Pu 3+ from the 
cyclic voltammetry data of Riglet et al. [50] 
in perchlorate solutions. In an earlier 
study Capdevila and Vitorge determined 
E^of 0.938 ± 0.010 V for Pu0 2 2 +/Pu0 2 + 
and 1.044 ± 0.010 V for Pu 4 + /Pu 3+ also 
from voltammetric data in perchlorate so- 
lutions [116]. Because of the irreversibility 
of the Pu0 2 2+ /Pu 4+ electrode reaction 
limited formal potential data exist in the 
literature for calculation of the standard 
potential. However, a value of 0.867 V has 
been calculated from the existing data and 
appropriate correction factors [49]. 

To learn more about the reduction 
of the electrogenerated pentavalent plu- 
tonyl species, Pu0 2 + , Kihara et al. studied 
the voltammetry of Pu ions in nitric 
and phosphoric acid mixtures at station- 
ary and rotated glassy carbon working 
electrodes [49]. During the reduction of 
Pu0 2 2+ two waves were observed at the 
stationary electrode and three waves were 
observed when the electrode was rotated. 
From the rotating electrode data the three 
waves are thought to arise from the elec- 
trode reactions shown in Eqns (11-13), 
where the reaction in Eq. (11) is re- 
versible (E \/2 = 0.65 V versus Ag/AgCl) 
and the reactions in Eqns (12) and (13) 
deviate from reversibility (£’i/ 2 ' S = 0.36 V 
and —0.01 V versus Ag/AgCl). The £i / 2 
potentials quoted here are from a mixed 
1.0 M HN0 3 and 1.4 M H 3 PO 4 solu- 
tion. The authors believe that the Pu(IV) 
produced during the reduction of electro- 
generated Pu0 2 + is not Pu 4+ , but rather 
Pu0 2+ that is stabilized by the presence of 
the phosphate anions. The Pu0 2+ decom- 
poses to Pu 4 + according to Eq. (14), and 
then reduces to Pu 3+ at a potential similar 
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to that for Pu02 + described by Eq. (12). 
This leads to a two-electron wave during 
the stationary electrode experiments as the 
residence time of electrogenerated Pu0 2+ 
is increased compared to that in the ro- 
tating electrode experiments. The overall 
two-electron reduction of PuC> 2 + is out- 
lined in Eq. (15). 

Pu 0 2 2+ + e“ * * Pu0 2 + (11) 

Pu0 2 + + 2H+ + e“ < > Pu0 2+ 

+ H 2 0 (12) 

Pu0 2+ + 2H+ ^ > p u 4+ 

+ H 2 0 (13) 

Pu0 2+ + 2H+ + e“ * > Pu 3+ 

+ H 2 0 (14) 

Pu0 2 + + 4H+ + 2e“ * > Pu 3+ 

+ 2H 2 0 (15) 

As with U and Np ions, flow coulometry 
experiments were conducted to further 
study the electrode reactions of Pu ions 
in acidic aqueous solutions [49]. The 
results from these studies confirm the 
reversibility of the one-electron couples 
Pu0 2 2+ /Pu0 2 + and Pu 4 +/Pu 3+ in nitric, 
perchloric, and sulfuric acid solutions. The 
further reduction of PuC> 2 + resulted in an 
irreversible two-electron transfer yielding 
Pu 3 +. The flow coulometry results in the 
mixed phosphoric-nitric acid solutions 
confirm the overall conclusions that have 
been reached from the stationary and 
rotated working electrode experiments 
described previously, in which Pu0 2+ 
is the primary Pu(IV) product from 
PuC> 2 + reduction. 

The technique of differential pulse strip- 
ping voltammetry has been developed for 
the determination of plutonium in nitric 
acid solutions [117]. The successful deter- 
mination of plutonium was demonstrated 


for sample solutions containing silver ions 
as a possible interfering species. The 
procedure consisted of electrodeposition 
for 20 sat —0.7 V versus Ag/AgCl (Pt work- 
ing electrode) followed by an anodic sweep 
to 0.4 V at 4mVs _1 with active back- 
ground subtraction of the electrochemical 
solvent medium. This procedure provided 
data applicable for construction of a Pu 
calibration curve from concentrations of 
50-1000 ppm with an relative standard 
deviation (RSD) of approximately ±2%. 

The Pu 4+ /Pu 3+ couple for a series of 
Pu(IV) /(EDTA 4 ^) based complexes, where 
EDTA = ethylenediaminetetraacetate, has 
been studied as a function of pH and EDTA 
concentration [118]. The voltammetry was 
also studied with citrate and carbonate ions 
present in solution. At a relatively low pH 
of 2.3 and equimolar Pu 4+ /EDTA con- 
centrations a quasi-reversible one-electron 
reduction is observed for Pu(EDTA) at 
E \/2 = 0.342 V versus SHE. The quasi- 
reversibility of this process remains as the 
pH is raised to 4.6. Additional voltam- 
metry studies are discussed in the paper 
for the higher coordinate Pu 4+ species, 
Pu(EDTA)-L (where L = EDTA, carbon- 
ato, citrato), all of which show irreversible 
electron-transfer behavior. 

The electrochemical behavior of pluto- 
nium ions in alkaline media has received 
substantially less literature coverage in 
comparison to results in acidic solutions. 
Most of the literature has been reviewed 
by Martinot [113], and only minimal atten- 
tion has been given to the topic since this 
previous review [119, 120]. 


The electrodeposition of plutonium is rou- 
tinely employed as a means of preparing 
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plutonium samples for alpha spectromet- 
ric measurements. The modification of 
Talvities’s method by Lee and Lee [26] 
described in Sect. 25.3.4 for thorium elec- 
trodeposition has been applied for Pu de- 
position. The modified method gave a yield 
of 98.6 ± 3.1% compared to 92.4 ± 2.8% 
in the previous method in addition to 
slightly enhanced peak resolution in the 
alpha spectra. The application of this 
method for Pu determination in environ- 
mental samples has been reported [121]. 
Luslcus has recently compared electrode- 
position of Pu from environmental air 
filter samples with that of the technique 
of microprecipitation of Pu for prepara- 
tion of alpha spectrometric sources [122]. 
The Pu recovered from the air filter 
samples was consistently higher with 
the microprecipitation method than that 
recovered by the electrodeposition pro- 
cedure. In addition, microprecipitation 
decreases the amount of equipment and 
equipment maintenance time needed to 
perform the analyses. A rotating disc 
cathode cell has been developed for the 
electrodeposition of plutonium with re- 
sulting high-quality and thin, uniform 
deposits [123]. The cathode is a stainless 
steel disc rotated at 1200 rpm in a 0.3 M 
sodium sulfate solution at pH 5 with an 
applied current density of 1 mA cm -2 for 
35 min. The method gave a Pu yield of 
97.5 ± 2.5%. 

25 . 7.3 

Molten-salt Solutions 

Recent studies on the electrochemical 
behavior of plutonium in molten salts 
have mainly been performed in LiCl— KC1 
based melts. The electrorefining step in 
a pyroprocessing procedure for the recy- 
cling of nuclear fuel from the Integral 
Fast Reactor (IFR) Program has been 


described by Laidler and coauthors [124]. 
The process utilizes LiCl— KC1 eutectic as 
solvent and is based on the electrodis- 
solution of spent metal and subsequent 
selective electrodeposition of uranium, 
plutonium, and other transuranic (TRU) 
elements at a solid steel (U) or liquid cad- 
mium (Pu, U, TRU) cathode. Nishimura 
et al. have described a similar electrorefin- 
ing/pyroprocessing procedure [125], and 
have also described the pyrometallurgical 
partitioning of actinides from rare-earth 
elements [126]. The foundation of these 
processes is related to the fundamental 
electrochemical behavior and thermody- 
namic properties of Pu and the other met- 
als in the LiCl— KCl molten salt. Because 
of the importance of Pu electrorefining, 
researchers continue to study the details 
of Pu electrochemistry in molten salts. 
Serp et al. studied the electrochemistry 
of trivalent PuCh reduction in LiCl— KCl 
eutectic from 733 to 823 K [127]. The 
Pu 3 +/Pu° couple was electrochemically 
reversible up to 200 mV s _1 with quasi- 
reversible behavior observed at higher 
sweep rates. From the cyclic voltamme- 
try and chronopotentiometry data standard 
potentials for the Pu 3+ /Pu° couple were 
calculated at 733, 773, and 823 K. At 
733 K the calculations yield an average ap- 
parent E ^ of —2.796 V versus CI 2 /CI - , 
which is similar to a previously reported 
value [107]. 

Uozumi, Iizuka, and coauthors have 
published several studies on the elec- 
trochemical behavior of Pu at liquid 
cadmium cathodes in LiCl— KCl eutectic 
melts [128-130]. In one account [130] the 
authors studied the reduction of Pu 3+ to 
Pu° at the LiCl— KCl melt and liquid Cd in- 
terface and compared the results to those 
obtained at a solid Mo cathode surface. The 
electrode reaction at liquid Cd was found 
to be close to fully reversible with rapid, 
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diffusion-controlled electron transfer. At 
723 K the E \/2 value for the Pu 3+ /Pu cou- 
ple was —1.387 ± 0.002 Vversus Ag/AgCl. 
The data reveal that the cathodic reduction 
peak potential for the Pu 3+ /Pu couple 
is shifted to more negative potentials by 
about 0.340 V at a Mo electrode compared 
to that at the liquid Cd electrode. This dif- 
ference was attributed to a lowering of the 
activity of Pu in the Cd phase and is simi- 
lar to the Gibbs energy of formation of the 
intermetallic compound PuCdg in the liq- 
uid Cd phase. As mentioned in Sect. 25.5.3 
on uranium molten-salt electrochemistry, 
Iizuka et al. [78] looked into the applica- 
bility of square-wave and normal pulse 
voltammetries for the on-line monitoring 
of Pu concentrations in LiCl— KC1 eutectic 
molten salt. The results for Pu were similar 
to those for U in which a nonlinear rela- 
tionship was found between peak current 
and Pu concentration from the square- 
wave data. Additionally, while the normal 
pulse method shows more promise the 
authors point out that there is still a prob- 
lem discriminating between closely spaced 
redox processes. 

Electrochemical studies of plutonium in 
NaCl-based melts are less common than 
that in LiCl — KCl mixtures. In a recent 
paper by Lambertin et al. the standard 
potentials for the Pu(III)/Pu(0) couple 
were determined from cyclic voltammetry 
data in equimolar NaCl— KCl and CaCh 


Tab. 3 Formal Potentials E]f" for 
Am ions in 1 M HCIO 4 [133, 134] 


Electrode couple 

Potential 

AmC> 2 2 + /Am 02 + 

+1.60 

AmC> 2 2 + /Am 3 + 

+ 1.68 

Am 4 + /Am 3+ 

+ 2.6 

Am 3 + /Am 2+ 

-2.3 

Am 3 + /Am(s) 

-2.07 


at 1073 K [131]. The E ^ in equimolar 
NaCl— KCl was calculated as — 2.54± 
0.01 Vversus Cl 2 /Cl- and -2.51 ± 0.01 V 
versus C1 2 /C1 _ in CaCl 2 . This result 
in NaCl— KCl is similar to a previ- 
ously published value of —2.585 V versus 
CI 2 /CI- [132], 


25.8 

Americium 

25.8.1 

Aqueous Solutions 

The vast majority of electrochemical data 
on americium ions has been obtained 
in aqueous solutions. Americium can ex- 
ist in aqueous solutions in the oxidation 
states III, IV, V, and VI. The divalent 
state is difficult to attain in aqueous so- 
lutions because of the proximity of the 
standard potential of the Am(III)/Am(II) 
couple to the solvent/supporting elec- 
trolyte breakdown potential. Previous re- 
views have presented the formal and 
standard potentials for the various ameri- 
cium couples and these reviews should 
be consulted by the interested reader 
for more detailed discussion [133, 134]. 
Table 3 contains a summary of selected 
formal potentials Ef~ from these reviews 
in 1 M HCIO 4 for convenience. All values 
are calculated from various measurement 
techniques except for the Am(VI)/Am(V) 
couple (Am 02 2 + /AmC> 2 + ), which was de- 
termined directly. 

More recent experimental reports have 
focused on detailed electrochemical stud- 
ies to characterize the different americium 
ions in solution in relation to their stability 
and molecular composition. The electro- 
chemical behavior of americium in car- 
bonate media has been studied by several 
different authors because of the tendency 
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of strong complexing agents such as 
carbonates to stabilize the Am(IV) oxi- 
dation state [135-138]. A common theme 
among these studies is the existence of four 
different oxidation states of americium in- 
cluding Am(III)/(IV)/(V)/(VI), which are 
dependent on the pH of the solution, the 
anode potential for oxidation of Am(III), 
and the concentration of MHCO 3 /M 2 CO 3 
(where M = I( or Na). As an example of 
americium behavior in carbonate media 
the results from Myasoedov et al. indicate 
100% production of Am(IV) at pH 8 . 2-9. 7, 
100% Am(VI) at pH 11-12.5, and 100% 
Am(V) at pH > 13.5 [135]. These results 
were obtained within 3 M KHCO 3 -K 2 CO 3 
solutions at a potential of 1.25 V versus 
SHE. Similar results were obtained from 
the other referenced reports. In acetate 
solutions (0.05-0.4 M sodium acetate and 
0.1 M acetic acid) Fedoseev and Krot found 
that oxidation of Am(III) led to the produc- 
tion of Am(VI) in solution [139]. The char- 
acterization of the different americium 
ions in solution was performed by ab- 
sorption spectra. Kulyako et al. found that 
mixtures of acetonitrile with low concen- 
trations of H 3 PO 4 (0.3-2. 0 M) were suit- 
able for the oxidation of Am(III) to Am(IV) 
at 1.4 V versus Hg/Hg 2 SC >4 in essentially 
quantitative yields [140]. This is in contrast 
to results obtained in H 3 PO 4 solutions 
where a concentration > 10 M is required 
for the production of pure Am(IV) [141]. 

Another strong complexing agent 
sodium tripolyphosphate, Na 5 P 3 C>io, was 
employed during the electrolysis of 
Am(III) in a dilute (2 mM) H 2 SO 4 solution 
to attempt stabilization of Am(IV) [142]. 
The concentration of NasP 30 io was 
0.17-0.8 M at pH 1-3 with 0.9 mM 
Am(III). The reported results indicate 
that a mixture of Am(IV) and Am(VI) 
was produced in solution during 
the electrolysis at 1.9 V versus SHE. 


Additional strong complexing agents 
such as alkali metal tungstophosphate 
and tungstosilicate heteropolyanions 
([P 2 Wi 7 0 61 ] 10 - and [SiWn 03 9 ] 8_ ) have 
been used to stabilize the Am(IV) 
oxidation state upon electrolysis of Am(III) 
ions in acidic aqueous media [143]. The 
electrogenerated Am(IV) ions form 1 : 1 
and/or 1 : 2 complexes, [Am] : [anion], 
depending on the total concentration of 
Am and the anion in solution. 

25 . 8.2 

Molten-salt Solutions 

There is a relatively large volume of 
electrochemical data on americium in 
molten-salt media, specifically LiCl— KC1 
eutectic at solid (W, Mo, Ta) and liquid (Cd, 
Bi) electrodes. Lambertin et al. studied 
the electrochemical reduction of AmCh 
in LiCl— KC1 at 470 °C at a tungsten 
working electrode [144]. It was determined 
from the cyclic voltammetric data that 
Am(III) is first reduced to Am(II) and 
subsequently reduced in a second step to 
Am(0). The voltammetry data were used 
to estimate the standard potential for the 
Am(III)/Am(II) couple as —2.84 V versus 
Cr/Cl 2 and —2.945 V versus Cl - /Cl 2 for 
Am(II)/Am(0). These results are in very 
good agreement with an earlier study by 
Fusselman and coauthors [105, 145]. They 
determined standard potentials for the 
Am(III)/Am(II) couple as —2.83 V versus 
CI-/CI 2 and —2.852 V versus Cl — /CI 2 
for the Am(II)/Am(0) couple at 450 °C. 
More recently Lambertin et al. extended 
their studies with a report on the stability 
of Am ions in molten LiCl— KCl in 
the presence of fluoride ions [146]. They 
found that Am(III) undergoes a direct 
three-electron reduction to Am(0) in the 
presence of fluoride at —2.91 V versus 
CI-/CI 2 without voltammetric evidence 
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for Am(II). At more cathodic potentials 
the authors believe that the data are 
indicative of Li v Amy alloy formation. 
Serp et al. have confirmed the previously 
published two-step [Am(III)/Am(II) and 
Am(II)/Am(0)] voltammetric behavior of 
Am(III) in LiCl — KCl at a W working 
electrode and extended the work by 
studying the behavior at an Al working 
electrode [147]. At an Al surface the 
reduction of Am(III) proceeds in a single 
step, Am(III) to Am(0), and occurs at more 
positive potentials than the corresponding 
values at a W surface. The shift in 
reduction potential is attributed to the 
formation of Al— Am alloys. 

25 . 8.3 

Nonaqueous Solutions 

Electrochemical studies in nonaqueous 
media with organic solvents are limited 
with the published reports being relegated 
to experiments in acetonitrile solvent. Mya- 
soedov and coauthors concluded from 
their studies of Am(ClC> 4)3 reduction in 
acetonitrile/0.1 M [(C 2 H 5 ) 4 N][C 10 4 ] that 
americium can be reduced to the di- 
valent state with a formal potential of 
— 1.55 V versus SCE, but small amounts 
of water in the acetonitrile react with 
Am(II) to give basic precipitates of the 
formula Am(OH)i 3_A,+ [148]. The stabi- 
lization of the Am(IV) oxidation state 
through the use of a neutral oxygen donor 
ligand (PI 13 ASO) was noted by Payne and 
Peterson from voltammetry studies in ace- 
tonitrile in the presence of the ligand [149], 
The Am(IV)/Am(III) oxidation potential 
was reported as 0.3 V versus Ag/AgCl, 
although the published cyclic voltammo- 
gram appears nonideal for the determina- 
tion of this potential. From an earlier study 
in acetonitrile/0.1 M [(C 2 H 5 ) 4 N][ClC> 4 ] a 
standard potential of —1.4 V versus SHE 


was determined for the Am(III)/Am(II) 
couple [150]. 

25 . 8.4 

Electrodeposition 

A common method for the electrodeposi- 
tion of Am is from isopropanol solutions 
containing small quantities of dilute acid 
stock solutions of Am ions. Aqueous depo- 
sition methods have also been employed, 
but the organic electrolyte medium is 
more advantageous in that it tends to 
produce more uniform coatings [151]. Zhi 
et al. prepared relatively thick targets of 
Am from a mixture of isopropanol and 
dilute (0.1 N) nitric acid stock solutions 
of 24 i- 243 Am(N 03)3 [152]. The electrolysis 
was typically carried out at 5 mA cm -2 
with a resulting potential of approximately 
500 V between the platinum wire anode 
and aluminum foil cathode. Total plating 
efficiencies of 98% for 241 Am and 94% for 
243 Am were ultimately obtained in about 
1 h of electrolysis. The thickness of the 
films ranged from 622 to 910 pg cm -2 for 
241 Am and from 1.0 to 1.2ggcm -2 for 
243 Am. Becerril-Vilchis and coauthors per- 
formed an in-depth study on the electrode- 
position of Am and physicochemical be- 
havior of the aqueous electrolyte solutions 
containing Na 2 SC >4 at different pH values 
adjusted with H 2 S0 4 andNaOH [153]. The 
electroplating method described for tho- 
rium in Sect. 25.3.4 utilizing DTPA as a 
chelating agent was also employed by Lee 
and Lee for the preparation of 243 Am tar- 
gets [26]. With this method a deposition 
yield of 93.8 ± 3.4% was achieved in 2 h. 

25.9 

Curium 

Electrochemical studies of curium are 
mostly limited to radiopolarography 
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measurements in aqueous solution and 
electrodeposition from aqueous and 
nonaqueous media for the preparation 
of curium targets and sources. However, 
Martinot et al. have performed a 
chronopotentiometric study on the 
reduction of Cm(III) in molten LiCl— KC1 
in which they observe a single wave 
attributed to the direct reduction of 
Cm(III) to Cm(0) at a Pt foil cathode [154]. 
The radiopolarography results are well 
summarized in a recent paper by 
Yamana and Moriyama [155]. A value of 
— 1.77 V versus SHE is presented for 
the E 1/2 value of the Cm(III)/Cm(0) 
couple at pH 3.0 in 0.10 M LiCl from 
the work of Shiokawa et al. [156]. Frenkel 
and coauthors presented results for the 
oxidation of Cm(III) to Cm(IV) in 2 M 
K 2 CO 3 solution at pH 13 [157]. They 
concluded from their electrochemical and 
spectroscopic data that 20% of the Cm(III) 
was oxidized to a stable Cm(IV) species 
after a 90 min electrolysis at 1.25 V versus 
Hg/HgO. 

25 . 9.1 

Electrodeposition 

Lobanov et al. electroplated curium (ulti- 
mately converted to CmC> 2 ) in a series 
of electrodeposition steps from solutions 
of curium nitrate in isobutanol [158]. The 
electrochemical setup consisted of a Ti foil 
cathode, Ti or Al foil anode, potential dif- 
ference of 600 V, and a plating time of 
10-15 min for each plating step. Between 
each deposition step the deposited curium 
was converted to CmC> 2 . The multistep 
procedure allowed targets of curium with 
the desired thickness (300-400 gg cm -2 ) 
to be obtained with a deposition yield 
of no less than 90%. Ramaswami and 
coauthors electroplated curium from iso- 
propanol solution [159]. A 100 gL aliquot 


of curium nitrate was added to 10 mL of 
isopropanol and plating was conducted in 
an electrochemical cell containing a gold- 
coated aluminum foil cathode, platinum 
wire anode, at an applied potential of 
600 V. Within 2 h quantitative electrodepo- 
sition of curium was achieved at a density 
of l-50gg cm -2 . Martinot [160] has pre- 
viously mentioned the electroplating of 
curium from a solution of 50 : 45 : 5 by vol- 
ume ethanol/acetone/water at pH 2-3 ob- 
tained by the addition of 0.1 N HNO 3 [161]. 
The electrodeposition is carried out at a 
stainless steel cathode, with a platinum 
wire anode, and a current density of 
15 mA cm -2 . Curium is deposited by this 
method at 96% efficiency within 4 h with 
a density of 15 ggcm -2 . Hallstadius de- 
scribed a method for curium electrodepo- 
sition at 90% yield from a Na 2 S 04 /H 2 SC >4 
medium at a stainless steel cathode [162]. 


25.10 

Berkelium 

Electrochemical studies of berkelium 
in aqueous media show a reversible 
Bk(IV)/Bk(III) couple. Indeed the Bk(IV) 
species is stable in aqueous media and 
the chemical behavior of Bk is often 
compared to that of Ce. The formal po- 
tential for the Bk(IV) /Bk(III) couple has 
been studied in a number of weakly and 
strongly coordinating mineral acids and 
carbonate solutions. The general findings 
from these studies indicate a shift in the 
oxidation potential of Bk(III) ions, with 
the shift correlating with the complex- 
ing ability of the anions present in the 
electrochemical solution: strongly com- 
plexing anions (SO 4 2- < PO| _ < CC> 3 2_ ) 
shift the oxidation to more negative poten- 
tials [163]. This shift implies stabilization 
of the electrochemically generated Blc(IV) 



species with strongly complexing anions. 
In a noncomplexing perchlorate solution 
(1 M HCIO 4 ) the formal potential for the 
Bk(IV)/Bk(III) couple was recently deter- 
mined by Atonio et al. [164] from X-ray 
absorption near edge structure (XANES) 
spectroelectrochemistry and Nernst anal- 
ysis as £" e '= 1.584 V versus SHE. This 
result is in good agreement with previously 
published data from Stokely [165] and 
Simakin [166]. In basic solution Bk(III) 
is unstable and undergoes auto-oxidation 
from oxygen and radiolytically produced 
peroxide to give Bk(IV) [167]. 

Detailed cyclic voltammetric and bulk 
electrolysis studies have been performed 
on the Bk(IV) /Bk(III) couple in concen- 
trated aqueous carbonate solutions (2 M 
and ca 5 M K 2 CO 3 ; pH range from 9.5 
to 13.5) [168]. The results from these 
studies show that solution-composition 
changes impart large influences on the na- 
ture of the voltammetric response for the 
Bk(IV)/Bk(III) couple. A quasi-reversible 
process is evidenced in 2 M carbon- 
ate solutions at pH 10 and 13.5 with 
£ 1/2 = —0.021 and 0.20 V versus SCE, 
respectively. Characterization of the het- 
erogeneous electron-transfer parameters 
was performed through digital simulation 
of the voltammetric data. In 2 M carbon- 
ate at an intermediate pH value of 11.7 
the voltammetry becomes more compli- 
cated as two electroactive Bk(IV) species 
are present in similar concentration in the 
solvent medium. The authors have invoked 
a square scheme involving electrochemical 
and chemical reactions to account for the 
voltammetric behavior. For a more detailed 
discussion the reader is referred to the 
original paper [168a]. In 2.5 M carbonate at 
pH 9.5 and 4.8 M carbonate at pH 10.4 the 
voltammetry exhibits behavior characteris- 
tic of a nondiffusive species that interacts 
strongly with the electrode surface. 
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Radiopolarography measurements for 
the cathodic reduction of Bk(III) to Bk(0) 
at a dropping mercury electrode in 0.1 M 
LiCl at pH ~ 2 give an amalgamation half- 
wave potential value of 1.63 V versus SHE 
and an estimated E^of 2.18 V [169]. Anal- 
ysis of the electrochemical data leads the 
authors to conclude that the Bk(III) /Bk(0) 
electrode process is irreversible. 


25.11 

Californium 

There is a fairly limited set of electro- 
chemical data on Cf with previous reviews 
covering the most pertinent electrochem- 
ical results [170]. The oxidation of Cf(III) 
to Cf(IV) in aqueous media is very difficult 
because of the relatively positive potential 
of the couple, ca 3.2 V as calculated by 
Nugent et al. [46]. As with Am, strongly 
complexing anions can shift the potential 
of the Cf(IV)/Cf(III) couple to facilitate 
the electron-transfer process. Indeed it has 
been demonstrated that in aqueous potas- 
sium phosphotungstate solutions Cf(III) 
can be chemically oxidized to Cf(IV) with 
persulfate dianion (S 20 s 2 ~) [171]. The re- 
sults in carbonate solution are more am- 
biguous as Hobart et al. [172] were not able 
to oxidize Cf(III) to Cf(IV) in carbonate, but 
Myasoedov and coauthors [135] claim 20% 
oxidation of Cf(III) presumably to Cf(IV) 
in 2 M K 2 C0 3 at pH 13.2. 

Samhoun and David [169] have stud- 
ied the reduction of Cf(III) by radiopo- 
larography in 0.1 M LiCl at pH ~ 2 and 
found a reversible electrode process at- 
tributed to the Cf(III)/Cf(0) couple at 
E 1/2 = —1.508 V versus SHE with an es- 
timated standard potential of —2.030 V. 
These results were called into question 
in a subsequent paper by Musikas 
et al. [173] in which they determined 
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through voltammetry and polarography 
studies on larger quantities of Cf(III) 
that the reduction proceeds in two steps, 
Cf(III)/Cf(II) and Cf(II)/Cf(0), with mea- 
sured £ 1/2 values of —1.47 and —1.68 V 
versus SHE, respectively. The measure- 
ments were performed in dilute H 2 SO 4 
solutions (pH 2. 9-3.0) with [(CH 3 ) 4 N]I as 
supporting electrolyte. Definitive evidence 
for the existence of Cf(II) in solution, 
albeit nonaqueous, was also noted by 
Friedman et al. [174] during polarography 
experiments on Cf(Cl 04)3 in anhydrous 
acetonitrile at a dropping mercury elec- 
trode with 0.1 M [(C 2 H 5 ) 4 N][C 104 ] as sup- 
porting electrolyte. The £ 1/2 values for the 
Cf(III)/Cf(II) and Cf(II)/Cf(0) were -1.00 
and —1.43 V versus SCE, respectively. The 
results for californium were substantiated 
by comparison with the polarographic be- 
havior of Sm(Cl 04 ) 3 , which displays an 
intermediate Sm(II) species, and also with 
Nd(ClC> 4 ) 3 , which displays a direct three- 
electron reduction to the Nd(0). 

Trautmann [100] obtained better than 
90% electrodeposition of Cf-nitrate from 
a 5-mL isopropanol solution containing 
100 pL of 0.1 M HNO 3 . Electrodeposition 
was performed at 1000 V for 30 min 
onto Ti, Ta, and C cathode foils. The 
electrodeposition procedure can also be 
performed from an aqueous HC 1 solution 
at pH 2.7 with added NH 4 CI as electrolyte. 
With an applied potential of 8-12 V and a 
resulting current density of 1.6-2 A cm -2 , 
98% of Cf can be deposited on Ti or Ta 
cathode foils in 15 min. 


25.12 

Einsteinium 

The electrochemical behavior of einstei- 
nium has received only minimal literature 
coverage. Nugent et al. [175] employed 


electron-transfer band and f-d absorption 
band measurements to determine the 
standard potential for the Es(III) /Es(II) 
couple as — 1.2 ± 0.2 V. As with some 
of the other actinides covered in this 
review radiopolarography measurements 
on Es(III) were obtained by Samhoun 
and David [170]. They found a reversible 
electrode process for the Es(III)/Es(0) 
couple in 0.1 MLiClatpH ~ 2 with £ 1/2 = 
— 1.460 V versus SHE and an estimated 
£ ^ of —1.98 V. Electrodeposition of 
Es can be performed from aqueous 
and nonaqueous solutions. A relatively 
recent paper from Fowler et al. describes 
the preparation of 254 Es targets from 
isopropanol for subsequent use in 
accelerator bombardment studies [176]. 
The electrodeposition was performed on 
a Pd coated Be foil cathode from a 1-mL 
isopropanol solution with 50 pL of 0.1 M 
HNO 3 as electrolyte. 


25.13 

Fermium 

The calculated standard potential for the 
Fm(III)/Fm(II) couple is —1.1 V as deter- 
mined by Nugent and coauthors [175, 177]. 
Radiopolarography measurements gave an 
£ 1/2 value of —1.47 ± 0.01 V versus SHE 
for the Fm(II)/Fm(0) amalgamation in 
0.1 M LiClatpH ~ 2 [169]. 


25.14 

Mendelevium 

The standard potential for the 
Md(III)/Md(II) couple as proposed by 
Nugent et al. is -0.15 ± 0.05 V [175], 
This value is similar to the estimated 
value of —0.1 V reported by Maly and 
Cunningham [178]. Samhoun et al. have 
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studied the electrochemical behavior of Md 
at a mercury cathode in aqueous solution 
in the presence of acetate and the more 
strongly complexing citrate ions [179]. 
They determined £ 1/2 potentials of 
-1.49 ±0.01 and -1.60 ± 0.01 V versus 
SCE for the Md(II)/Md(0) couple in 0.1 M 
acetate and citrate solutions, respectively. 
The results were similar to the behavior of 
Fm, which is known to proceed through 
a two-step reduction, Fm(III)/Fm(II) and 
Fm(II)/Fm(0), during its amalgamation 
with mercury. 

25.15 

Nobelium 

In aqueous solution nobelium ions are 
most stable in the ±2 oxidation state. In 
this oxidation state nobelium has a filled f- 
electron shell, 5f 14 , which is likely a major 
factor for its stability. The potential for the 
No(III)/No(II) couple has been calculated 
by Nugent et al. as 1.45 ± 0.05 V [177]. A 
value of —1.4 to —1.5 V was determined 
by Silva and coauthors from experimen- 
tal measurements [180]. David et al. have 
performed electrochemical amalgamation 
experiments for the reduction of No(II) to 
No(0) in aqueous acetate and citrate so- 
lutions [181]. They determined half-wave 
potentials of —1.709 ± 0.006 V versus SCE 
in acetate and —1.780 ± 0.004 V versus 
SCE in citrate. Their data was consistent 
with a reversible two-electron reduction 
process for which the data in acetate so- 
lution was taken as representative of a 
noncomplexing medium. The £ 1/2 value 
in acetate was converted to a value of 
— 1.47 ±0.01 V versus SITE and subse- 
quently used to derive a standard po- 
tential value of —2.49 ± 0.06 V for the 
No(II)/No(0) couple. 
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